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Preface 


+ 


With the adoption of the new national policy on education, the tea- 
ching curriculum of various subjects taught in Indian schools has i 
been restructured and upgraded. The main objectives behind the 
changes are to expose the students to latest developments in the sub- 
ject and also to develop enough competence to enable them pursue 
higher studies in different fields. In the light of this, the Central Board 
of Secondary Education has revised the syllabi. effective from the aca- 
demic session 1989. This textbook, Chemistry for Class XI, has been 
designed to meet the requirements as laid down in the new syllabus. 


In preparing this textbook, the authors’ aim has been to place in 
the hands of teachers and students a book covering the syllabus in a 
thorough, sound and up-to-date manner. The entire subject matter 
has been written in accordance with the recommendations made by 
the International Union of Pure and Applied Chemistry (IUPAC). 
Throughout the book, the emphasis has been put on the use of SI units 
(Systeme International d'Unites) to express the values of physical 
quantities. In the recent past, there has been some hesitation amongst 
the teachers and students to adopting SI units. This is probably due 
to the lack of guidance through suitable textbooks. The present 
book is definitely going to fill this vacuum. Throughout the text, all 
physical quantities have been expressed in SI units. The book contains 
many solved numericals. These have been written laying due emphasis 
on the use of units of physical quantities along with their numerical 
values. This will help the reader appreciate the use of SI units. 

The study of science subjects is incomplete if students confine them- 
selves to the theoretical discussion of the subject matter. They must 
develop the habit of attempting a large number of problems on their 
own. Keeping this in view, a large number of exercises (including pro- 
blems, numericals and multiple-choice questions) have been listed at 
the end of each unit. These exercises would help the students in. self- 
evaluation. 

Although great care has been taken in writing the subject matter, 
yet the possibility of any error or ambiguity in fact or opinion that 
may have found its way into this book, cannot be completely ruled 
out. Comments and criticism from readers will, therefore, be highly 
appreciated and incorporated in subsequent reprints. 


K L Kapoor 
M KATYAL 
RK TRIKHA 
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Atoms, Molecules and » 
Chemical Arithmetic 


Objectives Measurement in Chemistry O Chemical Classification of Matter 
O Laws of Chemical Combination O Atoms and Molecules O Chemical 
Arithmetic 


1.1 MEASUREMENT IN CHEMISTRY 


Physical Quantities and their Units 


Chemistry is mainly concerned with the changes that occur when atoms 
or molecules interact and undergo transformation from one form to 
another. The information regarding any chemical process is obtained 
through experiments where one records systematic data as the process 
progresses with time. The data to be recorded may involve measure- 
ment of physical quantities such as pressure, volume, temperature, 
concentration, density, time, etc. The measurement of any physical 
quantity involves the recording of a pure number which represents the 
following ratio. 


Value of physical quantity 


Value of unit physical quantity = pure numbre 


Obviously, when the experimentally determined pure number is 
multiplied by the value of unit physical quantity, we get the value of 
the physical quantity being measured. For example, we can measure 
the ratio (a pure number) L,/I, of two lengths and /j by using a speci- 
fied method to count the number by which /, must be multiplied to give 
l. If I, is the unit length, then the length J, is equal to the product of 
the number and the unit length /,. In words, we can write 


: — a pure number 
1 


or L, — (a pure number) h 
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If l, = 1 cm, then 
l, = (a pure number) (1 cm) 


Taking a specific example of the length of a page, say 8.4 cm, 
f implies that the length of the page is 8.4 times longer than the unit of 
length which is 1 cm. 


Significant Figures in a Pure Number 


Measurement of a physical quantity is nothing but the determination 
of the number which on multiplication with its unit value gives the 
value of the physical quantity being measured. Two types of measure- 
ments are possible. These involve (1) discrete variation, and (2) con- 
tinuous variation. Normal counting of positive integers is an example 
of discrete variation, For example, we can count the number of peas 
in a bottle, the number of eggs in a basket, the number of bananas, 
etc. In each case, we get an exact number. 

The measurement involving continuous variation, such as the height 
of a man, volume of water in a cup, length of an iron rod, etc., is 
always associated. with uncertainty as the value obtained depends on 
the least count of the apparatus used for this purpose. For example, 
the volume of water measured with a measuring cylinder may come out 
to 150 cm?, whereas the same volume, if measured with the help of 
a burette or a caliberated pipette (precision 0.1), may come out to be 
150.4 cm. The exact value of volume may be 150.40 cm? or a slightly 
less or more (say, 150.38 cm? or 150.41 cm?), we cannot get this value 
unless we employ an apparatus of precision 0.01. Thus, we conclude 
that the measurement of a continuos variable cannot be more precise 
than the precision of the apparatus used. 

The precision of the apparatus used should be reflected from the way 
we write the measurement. The number expressing measurement should 
include all those digits which are certain and a last digit which is un- 
certain. For example, earlier we wrote the volume of water as 150 cm? 
if measured with a measuring cylinder since the precision of the cylin- 
der is l. This means that the volume of water may lie anywhere bet- 
ween 149 cm? and 151 cm’, Similarly, when we measured the volume 
with a burette, we reported it as 150.4 cm?. This means that the 
volume may lie anywhere between 150.3 cm? and 150.5 cm?. In the 
results reported above, the last figure represents the uncertainity of 
the measurement or the precision of the apparatus used. 


The total number of digits in a number is called the number of signi- 
ficant figures. While reporting a number, care must be taken to include 
as many significant figures as permitted by the precision of the appa- 
ratus used for the measurement. To report the data in a larger number 
of significant figures is misleading. On the other hand, if data is report- 
ed in a lesser number, it is equivalent to suppressing some information 
that may be useful. 


The following rules are observed in counting the number of signi- 
ficant figures in a given measured quantity. 
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1. All digits are significant except zeros appearing in the beginning 
of a number. For example, 152 cm, 0.152 cm and 0.0152 cm all have 
three significant figures. 

2. The zeros appearing on the right of a digit, including those ap- 
pearing after a decimal point, are significant. For example, 150 cm?, - 
152.0 cm? and 152.00 cm? carry three, four and five significant figures, 
respectively. 


Scientific Notation to Represent a Number 


A number may have any value including a very small or a large value. 
To express a number in a compact manner, the scientific notation is 
followed. In this notation, a number is written as N x 10", where N 
is a number with a single non-zero digit, to the left of the decimal 
point, and 7 is an integer. For example, the number 150 is written as 
1.50 x 10°. The other examples are Avogadro's constant (6.023 x 
10? mol^!) and Planck's constant (6.626 x 10-4 J s). 


Calculations Involving Significant Figures 


Quite often the experimental data are substituted in the appropriate 
expression to compute the value of an unknown parameter. The expres- 
sion employed involves mathematical manipulations such as addition, 
subtraction, multiplication and division. The substituted data often 
have different degrees of precision. In such a case, obviously, the final 
computed result should not be more precise than the least precise 
number involved in the computation. The following two rules should 
be followed while reporting the final result. 

1. In addition and subtraction, the result should be reported to the 
same number of decimal places as that of the term with the least num- 
ber of decimal places. 

2. In multiplication and division, the result should be reported to 
the same number of significant figures as the least precise term in the 
calculation. 

In reporting the results according to the above two rules, the last 
digit may be rounded off if required. Suppose the final result of 55.673 
is to be reported in three significant numbers, then the result would 
be 55.7. Here the last number 6 has been rounded to 7 as the next 
digit is more than 5. The rule of rounding off an integer may be stated 
as follows. 

“If the figure following the last number to be retained is less than 
or equal to 5, the last number is left unchanged. However, if the figure 
is greater than 5, the last number to be retained is increased by one". 


IUPAC Recommendations on Physical Quantities 


The international union of pure and applied chemistry (IUPAC) has 
recommended the use of seven physical quantities having their own 
dimensions. Their diinensions are completely independent of one 
another and it is for this reason they are known as dimensionally inde- 
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pendent physical quantities. These along with their recomniended 
symbols are described in Table 1.1. 


Table 1.1 Seven dimensionally-independent physical quantities 


along with their symbols 
Physical quantity Symbol 

length Li 

mass m s 
time t 

electric current I 

thermodynamic temperature T 

amount of substance n 

luminous intensity Hh 


Of the seven quantities, luminous intensity is not needed in physical 
'chemistry. It is used in optical photometry and is, therefore, included 
here only for the sake of completeness. 

All other physical quantities can be expressed in terms of the above 
seven physical quantities, It is not necessary that all seven will be 
required to define some other physical quantity. Some may require 
two or three (or more) of these quantities. For example, the physical 
quantity force (which is mass x acceleration or mass x length x 
time~?) requires mass length and time only. 


'The International System of Units (SI Units) 


Earlier, the unit of physical quantity was fixed as per existing conven- 
tions. For example, the distance was expressed in miles, kilometres, 
furlongs, yards, feet, etc., and the mass was expressed in pounds, 
kilograms, seers, tolas and mashes. In order to have consistency in the 
scientific recording, IUPAC has recommended the use of coherent 
units, known as the International System of Units, commonly abbre- 
viated as SI (Systeme International d" Unités). 

The SI base units of the seven independent physical quantities are 
given in Table 1.2. 

The SI base units stated in Table 1.2 have been precisely defined as 
follows. 


Metre The metre is the length equal to 1650763.73 wavelengths in 
vacuum of the radiation corresponding to the transition between the 
level 2pjo and 5d; of the Krypton-86 atom, 


, 


Atoms, Molecules and Chemical Arithmetic 5 


Table 1.2 The base units of seven independent physical quantities 


Physical quantity Name of Symbol for 
SI unit SI unit 
length metre m 
mass kilogram kg 
time second s 
electric current ampere A 
thermodynamic temperature kelvin K 
amount of substance mole 3 mol 


luminous intensity candela Cd 


Kilogram The kilogram is the unit of mass; it is equal to the mass of 
the international prototype of the kilogram. 


Second The second is the duration of 9192631770 periods of the 
radiation corresponding to the transition between the. two hyperfine 
levels of the ground state of the caesium-133 atom. 


Ampere The ampere is that constant current which, if maintained in 
two straight parallel conductors of infinite length, of negligible cross 
section, and placed 1 metre apart in vacuum, would produce between 
pe conductors a force equal to 2 x 1077 newton per metre of 
length. 


Kelvin The kelvin, unit of thermodynamic temperature, is the frac- 
tion 1/273.16 of the thermodynamic temperature of the triple point 
of water. 


Mole The mole is the amount of substance of a system which con- 
tains as many elementary entities as there are atoms in 0:012 kilo- 
gram of carbon-12. When the mole is used, the elementary entities 
must be specified and may be atoms, molecules, ions, electrons, other 
particles, or specified groups of such particles. 


Candela The candela is the luminous intensity, in the perpendicular 
direction, of a surface of 1/600000 square metre of a black body at a 
temperature of freezing platinum under a pressure of 101325 newtons 
per square metre. 

As mentioned earlier, all other physical quantities may be derived 
from the above seven physical quantities. The SI derived units of some 
physical quantities, which have been assigned special names and sym- 
bols, are described in Table 1.3. 
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Table 1.3 Special names and symbols for certain SI derived units 


Physical quantity Name of Symbol Definition of SI unit* 
SI unit for SI 
unit 
frequency hertz Hz gat 
force newton N kg m s~? 
pressure pascal Pa kg m-! s-? (=N m-?) 
energy joule 3 kg m? s? 
power watt Ww kg m? s-? (=J s-!) 
electric charge coulomb c As 
electric potential volt v kg m? s? A-! (=J A-! s~?) 
difference 
electric resistance ohm kg m? s-? A-? (=V A~) 
electric conductance siemens S m~? kg-! s? A? (= si i. 
magnetic flux density tesla T kg s-* AT? 


*While writing two basic units together at one place, a gap should be left in- 
between, otherwise it may carry some other sense. For example the unit ms 
stands for millisecond (10-? s) whereas m s stands for metre into second. 


The physical quantities like force, pressure and energy are very com- 
monly used. It is important to become familiar with these units. 


Force The SI unit of force is newton (1 N= 1 kg m s?). This much 
force can cause an acceleration of 1 m s~ in a body of mass 1 kg. To 
hold a material of mass 1 kg, one would require a force of 9.8 N since 
the weight of the material (i.e. mg where g is acceleration due to the 
gravity) is (1 kg) x (9.8 m s?) = 9.8 kg m s? = 9.8 N. 


Pressure By definition, pressure is equal to the force per unit area. 
So a unit pressure in SI units is the force of 1 N acting on an area of 
1 m°, Hence, its unit is 1 N m~? which is equivalent to 1 kg m-! s. 
A pressure of 1 N m” is given the special name of pascal (symbol: 
Pa). A pressure of 10-5 Pa is known as 1 bar. The atmospheric pres- 
sure (1 atm) is equivalent to 101.325 kPa or 1.01325 bar. 


Energy By definition, energy or work is defined as 
energy or work — (Force) x (distance) 


Hence, a unit of energy (or work) is that much of energy (or work) 
which can move a unit force through a unit distance. In SI units, a 
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unit of energy will be equivalent to 1 N m or 1 kg m^ s^. This unit 
is given the special name of joule. In cgs (abbreviation of centimetre, 


gram and second) units, energy is expressed in calories (symbol: cal). 
The conversion factor is 


1 cal = 4.814 J 


Table 1.4 includes SI derived units and unit symbols fora few 
other physical quantities. 


Table 1.4 SI units of a few other physical quantities 


Physical quantity SI unit Symbol for 
SI unit 
area . Square metre m? 
volume cubic metre m? 
density kilogram per cubic kg m-? 
metre 
velocity metre per second m s~ 
acceleration metre per second ms? 
square 
Heat capacity and joule per kelvin JK-* 
entropy 
Specific heat capa- joule per kilogram J kg K~ 
city per kelvin 
molar heat capa- joule per mole per J mol-! K-* 
city kelvin 
concentration or mole per cubic metre mol m-? 
molarity 
molality mole per kilogram mol kg-* 


In order to express the smaller or larger base units, the SI prefixes 
described in Table 1.5 can be used. 


Table 1.5 SI prefixes 


Fraction Prefix Symbol Multiple Prefix Symbol 


10-1 deci d 10 deca da 
10-8 centi c 10? hecto ho 
10-3 milli m 10° kilo k 
10-* micro u 10* mega M 
10-° nano n 10° giga G 
10-12 pico p 10% tera T 
40-25 femto f 10% peta E 
10-18 atto a 1015 exa E 
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The names and symbols of decimal multiples and sub-multiples of 
the unit of mass, which already contains a prefix, are constructed by 
adding the appropriate prefix to the word gram and symbol g. For 
examples, 10? g is known as centigram (symbol: cg) and not deci- 
kilogram (i.e. dkg). 


Dimensional Analyses 


As stated earlier, the value of a physical quantity is equal to the pro- 
duct of numerical value and a unit, i.e. 


physical quantity = numerical value x unit 


It is advisable to use a physical quantity with its complete defini- 
tion, i.e. to use units along with the numerical values. The units are 
treated the same way as any other quantity in an algebraic operation 
is treated. For exaniple, in algebra, each of the following expressions 
represents the same thing. 


x=6 
x*=2x3 
4/2 = 3 
x/3 = 2 
x/6 =1 


|] 
Similarly, the following expressions represent one and the same 
thing. 


V = 25.0 cm? 
V/25.0 = 1 cm? 
V/cm? = 25.0 


V/10 cm? = 2.5 


The way of writing V/cm? = 25.0 is especially useful for the 
headings in tables and as lables on the axes of graphs. Also, this 
notation is helpful when the logarithm of the numerical value of a 
physical quantity is required. For example, pH of a solution is defined 
as 


pH = — log [H;0*] 
Now the concentration of H;,O* is a physical quantity which, besides 
having a numerical value, has the unit of mol dm-?.' But we want to 
take the logarithm of only the numerical value, so we write the above 
expression as 


pH = — log ([H3O*]/mol dm?) 
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The conversion of one unit into another can be conveniently carried 
out by substituting the appropriate expression in the unit itself, For 
example, 


V = 25.0 cm? = 25.0 (107! dm)? = 25.0 x 10? dm? 
V = 25.0 cm? = 25.0 (107 m) = 25.0 x 1076 m? 
In an expression, if all physical quantities are substituted in SI units, 
then the result of the expression will also come out in terms of SI 
base units. For example, if the volume of 1 mole of an ideal gas is 


required at temperature 27 ^C and pressure of 1 atm, the expression 
to be employed is 


y — "RT 
P 
Now in SI base units, 
T = (27 + 273.15) K 
p = 1 atm = 101.325 x 10? Pa 
R = 8.314 J K^! mor! 
Hence, 


y — (1 mol) (8.314 J K-! mol!) (300.15 K) 
ee 101.325 x 10? Pa 
= 2.463 x10? J Pa! (1.1) 
Now the result has come out in terms of J Pa~!, Consulting Table 1.3, 


it can be easily shown that the unit of J Pa-! is equivalent to m?. 
This is described in the following relation. 


1J Pam! = 1 (kg n? $?) (kg m s2)! 
=m? 


Hence, 
V = 2.463 x 10? J Pa-! = 2.463 x 10? m? 


The advantage of using units along with the numerical value ofa 
physical quantity is quite obvious from the above example. Even if the 
right choice of the value of a physical quantity is not used, the final 
answer will be treated as correct provided the units are also mention- 
ed along with. In support of this we cite the above example again 
where we use p = 1 atm instead of 101.325 x 10? Pa. We will get 


(1 mol) (8.314 J K^! mol) (300.15 K) 
V= 
(1 atm) 
= 2495.45 J atm ! 
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This answer will become identical to that of Eq. a. 1) if atm ^ 1 ig 
changed into Pa^!. Thus, we have 


V = 2495.45 J (101.325 x 10? Pa)! 
= 2.463 x 107J Pa! 
= 2.463 x 107 m? 


Suppose by chance we have used p = 101.325 kPa, then we will 
have 
_ (mol) (8. 314 J K-! mo) (300.15 K) 
Vui 325 kPa) 
= 24.63 J kPa” 


This value will also become identical to that of Eq. (1.1) if kPa! 
is changed to Pa-! or we may convert J kPa- into its equivalent unit 
which will come out to be dm. Hence, 


V = 24.633 kPa^! = 24.63 dm’ 


12 CHEMICAL CLASSIFICATION OF MATTER 


The entire universe may be considered to be made up of two entities, 
namely, matter and energy. Anything which occupies space and has 
mass may be termed as matter. The concept of energy is more subtle 
but its effects can be easily visualised. Light and heat are the two main 


MATTER 


PHYSICAL CHEMICAL 
CLASSIFICATION .," CLASSIFICATION 


| GAS LIQUIO SOLIO 


ELEMENTS COMPOUNOS MIXTURES 


INORGANIC ORGANIC 


HOMOGENEOUS HETEROGENEOUS 
Fig. 1.1 Classification of matter 


Atoms, Molecules and Chemical Arithmetic 11 


modes with the help of which the energy of a substance can be 
changed. 

Man endeavours to systematize the knowledge that he gains by 
studying the various phenomena occurring around him and also from 
the man-made experiments. Based on these, matter has been classified 
into various categories as shown in Fig. 1.1. 

Based on its physical state, matter has been broadly classified into 
three categories, namely, the gaseous, liquid and solid states. The 
main characteristics of these states are described in Unit 3. The classi- 
fication of matter on the basis of its composition is described below. 


Pure Substance and Mixture 


Based on its chemical composition, matter may be classified as a pure 
substance or a mixture. A pure substance is made up of one type of 
substance whereas a mixture is made up of two or more than two 
substances. 


D 


Element and Compound 


A pure substance has been classified into two categories, namely, cle- 
ment and compound. An element contains only one type of substance 
which cannot be broken further into two or more than two substances 
of independent existence. A compound contains two or more than two 
elements which can be broken into simpler substances or their consti- 
tuents by chemical means or by any other means. 


Every pure substance possesses characteristic physical and chemical 
properties which identify the substance and help us to distinguish one 
substance from another. For example, water freezes at 0 °C and boils 
at 100 °C at one atmospheric pressure. It can be decomposed into 
hydrogen and oxygen gases when an electric current is passed through 
an alkaline solution. This shows that water is a compound and it is 
made up of two elements, hydrogen and oxygen. Mercury, which is 
an element, can be characterized from its shining nature and also the 
fact that it exists in the liquid form at room temperature. 

There are 105 elements discovered so far, out of which 92 are found 
in nature and the rest have been synthesized in the laboratory. The 
elements serve as the building blocks of all matter; an enormous 
variety of compounds can be formed by combining different elements. 
Some elements like carbon, oxygen, nitrogen and hydrogen form a 
large number of compounds as compared to the rest of elements. 
Infact, carbon forms such a large number of compounds that the study 
of such compounds constitutes a separate branch of chemistry, known 
as organic chemistry. It is for this reason that the compounds of carbon 
have been classified as organic compounds. All other compounds are 
treated as inorganic compounds. 


Mixtures and their Separation 


A mixture contains more than one substance and these can be present 
in varying amounts. À mixture can also be classified into two catego- 
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ries, namely, homogeneous and heterogeneous. In a homogeneoiis 
mixture, the substances are uniformly mixed right up to the microscopic 
levels and thus cannot be seen by the naked eye or by using a micro- 
scope. It is for this reason that a homogeneous mixture has isotropic 
properties, ie. their properties are uniform throughout the mixture. 


Besides the liquid phase, homogeneous mixtures are also found in 
solid and gaseous phases. A few examples are given below. 


Liquid phase Sodium chloride dissolved in water, ‘sugar dissolved in 
water, iodine dissolved in carbon tetrachloride, a mixture of benzene 
and toluene. 


Solid phase Silver dissolved in gold, cobalt dissolved in nickel, gold 
- dissolved in platinum, and naphthalene dissolved in P-naphthol. 


Gaseous phase Air is a mixture of different gases. 


On the other hand, a heterogeneous mixture is the one in which 
substances are not mixed uniformly in the microscopic levels and these 
can be seen by the naked eye or through a microscope. A hetero- 
geneous mixture has anisotropic propetries, i.e. their properties are 
not uniform throughout the mixture. The common examples of hetero- 
geneous mixtures are soil, a mixture of sulphur and sand, a mixture of 
sand and iron filings, and milk. 

The constituents of a mixture (whether homogeneous or hetero- 
geneous) can be separated by using physical and chemical methods. 
These methods are based on the fact that all properties of constituents 
of a mixture are not identical and some method can always be devised 

` which takes advantage of the difference in one particular property such 
as different solubility in a solvent, different melting points, different 
boiling points, different adsorption characteristics on a particular ad- 
Sorbent and so on. We describe, in brief some of the techniques based 
on the above properties. 


Different solubility in a solvent 


If one of the constituents of a binary mixture is soluble ina solvent, 
then this constituent can be extracted by adding the solvent to the mix- 
ture. After the constituent has dissolved in the solvent, it can be filter- 
ed through a filter paper to get the other constituent as residue 
(Fig. 1.2). The constituent dissolved in the solvent can be recovered 
by evaporating the solvent. A mixture of saltand pepper can be 
separated by using water as the solvent. 


Different boiling points 


If the boiling points of the constituents of a mixture are very different, 
then the separation can be done by boiling off the constituents at dif- 
ferent temperatures. For example, sodium chloride dissolved in water 
can be separated by boiling off water. The boiling point of such a 
solution will not have a fixed value as in the case of pure water, since 
the boiling point of a solution varies with the amount of solute dis- 
solved in it. In the present case, as more and more water is removed, 
the solution becomes more and more enriched in the solute, hence, its 
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boiling point goes on increasing. Nevertheless, all the water can be 
boiled off leaving behind the solute. 


Mixture 


Filter paper 


Solid retained 
by filter paper 


Fig. 1.2 Technique of filtration 


If the liquid being boiled off is also to be recovered then one can 
use the apparatus as shown in Fig. 1.3. 


Thermometer 


Water o 
» ut 


Condenser 


Fig. 1.3 Apparatus used in distillation 


If the constituents of a mixture boil within a narrow range of tem- 
perature, the technique of fractional distillation can be employed 
(Fig. 1.4). 
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Thermometer 


To sink 


Fractionating 
column with 
packing 


Oil bath 


Adaptor 


Distilled 
liquid 


Liquid to be 
distilled 


Fig. 1.4 Technique of fractional distillation. 


In the technique of fractional distillation, one uses the fractionating 
column which is available in several designs (Fig. 1.5). The main func- 
tion of the fractionating column is to provide an obstruction in the 
path of ascending vapours and descending liquid at different témper- 
atures which generally decrease as one moves from the bottom to the 
top of a fractionating column. At each stage in the fractionating 
column, the redistribution of constituents take place; the vapours of a 
liquid with a lower boiling point are preferentially more condensed 
and those of a higher boiling point go on ascending the column. The 
length of the column can be adjusted so as to give the pure constitu- 
ent at the top of the column. 

For example, a mixture of acetone (boiling point 333 K) and methyl 
alcohol (338 K) can be separated by fractional distillation. Crude 
petroleum has been separated into the different fractions such as gaso- 
line, lubricating.oil, kerosene, diesel, etc., by the technique of frac- 
tional distillation. 


Gravity Separation 
If the constituents of a mixture have different densities, they can be 
separated by this method. The common examples are wheat harves- 
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ting (where light chaff is blown away leaving behind the denser wheat 
grains) and panning of gold (where high density gold grains’ settle at 
the bottom). aud 


Simple packed Bubble plate 
column column 


Fig. 1.5 Fractionating columns 


Magnetic Separation 


If one of the constituents of a mixture has magnetic properties, it can 
be separated by using a magnet. 


Chromatographic Techniques 


If the constituents of a mixture have different adsorption characteristics 
ona particular adsorbent, then they can be separated by a technique 
known as chromatography. The technique is used in several forms like 
column chromatography, thin layer chromatography (TLC), gas liquid 
chromatography: (GLC) and paper chromatography. In column chro- 
matography, an adsorbent like alumina (Al,0;) is packed in a column 
and the mixture (to be separated) in a suitable solvent is poured on 
the top of column. The components are then eluted out by a solvent. 
The weakly adsorbed component is eluted first followed by more 
strongly adsorbed components (Fig. 1.6). Chromatography is widely 
used for separation of mixtures, purification of compounds, concen- 
tration of materials and identification of constituents in a mixture. 

Tn addition to the above methods, a large number of other methods 
are also used. These include electrophoresis (based on the difference 
in electrical mobility), ultracentrifugation (based on. the difference in 
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sedimentation velocity in a centrifugal field) and counter current distri- 
bution (based on the difference in distribution between two immiscible 
liquid phases). | 


Solvent 


Mixture 
of three 
constituents 


a+b+c 


Adsorbent 
(stationary 
phase) 


Glass wool 


(i) (ii) (iii) 
Fig. 1.6 Separation by column chromatography; 
(i) starting stage, (ii) intermediate stage, and (iii) 
final stage. 


13 LAWS OF CHEMICAL COMBINATION 


Based on the study of chemical reactions, the following laws have been 
established. 


Law of Conservation of Masses 


This law was established by Lavoisier, in 1774. It states that ina che- 
mical reaction, the mass of reactants (Species before reaction) is equal 
to the mass of products (species after reaction). In other words, the 

- mass) is conserved in a chemical reaction. It leads to the fact that the 
matter in a chemical reaction is neither created nor destroyed. There 
occurs only rearrangement of matter. 


Law of Constant Composition 


This law was established by Proust, in 1799. It states that all pure 
samples of the same compound contain the same elements combined 
in the same proportion by mass. For example, a pure sample of water 
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itrespective of its source contains 88.89 mass % of oxygen and 11.11 
mass % of hydrogen. 


Law of Multiple Proportion 


This law was established by Dalton, in 1803. According to this law, 
when two elements A and B combine to form more than one com- 
pound, the masses of A which separately combine with a fixed mass 
of B (or vice versa) are in the ratio of small whole numbers. For 
example, copper and oxygen combine to form two oxides, namely, 
cuprous oxide and cupric oxide. If the copper and oxygen contents of 
these two compounds are determined, it is found that the masses are 
in the ratio of 7.94:1 and 3.97:1, respectively. Hence, the mass of 
copper in cuprous oxide is just double of that in cupric oxide. 


Problem 1.1 Nitrogen combines with oxygen to form five oxides of 
nitrogen, namely, N20, NO, N203, N20, and N;Os. Show that the 
law of multiple proportions is applicable to both atoms. 

For nitrogen, we find the masses of nitrogen that combine with a 
fixed mass of oxygen (say, 16 g). We will have 


Mass of nitrogen in N20 = 28 g 
Mass of nitrogen in NO — 14g 


i 28 28 
Mass of nitrogen in N20; = 7g X 16g— 58 
: ; 28 iM 
Mass of nitrogen in N04 = a 16g—78g 


28 28 
Mass of nitrogen in N/Os = gg * l6g— $8 


Thus, we find that the ratio of the masses of nitrogen is 


28, , 28 
28:14: Ti: 5 
i A E 
Tie 4:2: gilis 
or 60 : 30:20:15: 12 


For oxygen, we find the masses of oxygen that combine with a 
fixed mass of nitrogen (say, 14 g). 


16 
Mass of oxygen in NO = »g * l4g=8g 


16 
Mass of oxygen in NO =A x 14g= 16g 
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Mass of oxygen in N,O; = z x 14g — 24g 
À 64 
Mass of oxygen in N20; = 28 * 14g—32g 


; 8 
Mass of oxygen in N,O; = A x 14g —40g 


Hence, the ratio of the masses of oxygen is 
8 : 16 : 24 : 32 : 40 
or ESRR BANA 


Since both the ratios involve only whole numbers, the law of multiple 
proportions is applicable to both nitrogen and oxygen. 


Law of Combining Volume 


2H; + O, ——> 2H,0 


Avogadro’s Hypothesis 


Equal volumes ofall gases under similar conditions of temperature 
and pressure contain an equal number of particles. This statement is 


1.4 ATOMS AND MOLECULES 


The explanation for the laws of chemical combination was first pro- 
vided by John Dalton, in 1809. In order to explain these laws, Dalton 
established the model of an atom. 


Atomic-Molecular Theory 


The essential postulates of this theory are given below: 


1. Matter is composed of atoms which cannot be created or des- 
troyed, 
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2. All the atoms of one element are alike (i.e. they have same size, 
shape and mass) but are different from those of any other element. 

3.In compounds, atoms combine together in the ratio of small 
whole numbers and are held together by chemical forces. The smallest 
entity of a compound is known as a molecule. 


Relative Atomic Masses 


The law of combining volume together with Avogadro's hypothesis 

helped earlier scientists to establish the precise nature of a chemical 

reaction. For example, as stated earlier, the fact regarding the gaseous 

(spiri involving hydrogen and oxygen to give water vapour is as 
ollows. 


Hydrogen + Oxygen ——> Water vapour 
2 volumes 1 volume 2 volumes 


Now according to Avogadro's hypothesis, this is reduced to 


Hydrogen -+ Oxygen —-- Water vapour (1.2) 
2 particles 1 particle 2 particles 
or 1 particle 3 particle 1 particle 


According to Dalton's theory, it is not possible to have half an atom 
of oxygen as atoms are indestructible. If it is postulated that oxygen 
exists as a molecule and not as an atom with the formula O», then 


this discrepancy can be removed. 
Similarly, based on the reaction 


Hydrogen + Chlorine —-> Hydrogen chloride 


1 volume 1 volume 2 volumes 
or 1 particle 1 particle 2 particles 
or 4 particle 4 particle 1 particle 


it can be concluded that both hydrogen and chlorine exist as mol- 
ecules with the formula H, and CL, respectively. 

Now employing the molecular formulae H, and O, in the reaction 
between hydrogen and oxygen, we get. 


H,(g) + 1 OXg) — H;O 


that is, every molecule of water contains 2 atoms of hydrogen and 1 
atom of oxygen. 

It was stated earlier, in the law of constant composition, that water 
contains 88.89 mass % of oxygen and 11.11 mass % of hydrogen. 
Since a water molecule contains 2 hydrogen atoms, it is obvious that 
each hydrogen atom will represent (11.11/2) mass %, i.e. 5.555 mass %. 
Thus the ratio of masses of hydrogen and oxygen atoms is 5.555 : 
88.89, that is, 1: 16. This mean that the oxygen atoms is sixteen 
times heavier than an atom of hydrogen. In other words, the atomic 
mass of oxygen relative to that of hydrogen is sixteen or the relative 
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atomic mass of oxygen is 16 if hydrogen is chosen as the standard 
with which the mass of oxygen is compared. It should be clearly 
understood that the numbers 16 and 1 are relative to each other and, 
therefore, do not tell us the precise masses of these atoms. 

The determination of relative atomic masses was extended by Canni- 
zaro. In this schemes, the hydrogen atom was taken as the reference 
atom and assigned an arbitrary value of 1. It was observed that if an 
oxygen atom is taken as the reference and assigned a value of 16, then 
the relative atomic masses of most of other elements came very near 
to whole numbers. Because of this, oxygen was adopted as the ref- 
erence atom. The modern atomic mass scale is based on the nucleide 
carbon-12. 


Average Relative Atomic Mass 


In Unit 4, it will be shown that the atom can be broken into more 
fundamental particles, called neutrons (neutral particles) protons 
(positively-charged particles) and. electrons (negatively-charged parti- 
cles). It will also be shown that the neutrons and protons are placed 
together in the very small volume (known as the nucleus) of the atom. 
The electrons surround the nucleus in some definite patterns. An ele- 
ment is characterized by the number of protons (known as atomic 
number) in the nucleus. Now, an atom can have the same number of 
protons but different number of neutrons in the nucleus. Such atoms 
belong to the same element and are. known as isotopes. The mass of 
an atom is the sum of the masses of neutrons, protons and electrons 
which it possesses. If the nuclei of the same element have a different 
number of neutrons, then itis obvious that their atomic masses will 
be different from each other. The relative atomic masses of elements 
as determined by the scientists are, in fact, the average relative atomic 
masses of its different nucleides. For example, oxygen has three iso- 
topes 50, "O and !*O, with relative abundances as 99.763 %, 0.037% 
and 0.200%, respectively*. Hence, the average relative atomic mass of 
oxygen is given as 


99,763 x 15995 , 0.037 x 16999 , 0200 x 17.999 
100 i io 100 
= 15.999 


1 Mis relative atomic masses of elements are given. at the end of the 
ook. 


The Physical Quantity Amount of Substance and its Units 


So far we have mentioned the relative atomic masses. However, it is 
worth knowing the absolute masses of atoms. The atom is a very tiny 


*In the representation? A, A represents the symbol of the element, n is its 
atomic number (number of protons in the nucleus) and m isits atomic mass 
(number of neutrons and protons in the nucleus). 


Dat 


JAAR. 


xi ug e 5 - Atoms, Molecules and Chemical Arithmetic 2i 


and light particle. First of all, it is not possible to isolate a single 
atom. Even if it were possible, it would be impossible to weigh such 
a light particle. However, we can deal with the collection of many 
atoms and weigh them. If we know the number of atoms in the col- 
lection, we can find the mass per atom of the nucleus. Such an ap- 
proach is actually followed. We define a physical quantity, amount of 
substance, which refers to the collection of entities such as atoms or 
molecules. The amount of substance like length, mass and time isa 
dimensionally independent physical quantity. It is defined as follows. 

The amount of substance (symbol : n) is proportional to the number 
of specified entities (symbol : N) of that substance. The proportionality 
factor is same for all substances. Hence, we write 


no N (1.3) 


The unit of amount of substance is mol (abbreviation of mole). By =, 


definition; the mole is the amount of substance of a system which 
contains as many elementary entities as there are atoms in 0.012 kg 
of carbon-12. When the mole is used, the elementary entities (atoms, 
molecules, ions, etc.) must be specified. Experimentally, this number is 
found to be 6.023 x 102. Since this number is present in 1 mole of 
the substance, it is written as 6.023 x 10% mol ! and is known as the 
Avogadro constant (and not Avogadro number as itisnota number 
but is a number divided by amount of substance and thus has a unit of 
mol”), With this knowledge, Eq. (1.3) can be written as 


N 

DNE 1.4 
oy (1.4) 
where N; is the symbol for Avogadro constant. For example, if a Sys- 
tem contains 3.0115 x 10? entities, the amount of the substance 1s 


N 3.0115 x 10? 
m m $5 5) * 
n= N, 6023 x 10% mor? 0.5 mol (1.5) 


Formerly, Eq. (1.5) was read as *the number of moles of the sub- 
stance is 0.5”. This is as wrong as calling mass m, the number of kilo- 
grams, and length Z, the number of metres. Thus, the use of the phrase 
“number of moles equal to 0.5" should be completely replaced by 
“amount of substance equal to 0.5 mol". 


IUPAC Recomendations on Atomic and Molecular Masses 


IUPAC defines the following terms to be used to describe the atomic, 
and molecular masses. 


1It is worth pointing here that the word ‘amount’ is exclusively reser 
the unit mol. To write or say that the amount of substance is5 gis t 
wrong. One should say that the mass of the substance is5g. 
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Relative Atomic Mass of an Element 

The ratio of the average mass per atom of a specified isotopic coñ- 
position* of an element to 1/12 ofthe mass of an atom of nuclide 
carbon-12, i.e., 


n Mass of an atom 
m (1712) mass of an atom of "C i6) 


Relative Molecular Mass of a Substance 
The ratio of the average mass per molecule of a specfiied isotopic com- 
osition of a substance to 1/12 of the mass of an atom of the nuclide 


Be. he:, 


Mass of a molecule 
oie (1/12) mass of an atom of "C Gs) 


The quantities A, and M, are formerly known as atomic weight and 
molecular weight, respectively. However, these terms are no longer 
used as the word weight means gravitation force (F = mg, where m 
is the mass and g is the gravitational acceleration). 


Atomic Mass Unit 
The quantity (1/12) mass of an atom of 12C is known as the atomic 
mass unit (symbol : m,,). Hence, Eqs (1.6) and (1.7) can be written as 


A, = mass of an atom (1.8) 
; May N 
mM = mass of a molecule (1.9) 
talk Mau i 

It may be noted that the quantities 4, and M, carry no units as it 
is simply the ratio of two masses. 

The value of atomic mass unit can be determined from the defini- 
tion of the unit mole of the substance. As described above, one mole 
of the substance contains 6.023 x 10? entities and for carbon-12, 
the mass of these number of atoms is 0.012 kg. Hence, we have 


pc» 0012 kg mol! 
m CC) = $953 x 105 mor 


Now since Mg, = (1/12) m (°C), we have 
mus T ( 0.012 kg 
an 12 16.023 x 102 
= 1.6603 x 107? kg (1.10) 


*The natural isotopic composition is assumed unless some composition is 
specified. 
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From Eq. (1.10), it follows that 


_ 10-3 kg mol!  1gmol'! 
NA NA 


Mau (1.11) 
Atomic Mass 


The average mass per atom of a specified isotopic composition of an 
element is known as atomic mass. Itis simply a mass and thus has 
the unit of mass (i.e. kg or g). From Eq. (1.8), it follows that, 


mass of an atom, A = A, Mau (1.12) 


that is, the mass of an atom (or atomic mass) is equal to the relative 
atomic mass times the atomic mass unit. 


Molecular Mass 


The average mass per molecule of a specific isotopic composition of 
a substance is known as molecular mass. It is simply a mass and thus 
has the unit of mass (i.e, kg or g). From Eq. (1.9), it follows that, 


mass of a molecule, M = M, Mau (1.13) 


that is, the mass of a molecule (or molecular mass) is relative molec- 
ular mass times the atomic mass unit. 


Molar Mass 

The average mass per unit amount of substance (applicable to both 
atoms and molecules) of a specified isotopic composition 1s known as 
molar mass. Mathematically, we write it, as 


Mim (1.14) 
n 
Since the unit of mass (m) is kg or g and that of amount of substance 


(n) is mol, it follows that the unit of molar mass is kg mol-! or g 
mol-!. 

Relation between Molar Mass and Atomic or Molecular Mass 

If a system has N entities, we will have 


m=NA o m=NM 


and n= NIN; 
Substituting these in Eq. (1.14), we get 
NA à NM 


=N,A or Maison NAM 


Ms = NIN, 


ÀA Chemistry for Class Xl 
Making use of Eq. (1.12) or (1.13), we get 

Mm = Ny (A, ma) or Ma = Na (M, my) 
Now making use of Eq. (1.11), we get 


-1 ty 


= A, (1 g mol!) = M, (1 g mol") 
ie., M,llgmol'—4, ie. M,lg mol"! = M, 


that is, the relative atomic (or molecular) mass is the numerical value 
of the molar mass expressed in g mol". 
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In this section, we shall learn the quantitative aspects of a chemical 
reaction. Before describing these aspects, it is worth considering the 
method used to determine chemical formulae of the substances. 


Empirical and Molecular Formulae 


In chemistry, the elements and compounds are represented by the re- 
commended chemical symbols. The empirical formula of a compound 
describes the simplest relative number of different types of atoms pres- 
ent in the compound, whereas the molecular formula describes the 
exact number of different atoms present in it. For example, benzene 
has a molecular formula CsHg and its empirical formula will be simply 
CH. Thus, the molecular formula is an integral multiple of its empir- 
ical formula. 


Determining Chemical Formulae 


The information regarding the type and number of atoms present in 
the molecule of a compound can be obtained experimentally. Two 
types of experiments can be carried out, namely, (1) to synthesize the 
compound from the requisite elements, and (2) to break the com- 
pounds into the simple fragments whose compositions are already 
known. The second method is commonly followed, especially in the 
case of organic compounds containing carbon and hydrogen. The 
compound is burnt in a close vessel with excess of oxygen so that 
carbon is converted into carbon dioxide and hydrogen into water. By 
weighing the masses of carbon dioxide and water formed, the masses 
of carbon and hydrogen in the original compound can be determined. 
Usually, these data are provided in mass per cent. The oxygen atoms 


Atoms, Molecules and Chemical Arithmetic 25 


already present in the compound are normally not stated and can be 
obtained by subtracting the sum of percentages of all other elements 
from 100. 

The first step in determining chemical formula of a compound is 
to find out its empirical formula from the provided data on mass per- 
centages. This is achieved by dividing mass percentages by the cor- 
responding atomic masses. From the values so obtained, one can find 
out the simplest ratio of amounts of different elements present in the 
compound. Any fraction involved in this ratio can removed by divid- 
ing or multiplying the whole ratio by a suitable number. From this 
ratio, the empirical formula of the compound can be written down by 
taking the corresponding number of atoms of each element. 

The second step involves the determination of the exact number of 
atoms present in the compound. This is achieved by dividing the mo- 
lecular mass by the empirical mass. The latter can be obtained from 
the empirical formula of the compound. The empirical formula is 
multiplied by the number obtained during the division of molecular 
mass by empirical mass. The resultant expression is the required mo- 
lecular formula of the compound. 


Problem 1.2 If the element composition of butyric acid is found to 
be 54.2 mass % C, 9.2 mass % H and 36.6 mass % O, determine its 
empirical formula. The molecular mass of butyric acid was found to 
be 88 amu. What is the molecular formula? 


Step I To find the ratio of amounts of atoms from the given mass 
percentages. 


Ele- Mass Mass Amount taken 


ment 7A taken 
C 542 542g 54.2 g/12 g mol! = 4.5 mol 
H 9.2 92g 9.2g/1 g mol! = 9.2 mol 
(0) 36.6 36.6 g 36.6 g/16.g mol”! = 2.3 mol 


Thus, the required ratio of amounts is C: H : O : : 4.5 : 9.2 : 2.3. 


Step II To find the simple ratio involving integers only. Dividing the 
above ratio by 2.3, we get 


CyHr0::294:1 
Hence, the empirical formula is CjH4O 
Now, the empirical mass — (2 x 12 + 4 x 1 4-1 X 16) amu 
- 44 amu 
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The given molecular mass — 88 amu 


_ molecular mass _ 


e n- — = 
Hence empirical mass 


Therefore, the molecule is C4H;O;. 


Balancing Chemical Equations 


An equation involving the substances in a chemical reaction is known 
as chemical equation. In this equation, substances are represented by 
the corresponding chemical formulae. A correct chemical equation 
must satisfy the law of conservation of mass. This means that the 
number of atoms of each kind must be the same on both sides of the 
reaction. An equation of this type is known asa balanced chemical 
equation. By convention, the stoichiometric numbers appearing in a 
balanced chemical reaction are the smallest whole numbers. For ex- 
ample, the reaction 


H,(g) + 40, (g) ——> H,0(g) 
may be preferentially represented as 
2H,(g) + OX(g) ——> 2H,0(g) 


In order to have a complete description of the reaction, the physical 
states of the substances are represented by the letters s for solid, Z for 
liquid and g for the gas. These are written within the parenthesis im- 
mediately after the formulae of the substances. For the substances in 
water, the symbol aq, which stands for aqueous, is used. The heat in- 
volved in a reaction is separately written as the energy or enthalpy 
change. This is discussed in Unit 8. 


A Few Examples of Balancing Chemical Reactions 
1. Combustion of ethane The reaction is 


GH; + 0, —- CO, + HO 


The balancing of the above reaction can be done as follows. 


(a) Balancing carbon atoms: There are two carbon atoms on the 
ghee side and one on the right-hand side. So, we multiply CO, by 
seis 


GH; + 0, —+ 2CO; + #,0 


(b) Balancing hydrogen atoms: There are six hydrogen atoms on 
on the left-hand side and two on the right-hand side. So, we multiply 
H,0 by 3 i.e., 


CH, + 0; — 2 CO, + 3H,0 
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(c) Balancing oxygen atoms; There are now seven oxygen atoms, 
on the right-hand side and two on the left-hand side. So, we multiply 
O; by 7/2, i.e., 


CH, + 1o —» 2C0, + 3H,0 


Tn order to have only integers in the stoichiometric coefficients, we 
multiply the whole reaction by 2, i.e., 


2 CH, + 70; — 4 C0; + 6 H;O 


This is the required balanced chemical equation. 
2. Balancing of the Reaction 


Fe,(SO,)3 + NH; + H;O —- Fe(OH); + (NH4); SO, 


We may proceed as shown in the following: 

(a) Balancing sulphate groups: There are three sulphate groups on 
the left-hand side and one sulphate group on the right-hand side. So, 
we multiply ammonium sulphate by 3, i.e., 


Fe,(SO,); + NH; + H;O —— Fe (OH); + 3 (NH4); SO, 


(b) Balancing iron atoms: There are two. iron atoms on the left- 
hand side and one on the right-hand side. So we multiply ferric hy- 
droxide by 2, i.e., 


Fe,(SO,)3 -+ NH;-- H,O —-» 2 Fe(OH); + 3 (NH45SO, 


(c) Balancing nitrogen atoms: There are six nitrogen atoms on the 
right-hand side and one on the left-hand side. So we multiply ammonia 
by 6, i.e., 


Fe,(SO,); + 60H; + H,O —— 2Fe(OH); + 3 (NH4),SO, 


(d) Balancing oxygen atoms: There are six oxygen atoms on the 
right-hand side and one on the left-hand side. So we multiply water 
by 6, i.e., 


Fe,(SO,4); + 6NH; + 6H;0 ——> 2Fe(OH); + 3 (NH4),S0, 


(e) Balancing hydrygen atoms: We find that the hydrogen atoms, 
which are left unattended so far, are automatically balanced. Hence, 
the above reaction is the required balanced chemical equation. 

Most of chemical reactions fall into the category or redox reactions. 
ud a esi used to balance such types of reactions are discussed in 

nit 
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Mole-Mass Relationship in a Chemical Reaction 


A balanced chemical equation provides quantitative information ré- 
garding the consumption of reactants and production of products. The 
numbers which precede the chemical symbols and which balance the 
equation (with the understanding that if no number appears, it is 
equal to unity) are called the stoichiometric coefficients (or numbers) 
and are proportional to the number of molecules or the amounts of 


y A vXB—— 9s C H wD 


yj, Yy Vy and v4 are the stoichiometric coefficients for the species A, 
B, Cand D, respectively. The changes in the number of molecules or 
the amounts of constituents during the course of reaction will be re- 
lated to each other through the expression 


dN, Ns Ne diio 


YA M Ve M 
5 _ any _ e dic _, diio 
VA M Ye YD 


where dN stands for the change in number of molecules and dn for 
the change in amount of substance. The negative and positive signs 
in the above expressions represent, respectively, the decrease and in- 
crease in the number of molecules or the amount of the substances. 
Taking a specific example of the reaction 


2H(g) + Oxg) —> 2H20(8) 


we can write 
. NB)... dN(O2) .. dN(H,0) 
2 1 2 
à ed a dn(Q) __ dn(H,0) 
1 2 


In general, for the above reaction, we can state that 


1. 2x molecules of H,(g), combine with 1x molecules O,(g) to give 
2x molecules of H;O(g) where x can have any integral CU or 
example, 2 molecules of H, combine with 1 molecule of O, to give 2 
molecules of H,0 or 4 molecules of Hz combine with 2 molecules of 
O, to give 4 molecules of H5O, and so on. 

2. In terms of molecular masses, 2x x 2.016 x m, of H, combine 
wich Ix x 32.00 x my, of O; to give 2x (2.016 + 16.00) ma, of H,O, 
where x can have any integral value and m,, stands for the atomic 
mass unit (= 1.6603 x 1077" kg). 

3. In terms of amount of substance, 2y mol of H, combine with 
ly mol of Oz to give 2y mol of H,O, where y can have any numer- 
ical value (need not be only an integer). For example, 2 mol of Hz 
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combine with 1 mol of O; to give 2 mol of H;O or 3 mol of H; com- 
bine with 1.5 mol of O; to give 3 mol of H;O, and so on. 

4. In terms of molar masses, 2y x 2,016 g of Hz (where 2.016 g 
mol"! is the molar mass of H,) combine with ly x 32.00 g of 0; 
(where 32.00 g mol-! is the molar mass of O;) to give 2y x 18.016 g 
of H,O (where 18.016 g mol is the molar mass of H;O). Here y can 
have any numerical value (need not be only integrals). : 

The above interpretations also hold good for the reactions taking 
place in solution, If it is assumed that the volume of the solution does 
not change during the course of a reaction, then the changes in the 
reactants and products can also be stated in terms of molar concen- 
trations. By definition, molar concentration is equal to the amount of 
substance present per dm? of the solution. The molar concentration is 
represented by the symbol M and its unit mol dm™ is represented by 
M (roman type). 

A given reaction may be started with any amounts of reactants, but 
the consumption will take place in accordance with the stoichiometric 
coefficients appearing in the balanced chemical reaction. For example, 
let the reaction 


H,SO, + 2NaOH ——> Na,SO, + 2H,0 


be started with 0.5 mol of H;SO, and 0.7 mol of NaOH. From the 
chemical reaction given above, we find that 1 mol of H5SO, will com- 
bine with 2 mol of NaOH. But we are provided with 0.5 mol of H,SO, 
which will react with 2 x 0,5 mol, i.e. 1 mol of NaOH. But we are 
provided with only 0,7 mol of NaOH. Therefore, we can conclude 
that only 0.35 mol out of 0.5 mol of H;SO, will react and the remain- 
ing 0.15 mol will remain unreacted. Accordingly, the amounts of 
NaSO, and water formed will be 0.35 mol and 2 x 0.35 mol, respec- 
tively. The reactant present in a lesser amount than the required one is 
a as limiting reactant because its amount limits the amount of 
products. 


_ We now solve a few problems to illustrate the mole-mass relationship 
in a chemical reaction, 


Problem 1.3 Potassium bromide contains 32.9 mass % of potassium. 
If 6.40 g of bromine is made to react with 3.60 g of potassium, calcu- 
late the mass of potassium which combines with bromine to form 
potassium bromides, 

From the given percentage of potassium in potassium bromide, we 
can proceed as follows. 

67.1 g of bromine will react with 32.9 g of potassium to give 100g 
of potassium bromide. Hence, for the given mass of bromine the mass 
of potassium that can combine is 


32.9 g of K 


67.1 g of Br, x 6.40 g of Br, = 3.138 g of K 


" 
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Problem 1.4 A sample of NaOH weighing 0.38 g is dissolved in water 
and the solution is made to 50.0 cm’. What is the molarity of the 


resulting solution? 
Molar mass of NaOH = 40.0 g mol! 


Amount of NaOH in 0.38 g — ise 


= 0.0095 mol 
Volume of solution = 50.0 cm? = 50 (107! dm? 
= 50 x 10-3 dm? 


Hence, 


» h 0.0095 mol 
Molarity of solution = 50 x 10-3 dm? 


= 0.19 mol dm? 


Problem 1.5 What mass of magnesium chloride is needed to prepare 
100 cm? of 0.25 M solution? 


Molar mass of MgCl; = 95.3 g mol 


The 0.25 M solution means 0.25 mol of MgCl, is present in 1000 
cm? solution. So in 100 cm? solution, the amount of MgCl, is 0.025 
mol. The mass of 0.025 mol MgCl, is 


m = (0.025 mol) (95.3 g mol!) = 2.3825 g 


Problem 1.6 What volume of the concentrated sulphuric acid con- 
taining 98 mass 9, of H SO; is required to make 5.0 dm? of 0.5 mol 
dm solution of sulphuric acid. Given that the density of concentrated 
solution is 1.84 g cm-?. 


Amount of sulphuric acid in 5.0 dm"? of 0.5 molar 
solution = (0.5 mol dm?) (5.0 dm?) = 2.5 mol 
Molar mass of H,SO, = 98.08 g mol! 
Mass of HSO, in 2.5 mol = (98.08 g mol!) (2.5 mol) 
= 245.2 g 
Mass of the given concentrated solution containing 


245.2 g of H5S04 = m x 2452 g = 2502 g 


^ 
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Since the density of the concentrated acid solution is 1.84 g cm’, it 
means that 1 cm? of solution weighs 1.84 g. Hence, the volume of 
solution containing 250.2 g of total mass will be 
1 cm? 
1,84 g 


x 250.2 g = 136.0 cm? 


Problem 1.7 Butyric acid contains only C, H and O. A 4.24 mg 


` sample of butyric acid is completely burned. It gives 8.45 mg of 


carbon dioxide and 3.46 mg of water. What is the mass percentage of 
each element in butyric acid? 
Mass of carbon in 8.45 mg of CO; 
Molar mass of C 


^ Molar mass of CO, debis asd 


12 
= ad X 8.45 mg — 2.305 mg 


Mass of hydrogen in 3.46 mg of H;O 


2 x molar mass of H 
Molar mass of H;O % 3.46 mg 


a x 3.46 mg = 0.384 mg 


Mass % of C = rae x 100 = 54.36 


d 0.384 
Mass % of H = 324 mg x 100 — 9.06 


Mass % of O = 100 — (54.36 + 9.06) = 36.58 


Problem 1.8 16 g of pure manganese dioxide is heated with excess 
of HCl and the gas evolved is passed into a solution of KI. Calculate 
the mass of iodine that is liberated. The atomic masses of Mn, Cl and 
Tare 55.0 g mol, 35.5 g mol! and 127.0'g mol", respectively. 
The reactions are 
MnO, + 4HCI ——> MnCl, 4- 2H;O + Cl, 


OKI 4 Ch —> OKC, 


Now, 
Molar mass of MnO, = 87.0 g mol! 
Molar mass of Cl, = 71.0 g mol! 


Molar mass of I, = 254.0 g mol 
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From the reactions, it follows that 1 mol of MnO, replaces 1 mol of 
Cl, which in turn replaces 1 mol of Ip. Hence, 1 molar mass of MnO, 
(i.e. 87.0 g mol) will generate 254.0 g of Iz. Hence, 16 g of MnO, 
will generate iodine equal to 


254.0 g h ah 
$70 g MnO; x 16 g MnO, = 46.71 g Lh 


Problem 1.9 2.5 g calcite (CaCO;) was placed ina flask containing 
50 cm? of hydrochloric acid of unknown concentration. After the reac- 
tion is over, it is found that 1.0 g of calcite remains unreacted. Calcu- 
late (a) the amount of hydrochloric acid present per dm? of the solu- 
tion, (b) the mass of the gas liberated. Given that the atomic masses 
of Ca and Cl are 40 g mol! and 35.5 g mol"!, respectively. 


The reaction is 
CaCO; + 2HCI —— CaCl, + H,O + CO, 
molar mass; 100 g mol! 36.5 g mol * 44.0 g mol! 
Mass of calcite actually reacted = (2.5 8 — 1.0 g) 
= hoe 


From the chemical equation, it is obvious that 100 g of CaCO; will 
require 2 x 36.5 g of HCl for the complete combination. Hence, 1.58 
of CaCO; will require 


2x 36.5 g HCI " 
00g aco, * 18 CaCO; = 1.095 g HC! 


This much of HCl was present in 50 cm? solution. 
Hence, 
Amount present per unit volume of solution 


1.095 g HCI _ 1.005 g HCl 
mcr T 30 (10 dm? 


1.095 g HCl 


= £x (00dmy 
50 x (1071 dm)? 


= 219 g HCl dm? 

. From the reaction, it is also obvious that 100 g of CaCO, will 
m 44.0 g of CO;. Hence, mass of CO; liberated by 1.5 g of CaCO; 
wil 
44.0 g CO; 


m= 100g CaCO; 


x 1.5 g CaCO; = 0.66 & CO; 


è 
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Problem 1.10 A mixture of FeO and Fe;O, when heated in air to a 
constant mass gains 5% by mass. Find the mass percentages of each 
of the two in the mixture. Given that both these oxides give Fe;O; as 
the final product. The molar mass of Fe is 55.8 g mol’. 


The reactions are 
2FeO + 4 0; —-> Fe,03 
2Fej04 + } O —> 3Fe;0; 
"Ne find that 
Molar mass of FeO = 71.8 g mol * 
Molar mass of Fe;0; = 159.6 g mol 
Molar mass of Fej0, = 231.4 g mol 


Let the total mass of the original mixture be 100 g and let x be the 
mass per cent of FeO. Hence, we will have 


Mass of FeO in the mixture = x 
Mass of Fe;O, in the mixture = 100g- x 


From the chemical equations, we can find the mass of Fe;O; formed 
from each of the two oxides. Thus, we have 


Mass of Fe;O; formed from FeO = AU 


Mass of Fe,0; formed from Fe,04 


__ 3 x 159.6 g 
~ 2x 231.4 ¢ 


(100 g — x) 
Now, 
The total mass of Fe;O; = 143.6 x+ 462.8 


Since there is an increase of 5 % in the mass, this will be equal to 
(100 4- 5) g. Hence, 


159.6 ir 478.8 (100g — x) = 105g 


143.6 * " 462.8 
Solving for x, we get 
x-—20g 
Thus, Mass % of FeO in original mixture = 20 


Mass % of FeO, in original mixture = 80 
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1. Name the seven dimensionally independent physical quantities as recom- 
mended by IUPAC. What are their units? 

2. Derive the SI unit for each of the following physical quantities; force, 
pressure, energy, work, electric charge, electric resistance, frequency, 
area, density, heat capacity, molarity and molality. 

3. Rewrite the following in terms of SI prefixes: 5.8 A, 4.1 x 10-1 m, 
6.023 x 10" g and 8.314 x 10” ergs. 

4. Derive the equivalent units for the following. 

J Pa-!, J kPa-!, kPa dm’, MPa cm’, kg s-*, (J s? kg)", J? kgh m, 

J skg m~. 

Distinguish the terms (a) pure substance and mixture, (b) atom and 

molecule, (c) element and compound, and (d) heterogeneous and homo- 

geneous mixtures. y 

6. Describe in brief the techniques of filtration, distillation, fractional distil- 
lation, and chromatography to separate the constituents of a mixture. 

7. Explain the laws of conservation of matter, of constant composition and 

of multiple proportion by taking suitable examples. 

Explain the law of combining volume as applicable to gaseous reactions. 

How can it be interpreted in the light of Avogadro’s hypothesis? ' 

9. Describe the essential postulates of Dalton's atomic theory. 

10. What do you understand by the terms relative atomic mass and average 
relative atomic mass? What is the reference atom used to determine these 
masses? 

11. Define the physical quantity, amount of substance. What is its unit? 

12. Define the following terms, (a) relative atomic mass, (b) relative. molec- 
ular mass, (c) atomic mass unit, (d) atomic mass, (e) molecular mass, 
and (f) molar mass. 

13. Show that the atomic mass unit is equal to 1 g mol-"/Na, where Na is 
Avogadro constant. 

14. Show that the relative atomic (or molecular) mass is the numerical value 
of the molar mass expressed in g mol-*. 

15. What do you understand by the empirical and molecular formulae of a 
substance? Can a molecule have the same empirical and molecular formu- 
lae? Explain, how you would establish these formulae from the given 
mass per cent of elements in the molecule of a compound. What addi- 
tional information would you require to establish these formulae? 


3 


m 


Given the following reaction, 
WA + vB —9 vC XD 


Explain how the changes in the amounts or concentrations of the sub- 
stances A, B, C and D are inter-related, 


16, 


17. 


18. 


19. 


20. 


21. 


33. 


24. 


25. 


26. 


27. 


28. 


+ 
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Classify the following into elements, compounds and mixtures: Iron, 
sugar, air, water, common salt, marble, milk, honey, brass, coal. 
Classify the following into homogeneous and heterogeneous mixtures: 
Air, kerosene oil, cement, gun powder, brass, wood, tap-water, smoke. 
The vapour density (VD) of a gaseous substance is defined as 
vp = Mass of a certain volume of gaseous substance 
= “Mass of the same volume of hydrogen gas 
Both the volumes are measured under the same conditions of tempera- 
ture and pressure. Show that the relative molecular mass of the gascous 
substance is twice that of its vapour density. 
Calculate the number of molecules present in 0.05 g of water. 
(Ans. 9.3 x 101°) 
A substance is found to contain 25.45 mass % Cu, 12.82 mass % S, 57.7 
mass °% O and 4.01 mass % H. Calculate the empirical formula, assuming 
that all the hydrogen is present as water of crystallization. 
(Ans. CuSOu5H:0) 
The composition of nicotine is 74.0 mass %C, 8.7 mass %H and 17.3 
mass % N. The molecular mass of nicotine is 162 amu. What is its mo- 
lecular formula? 


(Ans, CioHisNs) 
When a 3.00 g sample of a compound containing carbon, hydrogen and 
oxygen was completely burned, 1.17 g of water and 2.87 g of carbon 
dioxide were obtained. What is the empirical formula of the compound? 
(Ans. CHO) 
An‘organic acid was found to contain 40 mass % of carbon and 6.66 
mass % of hydrogen. The molar mass of the acid is 90 g mol-*, Calculate 
the molecular formula. 
A commercial sample of concentrated sulphuric acid contains 95% of 
H,SO, by mass, If its density is 1.834 g cm~’, what is its molarity? 
(Ans, 17,3 mol dm-?) 
The mass of carbon monoxide in a gas sample can be determined by 
making use of the reaction 
1:0; + SCO —- I; + 5CO: 4 
If a gas sample liberates 0.2 g of Iz, what mass of CO was present in the 
gaseous sample? How much of I,O; would it consume? 
(Ans. 0.11 g- CO, 0.26 g 1:05) 
0.9031 g of a mixture of NaCl and KCI on treatment with sulphuric acid 
yields 1.0784 g of a mixture of Na:SO, and KsSO;. Calculate the mass 
percentage of NaCl and KCI in the mixture. 
(Ans. 57.68 mass % NaCl and 42.32 mass % KCl) 
Determine the percentage composition ofa mixture of Na:CO: and 
NaHCO; when the mixture of weighing 2 gsuffered a loss in mass of 
0.124 g on heating. 
(Ans. 16.8 mass % NaHCO; and 83.2 mass % Na:CO:) 


* à 
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29. Balance the following reactions: 


S + HNO; —> H:SO. + NO; + H:O 

Na,O: + H:O —— NaOH + O: 

Cu + HiSO, —> CuSO: + H:O + SOx 

Zn + HNO; —-> Zn(NOs)s + NHNO: + Ho 

KaCr;O; + HiSOs —> KsSOu + Cra(SOu)s + H:O + Os 
KMnO0; + H;$0, —> K:SOu + MnSO, + H:O + Os 

P + NaOH + H:O —> NaH;PO: + PHs 

NaCl + MnO; + H:80. —> NaHSO. + MnSO, + H:O + Cla 
P + HNO; —> HPO. + H:O + NOs 


SO, + H:S — H:0 + S 
(Ans. The stoichiometric numbers in the given order of 
substance are: 1, 6, 1, 6, 2; 2, 2, 4, 151, 2, 1,2, 
1; 4, 10, 4, 1, 3; 2, 8, 2, 2, 8, 3; 4, 6,2, 4 6 5 
4, 3, 3, 3, 1; 2, 1,3, 2, 1, 2, 1; 1,5, 1, 1, 5; 1,2, 


2,3) 
Multiple-Choice Questions 
Tick (v^) the correct choice. 
1. The number of significant numbers in 0.0580 is 
(2 ^" (53 
(c) 4 (à) 1 
2, In the SI units, the number of dimensionally independent physical quan- 
tities is 
(a) (53 
© 5 @7 
3. Which of the following is the SI unit of work? 
(a) cal (b) litre-atm 
(c) joule (d) ergs 
4. One kilogram weight is equivalent to 
(21N (5) 9.8N 
(c) 2N (d) 9.8 kg 
5. One cm? of volume is equivalent to 
(a) 107? m* (b) 10-* dm? 
(c) 10-* dm* (d)! mL’ 
6. One joule of energy is equivalent to 
(a) 1 cal (b) 4.184 cal 
(c) 8.314 cal (d) 8.314x 10" ergs 
7. In a reaction 


‘CHi + 202 —> CO: + 20:0 
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if 1 mol of methane is converted into products, then which one of the 
following statement is true? 

(a) 1 mol of oxygen is consumed 

(b) 1 mol of water is formed 

(c) 1 mol of carbon dioxide is formed 

(d) 1 mol of oxygen is left behind. 


8. The unit of J Pa-! is equivalent to 


(a) m* (b) cm* 

(c) dm* (d) mL? 
9, The unit of J kPa-? is equivalent to 

(a) m’ (b) cm* 

(c) dm* (d) mL 
10. The unit of J MPa- is equivalent to 

(a) m* (b) cm* 

(c) dm?’ (d) mL? 


Answers (Multiple-Choice Questions) 


1. (b) 2. (d) 3. (c) 4. (b) 5. (c) 
6. (b) 1.0 | 8 (a) 9. (c) 10. (b) 


ue 2 
Elements, their Occurrence 
and Extraction 


Objectives Distribution of Elements O Composition of Earth O Elements in 
Biology O Mineral Deposits of Metals O Methods of Concentrating the Ores 
O Methods of extraction of Metals OMethods of Refining of Metals OMineral 
Wealth of India O Qualitative Analysis 


You may think of a metal as something that is hard. Most metals are 
hard. However, the metal aluminium is not hard, and sodium and 
potassium are so soft that they can be cut with a knife like a piece of 
cheese. Mercury, another metal, is a liquid and one obviously cannot 
talk ofa liquid being ‘hard’. Similarly, some non-metals which are 
solid are soft, like sulphur and phosphorus, whereas some are hard, 
like diamond (an allotrope of carbon, C) which is the hardest known 
substance (Fig. 2.1). 


Fig.2.4 Diamond (an allotrope of Fig.2.2 The metal gallium can 
carbon, C) is the hardest known even melt in your hand. 
substance. 


Metals are usually associated with high melting and boiling points. 
Yet there are several low-melting metals. The metal gallium can even 


* 
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inelt in palm‘of your hand (Fig. 2.2). Alkali metals are low melting. 
Mercury is a liquid at ordinary temperatures and its melting point is 
very, very low. 

Thus, it is not easy to define metals in a simple and precise way. In 
this Unit, we shall learn about elements, their distribution in nature, 
occurrence in the earth's crust and extraction. Metals play a vital role 
in our daily life. We will learn about their ores, general metallurgical 
operations, refining techniques and qualitative tests for their identifi- 
cation in compounds or mixtures of compounds. 


24 EARTH AS A SOURCE OF ELEMENTS 


The chemical composition and patterns of the occurrence and distri- 
bution of elements in the earth are studied under geochemistry. The 
abundance of elements depends on several factors, but is ultimately 
determined by the nuclear reactions in which they are produced and 
the relative stability of their various isotopes. Thus, nuclei with an 
even number of neutrons are more stable than those with an odd 
number of neutrons. This is because the former are less liable to cap- 
ture neutrons, The comparatively low abundance of light elements like 
lithium, beryllium, boron, etc. is due to their tendency to capture 
protons, neutrons and other elementary particles. The low abundance 
of the heaviest elements is due to alpha decay and spontaneous nucleus 

ssion. 

About 8075 of our earth is covered with water. Obviously, seawater 
forms a major source of elements, The earth's crust contains 88 ele- 
ments which are distributed in varying amounts in different parts of 
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Fig, 2.3 Distribution of elements (mass %) in the earth’s crust. 
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the earth (Fig. 2.3). Eight elements, nainely, oxygen, silicon, alumi- 
nium, iron, calcium, sodium, potassium and magnesium constitute 
about 98.8% by mass of the crust. These are followed by titanium, 
phosphorus, hydrogen and manganese. The rest of the elements make 
about 0.5% by mass of the crust. 

Compounds of oxygen predominate in the earth's crust. Rocks are 
mostly composed of silicates. Carbonates are less common, and sul- 
phides, sulphates and halides even less so. Some elements occur in 
nature in the native form. The forms of existence (types of ores) of 
some common elements in the earth's crust are shown in Table 2.1. 


Table2.1 Forms of existence of some common elements 


Form of Existence Examples 
(Type of ore) 


Free state or combined form Silver (Ag) 
Gold (Au) 
Platinum (Pt) 
Copper (Cu) 
Oxide AlzOs:2H:0, Bauxite (Al) 
SnO», Tinstone (Sn) 
MnO», Pyrolusite (Mn) 
FeO:Cr:0;, Chromite (Cr) 
Fe:0s, Haematite (Fe) 
FesO4, Magnetite (Fe) 
ZnO, Zincite (Zn) 
Carbonate MgCO;, Magnesite (Mn) 
CaCO;:MgCO;, Dolomite (Ca, Mg) 
CaCOs, Limestone (Ca) 
ZnCOs, Calamine (Zn) 
Sulphate BaSO,, Barytes (Ba) 
CaSO,-2H:0, Gypsum (Ca) 
Sulphide PbS, Galena (Pb) 
ZnS, Zinc blende (Zn) 
Cu:S, Copper glance (Cu) 
HgS, Cinnabar (Hg) 
Halide NaCl, Rock salt (Na) 
AgCI, Horn silver (Ag) 
KCl-MgCl:-6H:0, Carnallite (K, Mg) 
Silicate LiAl (SiO;);, Spodumene (Li) 
3BeO-A1:0;-6SiO;, Beryl (Be) 


re 


p 
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AE. Fersman, V.M. Goldschmidt, A.P. Vinogradov, W. Kuhn, A. 
Rittmann, and other scientists have done pioneering work in the 
understanding of the earth and its composition, According to Gold- 
schmidt, the earth consists of a core (centre portion) covered by differ- 
ent layers. Cooling of the gaseous matter resulted in major parting 
leading to the segregation of different zones, namely, (1) a metallic 
core (siderophil), (2) intermediate sulphide zone (chalcophil), (3) sili- 
cate crust (lithophil) and (4) atmosphere (atmophil). The presence of 
different zones shows concentrations of various materials in them that 
had formed during the cooling process. The distribution of elements 
in these zones is shown in Table 2.2. Distribution of the elements in 
different forms, in one layer or the other, takes place depending on 
the relative stabilities of the different materials. According to another 
view, advanced by Kuhn and Rittmann, the core of the earth is made 
up of solar material containing about 30% hydrogen followed by 
molten silicates which are covered with a magma layer and crust. The 
earth's crust is the outer layer, 40 km deep. A comparision of the 
two views on the composition of the earth is shown in Fig. 2.4. 


Table2.2 Distribution of elements in different zones 


Zone Elements in the zone 
Metallic core Mn, Fe, Co, Ni, Cu, Ru, Rh, Pd, Ag, Re, 
(Siderophil) Os, Ir, Pt, Au 
Sulphide zone P, S, Zn, Ga, Ge, As, Se, Cd, In, 8n, Sb, Te, 
(Chalcophil) Hg, Ti, Pb, Bi r 
Silicate crust Chlorides, sulphates and carbonates, 
(Lithophil) Li, Na, K, Rb, Cs, Mg, Ca, Sr, Ba 


Silicates and oxides, Be, Al, Si, Y, La, 
Ac, Ti, Zr, Hf, Th, V, Nb, Ta, Cr, Mo, W, K 


Atmosphere F, CI, Br, I, B, C, Si, N, O, He, Ne, Ar, 
(Atmophil) Kr, Xe. 


In billions of years, the earth’s crust has solidified (like fractional 
crystallization of materials) and formed igneous rocks. Some of the 
metal ions of proper ionic sizes like Na*, K*, Mg?*, Ca?* and Fe?* get 
preferentially incorporated in these silicate rocks. These deposits make 
up about 80% of the earth's crust. By the action of water, carbon 
dioxide and humic acids, the igneous rocks are selectively extracted 
carrying away Nat, K+, Mg?*, Ca?* and Fe?? while insoluble residues 
like SiO;, TiO; and Fe;O; are left behind. The process is called wea- 


- thering. Elements having charge/size ratio less than 4 (like Nat, K*, 


Mg?*) are extracted into water. This explains their abundance in sea- 
water. Elements having charge/size ratio more than 12 form oxoanions 
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like sulphates and phosphatcs. Elements for which the ratio is inter- 
mediate between 4 and 12 reprecipitate in oxidizing media and go into 
solution in reducing media. The elements thus occur as carbonates, 
oxides, hydroxides, chlorides, etc. Alumina (ALO;), silica (SiO), hae- 
matite (Fe,O;), pyrolusite (MnO;), lime, magnesia, soda, potash, etc. 
are produced by the weathering process. 


soL!D CRUS; 

SOLAR CORE 
Siticate UN 
SOLID crust 


GOLOSCHMIOT KUHN AND RITTMAN 


Fig. 2.4, Views of Goldschmidt (left-hand side) and Kuhn and 
Rittmann (righ-hand side) on the composition of earth. 


2.2 ELEMENTS IN BIOLOGY 


Animals and plant organisms consist of complex substances composed 
of both metallic and nonmetallic elements. The metals present include 
sodium, potassium, calcium, magnesium, iron, zinc, cobalt, copper, 
manganese, molybdenum, and some others, and the most important 
among the non-metals are carbon,’ hydrogen, oxygen, nitrogen, phos- 
phorus, sulphur and halogens. 

. There is no simple relationship in the ratio of the chemical elements 
in living organisms with their abundance on the earth. Although the 
most abundant element, oxygen, is a major component of the com- 
pounds constituting animal and plant organisms, such common ele- 
ments like silicon and aluminium are absent, whereas the relatively 
scarce metals like cobalt and molybdenum, perform vital biological 
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functions. Iron, in the form of Fe?* and Fe?* ions and biocomplexes, 
is essential to man and animals for performing important functions 
such as oxygen transport and catalysis of the redox processes. The 
transport of oxygen in animal and human bodies is promoted by iron- 
containing complexes—haemoglobin and myoglobin. Both proteins 
ong s groups which are essentially porphyrin complexes of iron 
Fig. 2.5). 


HC — CH 


CH;-CH— cu, 


CH;CH,COz 


H3C — CH;CH;CO; 
Fig.2.5 Heme 


The biological function of inorganic substances like oxygen, nitro- 
gen, carbon dioxide, etc. as well as metal ions and compounds con- 
taining these metal ions is extremely important and diverse. Photosyn- 
thesis is one of the main processes involving inorganic compounds. It is 
essentially the interaction between CO; and H;O, two inorganic com- 
pounds, that leads to the synthesis of starch with evolution of oxygen. 
The synthesis is catalysed by chlorophyll which is a magnesium com- 
plex of porphyrin. 

Many elements get accumulated in living organisms. For example, 
seaweeds are an important source of iodine, a lot of potassium is there 
in plant life and sea cucumbers contain vanadium. Work is being done 
to understand the cause of specific enrichment of the elements in liy- 
ing organisms. 


2. ELEMENTS IN THE SEA 


The ocean is a big storehouse of many elements and chemicals. As we 
have said earlier, many dissolved salts are accumulated in seawater 
due to the weathering process. High salt content and other dissolved 
substances in seawater makes it unfit for drinking, or domestic and 
industrial uses. i ; ; 
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Sodium chloride (common salt) is the main salt present in the water 
of seas and oceans. These are given below. 


Salt Content of Seawater in g dm~? 


Baltic sea 7.5 
Black sea 18.0 
North sea 32.8 
Pacific ocean 33.6 
Atlantic ocean 36.0 
Mediterranean sea 39.4 
Red sea 43.0 


Millions of tons of chemicals, minerals and metals from rivers and 
other water channels, and from volcanic eruptions are being constantly 
dumped into the ocean. Some of these dissolve in ocean water while 
others form deposits onto the ocean floor. The relative concentration 
of the elements present in sea water is given in Fig. 2.6. 


ò 
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Cl NaMgS Ca K C Br B Sr Si N Li Al Rb 
, MAJOR ELEMENTS } MINOR ELEMENTS 
Fig.2.6 Relative concentration of elements in seawater, 
Chlorine, bromine, sodium and magnesium are recovered commer- 
cially from seawater. Sulphur, tin, gold, coal, natural gas and oil are 


also being obtained from tlie sea sources. Iodine, alginic acid, agar- 
agar and laminarin are obtained from seaweeds. 
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The ocean floor is a rich source of many metals like nickel, copper 
and zinc. Flash distillation (distillation at low pressure), ion exchange 


Fig.2.7 Offshore activity for exploration of oil and gas. 
(Courtesy: P.I.B.,£New Delhi) 


and reverse osmosis processes are being used to make the seawater fit 
for drinking and other uses. Research is being carried out to econo- 
mically obtain precious metals, nonmetals, chemical compounds, oil 
and gas from the sea, and also to purify seawater by cheaper methods. 


24 EXTRACTION OF METALS 


Most metals occur in the combined state. Only metals which are very 
unreactive such as platinum, gold, etc., occur in the free state or 
native form. The compounds of metals which occur in the earth's crust 
are called minerals. The minerals are usually associated with rocky 
and earthy impurities called gangue, Those naturally occurring miner- 
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als which can be used for profitable extraction of metals are called 
ores. It may be noted that majority of the metals are derived from the 
oxide ores or metal oxides obtained from carbonate or sulphide ores. 
The main types of ores with appropriate examples are given in Table 
2.1. 

Mixtures of minerals that make up the earth's crust are called 
rocks. 'These rocks are of three types: 


1. Igneous Rocks In these rocks, the minerals were formed by 
direct cooling of the molten material of the earth. They contain mica, 
feldspar, quartz, etc. 


2. Sedimentary Rocks These contain minerals which were formed 
by subsequent changes in the rocks. They include salt deposits, silicious 
matter, lime stone, dolomite, etc. 


3. Metamorphic Rocks n these rocks, the minerals have under- 
gone changes in their composition and crystalline form because of 
extreme temperatures and pressures. They include kaynite, garnet, etc. 


Metallurgical Processes 


The process of extracting metals from their ores is called metallurgy. 
It depends on the nature of the ore which is to be worked out for the 
metal. However, the various steps that are usually involved in metal- 
lurgy are: 


1. Benefication, concentration or dressing of the ore. 
2. Extraction of the metal from the concentrated ore. 
3. Refining or purification of the impure metal. 


Production of Concentrated Ore 


The ore is always associated with gangue. It is essential to remove 
these unwanted rocky and earth particles before proceeding for the 
actual extraction of the metal. The process of removing these undesir- 
able impurities is called beneficiation, concentration or dressing of the 
ore. This may be achieved by one or m..e of the following methods: 


1. Hand picking In this preliminary method, the ore is separated 
by hand picking and the adherent gangue is broken away with a 
hammer. 


2. Levigation or washing with water In this method, the crushed 
ore is washed with a stream of water when the lighter gangue particles 
i M e away while the heavier ore particles are left behind (Fig. 
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Fig. 2.8 Levigation or washing with water, 


3. Froth floatation process This method is used for the concentra- 
tion of sulphide ores like PbS i 
(galena), ZnS (zinc blende), etc. It is 
based on the principle that the gan- Froth 
gue particles are preferentially wetted 
3 water while the ore -particles by 
oil. 

The crushed and finely powdered 
ore is treated with water and pine oil 
in a tank. It is then agitated violently woste 
with water when a froth is formed. materiai 
This froth carries away along with it 
the ore particles to the surface while 
gangue is left behind (Fig. 2.9). The ^ Air —= 
foam is then washed with water to 
recover the ore in the concentrated Fig. 2.9 Froth floatation 
form, process, 


4. Magnetic separation Ferromagnetic ores, such as Fe;O,, are 
separated from non-magnetic gangue using magnetic separators. The 
separator consists of a leather belt moving over two rollers, one of 
which is magnetic. When the ore is dropped on one end of the belt, it 
is separated into two heaps, magnetic and non-magnetic, at the other 
end of the belt. It is because the magnetic ore is attracted by the mag- 
netic roller and falls nearer to it while the non-magnetic gangue is 
thrown further apart and forms a separate heap (Fig. 2.10). 


5. Liquation The ores, such as native copper and native bismuth, 
are heated just above the melting point of the desired metal on the 
sloping hearth of a furnace (Fig. 2.11). The liquid metal is poured 
away while the infusible impurities are left behind. This process, 
known as /iquation, is applied to concentrate ores having melting 
points lower than the impurities. 
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Fig. 2.10 Magnetic'separation. 
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Fig. 2.11 Liquation 


6. Leaching In this process, the powdered ore is treated with a 
suitable reagent which dissolves the ore but not the impurities. The 
bauxite ore (Al,0;-2H,0) contains the main impurities of iron oxide 
and silicates. When it is treated with hot sodium hydroxide solution, 
AI,0; dissolves but the impurities are left behind and filtered off. 


ALO; + 20H- + 3H,0 —— 2 [AI(OH),)- 
(soluble aluminate) 


The filtrate is seeded with a little freshly precipitated aluminium 
hydroxide when most of the metal from the solution is precipitated as 
hydroxide. 
[Al(OH),”- —-> Al(OH); + OH 
The hydroxide is heated to 1470 K to obtain pure anhydrous alumina 
(0) 
293. 
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Native silver and gold can also be concentrated by leaching them 
with a dilute solution of sodium or potassium cyanide in the presence 
of atmospheric air when the metals go into solution in the form of 
complexes, 


4M + 8CN- + 2H,0 + 0, —> 4[M(CN),I + 40H- 
(where M = Ag or Au) 


The solution is treated with zinc and- the metal silver or gold is 
precipitated. 


2[M(CN),}- + Zn —> [Zn(CN),F- + 2M 


Production of Metals 


After concentration, the ore is worked out for extraction of the metal. 
In case the ore consists of a carbonate, hydroxide, hydrated oxide or 
sulphide, it is calcined or roasted to the oxide form. 


Calcination is the process of strongly heating the concentrated ore 
in a controlled supply of air when the organic matter and volatile 
impurities are removed and the metal oxides are obtained. For 
example, 

CaCO; —-> CaO + CO, 

CaCO;:MgCO; —— CaO + MgO + 2C0, 
CuCO;-Cu(OH), —> 2CuO + CO, + H,O 
2Al(OH); —-> AbO; + 3H;0 

ALO;:2H;0 —-> ALO; + 2H;0 
2Fe;0;:3H;0 —-> 2Fe,0; + 3H;0 


Calcination is usually carried out in a reverberatory furnace (Fig. 
2.12). The term roasting is more widely applied to represent the pro- 
cess in which an ore (usually the sulphide ore) is heated in the pres- 


Door to | 
Flames admit air 


Fig. 2.12 A reverberatory furnace. 


50 Chemistry for Class XI 
ence of air at a temperature below its melting point when the metal 
is converted to its oxide or sulphate. For example, 

2PbS + 30, ——- 2PbO + 280; 

PbS + 20, ——> PbSO, 

2CujS + 30; — 2Cu,0 + 280; 

CuS + 20, ——> CuSO, 

2ZnS + 30, —— 2ZnO + 280, 


The calcined or roasted ore is reduced to the metallic form. The 
high-temperature reduction process in which the metal is usually 
obtained in a molten state is called smelting. The smelting operations 
are usually carried out in the presence of a flux, The flux is a sub- 
stance which reacts with impurities of the ore to form fusible silicate 
or phosphate called slag. If the ore contains acidic impurities like 
SiO;, P4O,,, etc., a basic flux such as CaO or MgCO; is used. 


SiO, + CaO  ——- CeSiO, 


(Acidic (Basic (Slag) 
impurity) flux) 

PO + 6CaO  |—- 2Ca;(PO,), 
(Acidic (Basic (Slag) 
impurity) flux) 


In case the impurities are of a basic nature like CaO, MnO, FeO, etc., 
an acidic flux such as SiO, is used. 


MnO + SiO, —- MnSiO; 


(Basic (Acidic (Slag) 
impurity) flux) 

FeO + SiO,  —- FeSiO; 
(Basic (Acidic (Slag) 
impurity) flux) 


1. Reduction by heating Some metal oxides are thermally unstable. 
In such cases, the ore is directly reduced to the metallic form. For 
example, when cinnabar, HgS (mixed with charcoal fuel), is heated in 
a Dn furnace (Fig. 2.13) it is reduced to mercury which is con- 
densed. 


HgS + O, —— Hg + SO, 
(Cinnabar) 


2. Chemical reduction Several reducing agents such as carbon (in 
the form of charcoal, coke or coal), hydrogen, carbon monoxide and 
metals like sodium, magnesium and aluminium, are used for reduction. 
For example, the concentrated cassiterite, SnO,, is reduced to metallic 


"s 


* ü : 
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tin by heating with coke at 1475—1575 K in a reverberatory furnace 
or in a blast furnace. 


SnO, + 2C —— Sn + 2CO 


Hoppe: 
Uren pper 
charcoal 
Shatt Hg vapours 
furnace 


Waste gases 


collects here 


Fig. 2.13 Extraction of mercury using a shaft furnace. 


Zinc blende, ZnS, is concentrated by froth floatation process and is 
roasted to zinc oxide at about 1200 K. The oxide is mixed with half of 
its mass of powdered coal or coke and heated in fire clay retorts 
(Fig. 2.14) to about 1700 K. The metal distils off and condenses in the 
prolongs and earthenware condensers. It is also called zinc spelter. 


Retort 
Prolong 


ZnO*coke 


Condenser 


Fig. 2.14 Fire clay retort with a prolong used in the extraction of zinc, 


The most important commercial metal, iron, is obtained by carbon 
reduction in a blast furnace (Fig. 2.15). The powdered haematite ore 
(Fe;O;) mixed with coke and limestone (flux) is fed into the top of the 
furnace and heated air (sometimes enriched with oxygen) is blown 
through tuyers near the bottom. The incoming air burns carbon to 
form carbon dioxide and a large amount of heat is generated. The 
furnace attains the highest temperature at this point, 


iron by carbon monoxide. 
Fe,0; + 3CO —— 2Fe + 3CO; 
Fe;0,4 + 4CO —— 3Fe + 4CO; 
FeO +CO —— Fe + CO; 


Furnace charg 


(oresc +CaC,) Double cup and 


cone arrangement 
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Near the top of the furnace, the iron oxides are reduced to spongy 
| 


Fig.2.15 Blast furnace for the manufacture of iron, 


In the middle of the furnace, slag is formed. 
CaCO; | —— CaO + CO; 


(Limestone 
flux) 
CaO + SiO; bud CaSiO; 


(Impurity) (Slag) 


In the lower part of the furnace the spongy iron dissolves carbon, 
sulphur, phosphorus, manganese and silicon. The molten iron sinks at 
the bottom and forms a layer below the slag. It is removed periodi- 
cally from a lower hole into sand moulds. It is called cast iron or pig 
iron. 
The oxide of chromium or manganese is reduced to the metallic 
form by a more electropositive metal, aluminium. The process is | 


+ 
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known as a/uminothermy. The metal thus obtained is in the molten 
state. 


Cr;O; + 2Al —> ALO; + 2Cr 
3Mn;0, + 8Al —> 4ALO; + 9Mn 


Aluminothermy is also used for welding iron construction work. A 
mixture of iron oxide and aluminium powder (ratio of 3: 1), called 
thermit, is taken in a crucible lined inside with magnesite and with a 
tapping hole at the bottom. The thermit is covered with a mixture of 
aluminium powder and barium peroxide (ignition mixture) into which 
a magnesium ribbon is fixed. When the ribbon is lighted, the. ignition 
mixture catches fire and aluminium reduces iron oxide. 


Fe,0; + 2AI —» ALO; + 2Fe 


The enormous heat produced melts iron which directly flows into the 
crack to be welded (Fig. 2.16). 


Mg, ribbon 


Ignition mixture 
Thermit 
Crucible 


Magnesite 
lining 


Tapping plug 
Clay mould 


Broken 
girder 


Fig. 2.16 Aluminothermy 


Copper is obtained from copper pyrites, Cu,S*Fe2S;. The powdered 
ore is concentrated by the froth floatation process and is roasted on 
the hearth of a reverberatory furnace. The reactions taking place are: 


Cu;S-Fej$; + O, —— Cu,S + 2FeS + SO; / 
(Main reaction) 

2Cu,S + 30, — 2Cu,0 + 280; 

2FeS + 30, ——> 2FeO + 280, 
The roasted ore is mixed with sand (flux) and a little coke and 

smelted in a blast furnace. 
FeO + SiO; ——- FeSiO; 
(Slag) 
CuO + FeS —> CuS + FeO 


} (Minor reactions) 


F 
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The slag is removed and the molten mass containing mostly cuprous 
sulphide with a little ferrous sulphide forms the lower layer. This mix- 
ture of sulphides is called matte, 

The molten matte is taken in a pear-shaped Bessemer converter. A 
blast of air and sand is blown through tuyers. Cuprous sulphide gets 
partially oxidized to cuprous oxide. The unchanged cuprous sulphide 
and the resulting cuprous oxide react to form copper. 


CuS + 2Cu,0 —> 6Cu + SO; 


It is called blister copper as it contains dissolved sulphur dioxide which 
imparts a blister-type appearance to the metal. 


The metal titanium is obtained by reduction of its chloride with 
magnesium at 1075 K in an inert atmosphere of argon. 


TiCl, + 2Mg —-— Ti + 2MgCl, 
The reduction may also be carried out with sodium in an inert 
atmosphere. i 
Hydrogen is also used for redustion of metal oxides to metals. For 
example, 
GeO, + 2H; ——> Ge + 2H,0 
MoO; + 3H, ——> Mo + 3H,0 
WO, + 3H; ——> W + 3H,0 


3. Electrolytic reduction Highly electropositive alkali and alkaline 
earth metals cannot be reduced by chemical reduction methods. These 
metals are obtained by electrolytic reduction of their fused chlorides. 
Aluminium is also obtained by electrolytic reduction of alumina 
(Al,0;) dissolved in molten cryolite (Na;AIF,). 


4. Special techniques Some metals are extracted by special techni- 
ques. For example, ores of silver and gold are leached with dilute 
cyanide solution when the metals form soluble complexes; 


4M + 8CN^ + 2H;0 + O, —— 4[M(CN);-] + 40H- 
(where M = Ag or Au) 


The solution, when treated with more electropositive zinc, precipitates 
the metal silver or gold. 


2 [M(CN);F + Zn —— [Zn(CN),F- + 2M 
, Low grade copper ores are converted to copper sulphate by expos- 
ing them to air and water. Tbe metal copper is then precipitated by 
adding more electropositive scrap iron to the copper solution. 


CuSO, + Fe —— FeSO, + Cu 
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Purification or Refining of Metals 


Most of the metals extracted from ores require refining because they 
are contaminated with undesirable impurites. The methods of refining 
differ from metal to metal. Some techniques that are commonly fol- 
lowed are outlined below: 


l. Liquation This method is used for concentration as well as 
refining of the low melting metals. Impure metal like tin, lead or bis- 
muth is placed at the top of a sloping hearth of a furnace. On being 
heated to a temperature slightly above its melting poiat, the metal 
flows down the inclined hearth while the impurities are left behind. 


2. Distillation Low boiling metals like zinc, cadmium and mercury 
are purified by distillation. The pure metal distils over while the impu- 
rities are left behind in the retort. 


3. Oxidation When the impurities in a metal have a greater affi- 
nity for oxygen and are more easily oxidized than the metal, oxida- 
tion methods are used. The various methods employed for different 
metals bear different names like cupellation, bessimerization, etc. 


(a) Cupellation The impurity of lead in silver is removed by heat- 
ing it in a cupel (boat-shaped shallow crucible made of bone ash or 
cement) under a blast of air. Lead is easily oxidized to litharge (PbO) 
and is carried away by the air current while pure silver is left behind. 


. (b) Bessimerization Molten pig iron from blast furnace is taken 
in a Bessemer converter and the impurities are oxidized by a blast of 
air. 


4. Poling The impure molten metal is stirred with green poles of 
wood. Hydrocarbon gases escaping from the poles act as reducing 
agents and reduce any oxide impurity present in the metal. For exam- 
ple, blister copper contains the impurity of cuprous oxide. On poling, 
the oxide is reduced to metallic copper. 


5. Electrolytic refining This is a very widely used method for the 
purification of a large number of metals like copper, silver, gold, zinc, 
nickel, etc. The impure metal is made the anode while the thin sheet 
of pure metal acts as the cathode. The electrolyte is generally an aque- 
ous solution of a salt or a complex of the metal. On passing the elect- 
ric current, pure metal deposits on the cathode through the solution. 
The soluble impurities go into the solution while the insoluble low 
electropositive impurities collect as a muddy deposit (called anode 
mud) below the anode. 


6. Zone refining When an impure metal is solidified, crystals of 
pure metal are deposited in preference to the impurities present which 
remain in the molten form. Based on this principle, the zone refining 
process is used to obtain metals of very high purity. 

A circular heater is fitted around a rod of an impure metal and is 
slowly moved along the rod (Fig. 2.17). At the heated zone, the rod 
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melts. As the heater moves along, pure metal crystallizes out of the 
melt while the impurities are carried away in the molten zone to one 
end of the rod. The process is repeated and after several passes the 
impurities'are completely swept to the end which is finally discarded. 
Semi-conductors, silicon, germanium and galium, are purified by this 
technique. 


ree bl Molten zone 


x í » » d. 
| mm 
— 


Fig. 2.17 Zone refining 


7. Van Arkel method This method is based on the thermal decom- 
position of a metal compound. The metal like titanium, thorium or 
zirconium is converted into an unstable ma seg usually an iodide, 
and is decomposed on a hot metal filament. For example, 


Zr(s) -+ 2L(g) —-> Zrl(g) 

(Impure) Heit 
Zr(s) + 2L(g) 
(Pure) 


2.5 MINERAL WEALTH OF INDIA 


Industrial development of a country is largely based on its mineral 
resources, Fortunately, in India, we have plenty of mineral wealth. 
However, being a big country, the minerals and deposits are unevenly 
distributed. Two of our states, Bihar and Orissa, are very rich in a 
variety of minerals. A state-wise distribution of the mineral wealth of 
India is given in Table 2.3. 


Bauxite The metal aluminium is extracted from its bauxite ore 
(A1,0,:2H;O). Bihar, Gujarat and Madhya Pradesh have deposits of 
bauxite. Recently, some deposits of the ore have been located in 
Maharashtra, Karnataka and Tamil Nadu. 


Common salt The most useful among salts is common salt (sodium 
chloride). It is obtained from rocks, and lake and seawater. Sea salt is 
obtained from the coastal regions of Gujarat, Tamil Nadu and Maha- 
rashtra. Sambhar lake in Rajasthan gives us lake salt. Rock salt 
deposits are found in Mandi district (Himachal Pradesh). 


y 
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Table 2.3 Mineral wealth of India 


State Mineral deposits 
Andhra Pradesh Mica and second-grade coal 
Assam Petroleum 
Bihar Large deposits of iron, manganese, 


aluminium, copper, chromium, thori- 
um, uranium, coal, mica and phos- 


phates 

Gujarat Petroleum and aluminium (bauxite) 

Karnataka Gold, iron, chromium, manganese 
and aluminium 

Kashmir Coal and aluminium 

Madhya Pradesh Coal, bauxite, limestone, iron and 
manganese 

Maharashtra Petroleum, manganese and aluminium 

Orissa Iron, manganese, aluminium, copper, 
chromium, thorium, mica, coal and 
phosphates 

Rajasthan Copper, A lead, beryllium, preci- 
ous stones and uranium 

Sikkim Magnesite, copper and iron 

Tamil Nadu Magnesite, mica, limestone, lignite, 
iron, manganese and aluminium 


West Bengal Coal 


Copper Good quality copper deposits are not found in India. Low 
content copper n are located in Cnt and Hazaribagh dis- 
tricts of Bihar and Khetri district of 


Iron Rich iron deposits (haematite, Fe;O; and Fe. are 
mainly located in Bihar and Orissa. These account for nearly 75% of 
the total iron de; Teen The rest of the deposits have 
been located in Karnataka, Madhya Pradesh and Sikkim, 


Manganese India has vast reserves of manganese ores in Orissa, 
Bihar, Karnataka, Maharashtra and Madhya Pradesh. The mctal is 
very useful in producing different types of steel and alloys, 


Mica India is the bi producer of mica in the world. About 50% 
E and the rest in Andhra Pradesh and Rajas- 
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2.6 QUALITATIVE TESTS OF METALS 


In the laboratory, we analyse simple salts or mixtures of salts for the 
Presence of cations (metal ions) and anions. We also analyse minerals, 
ores, rocks, alloys, etc., to ascertain the presence of their constituents. 
The analysis can be qualitative or quantitative. In qualitative analysis, 
we perform the tests to identify the presence of ions while in quantita- 


tive analysis we determine their amounts, 


Physical examination and solubility characteristics are the prelimin- 
ary aids of qualitative analysis. For example, compounds of transition 
metals (like chromium, manganese, iron, cobalt, nickel, etc.) are col- 
oured while those of non-transition metals (like sodium, potassium, 
magnesium, calcium, aluminium, etc.) are usually white. The particu- 
lar colour of a metal salt also indicates its nature. For example, hy- 
drated copper sulphate is blue, anhydrous copper sulphate is white, cop- 
per carbonate is green and copper sulphide is black. If the compound 
is heavy, it may be a lead or mercury salt. If it is a fluffy powder, it 
can be a carbonate of zinc, magnesium, etc, If it smells of ammonia, 
it may be an ammonium salt. Thus colour, smell and density can give 
us some idea of the compound (Table 2.4). 


Table2.4 Physical examination of compounds 


Observation Inference 

Blue or green colour Cu(II) or Ni(II) may be there 

Light green colour Iron(H) salt may be there 

Yellow or brown colour Tron(III) salt may be there 

Dark green colour Cr(III) salt may be there 

Pale pink colour Mn(II) salt may be there 

Violet pink colour Co(II) salt may be there 

White colour May be a salt of a non-transi- 
tion metal ` 

Smell of ammonia May be an NH? salt 

Smell of rotten eggs May bea sulphide like NasS, 

(H:S) BaS or CaS 

Vineger smell CH3COO- may be there 

Dense compound Pb(II) or Hg(II) salt may be there 

Light fluffy powder May be a carbonate of Mg(II), 
Ba(ID, Ca(ID, Sr(II), Zn(II) 


or Bi(IlI). 
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The solubility of a metal compound in an aqueous medium is also 
an important aspect of qualitative analysis. The solubility depends on 
the (1) charge to size ratio of the metal ion and (2) nature of the salt 
such as nitrate, sulphate, carbonate, oxide, sulphide, halide, etc. Gen- 
ranon the solubility of metal salts in water can be had from 

able 2.5. 


Table 2.5 Solubility of some metal salts in water 


Salts Metals forming Metals forming insoluble 
soluble compounds compounds 

Nitrates All = 

Sulphates Most of the metals Ba**, Pb?**, Ca*t, Sr**, Agt 

Oxides/Hydroxides Nat, K+, Ba?+ Most of the other metals 

Chlorides Most of the metals Ag*, Pb?*, Hgi* 

Sulphides Na*, K* Most of the other metals 


Dry heating and flame tests are also performed to identify the salts. 
After these preliminary methods, the given compound (or mixture of 
compounds) is analysed by wet chemical methods. The methods in- 
volve the use of reagents which selectively precipitate the metal ions. 
Further tests are then performed for the confirmation. Thus, if a given 
metal solution is treated with dilute hydrochloric acid (reagent), the 
metal ions Ag*, Pb?* and Hg?* will be precipitated as white chlorides. 


Table 2.6 Some selective reagents for metal ions 


Reagent k: “Metal ion Precipitated x n Forms and colour of 
the precipitate 
HCI Ag*, Pb*+, Hgt AgCI, PbCl;, Hg?!—all 
white 
H:S in acidic Hg**, Pb**, Bi**, Cu**, HgS, PbS, Bi;$s, CuS— 
medium Cd'*, As'*, Sn**, Sbt all black; CdS, AsiSs, 
SnS,—ycllow; | Sb;S;— 
orange 
NHLOH in presence Fe?*, Al*+, Cr+ Fe(OH)s—brown; 
of NH,CI Al(OH):—white; 
Cr(OH);--light green 
H:S in ammoniacal —Co**, Ni**, Zn'*, CoS, NiS—black; 
medium Mn** ZnS—white; 
MnS—flesh coloured 
(NH,).COs in Batt, Ca**, Sr!* BaCO;, CaCO;, SrCO; 
ammoniacal medium —all white 
(NH4)sHPO, in Mg** Mg(NH,) PO,-6H;0— 


ammoniacal medium 
ns, 
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More tests are then carried out to confirm their presence. In Table 
2.6, some reagents are given which selectively precipitate metal ions 
from their solutions. 

As it has been said earlier, the technique of qualitative analysis 
is applied to identify salts, mixtures of salts, alloys, ores, minerals, 
etc. Let us take the example of a copper mineral, malachite green. 
It is sparingly soluble in water. On addition of an acid, it evolves a 
gas which turns lime water milky. Thus, the mineral is a carbonate. 

CO} + 2H* —— CO, + H,O 
(mineral) (acid) 
Ca(OH), + CO, —— CaCO; + H,O 
(lime water) (milkiness) : 
The acidified solution of the minerals which contains Cu?* ions can 
be precipitated as black CuS by passing HS gas. 
Cu^ + HS —- CuS + 2H* 
(mineral) (black) 


Further confirmation of copper can be done by other specific tests. We 
shall learn more about qualitative analysis in the practical class. 


EXERCISES 


1. Which is the most abundant element in the earth's crust? Give the mass 
per cent (approximate) of the elements present in the earth's crust. 
2. Name the important ores of the following elements: 


(a) Al (b Cu (c)Fe  (d)Pb (¢) Zn. 


3. Discuss briefly the views of (a) Goldschmidt and (b) Kuhn and Rittmann 
on the composition of earth. 


4, Justify the statement, *"The Ocean is a big storehouse of many elements 
and chemicals". 

5. Define the following: 
(a) Mineral, (b) Ore, (c) Gangue, (b) Flux, (e) Slag. 

6. Describe, in brief, the methods of concentrating the ores. 


7. What are the various methods employed for extracting the metals from 
their concentrated ores? 


8. Describe the following methods used for refining the metals: 
(a) Liquation, (b) Oxidation, (c) Electrolytic refining (d) Zone refining. 
9. What are the important minerals found in various states of India? 


10. What do you understand by qualitative analysis of compounds? How 
will you proceed for the analysis of a given sample of lead carbonate? 
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Multiple-Choice Questions 


Tick (v) the most appropriate choice. 


1 


10, 


All materials found in the earth are composed of chemical elements. 
Around two-thirds of the elements are: 

(a) metals (b) metalloids 

(c) nonmetals (d) semi-metals 


. Elements found in the combined state are often present as oxides, carbo- 


nates, silicates and 


(a) bromides (b) iodides 

(c) nitrites (d) sulphides 
. The most important oxide ore of iron is called 

(a) bauxite (b) haematite 

(c) magnetite (d) pyrolusite 


. The gaseous mixture covering the earth is called the atmosphere. Tt. con- 


tains about 78% of 


(a) COs (b) Hs 
(c) Na (d) O: 


- Which of the following pairs of elements forms about 75 % of the total 


constituents of the earth? 


(a) nitrogen and silicon (b) oxygen and aluminium 
(©) oxygen and nitrogen (d) oxygen and silicon 


- Living organisms contain different elements concentrated in different 


parts. For example, haemoglobin (blood) contains 


(a) copper (b) iron 
(c) manganese (d) zinc 


+ The elements recovered commercially from seawater include chlorine, 


bromine, sodium and 
(a) aluminium (b) calcium 
(c) magnesium (d) potassium 


- The naturally occurring materials in which the metals are sufficiently con- 


centrated and form commercial sources of desired metals are called 


(a) gangue (b) matte 
(c) minerals (d) ores 

- The waste material in an ore is called 
(a) flux (b) gangue 
(c) matte (d) mineral 


The process employed to concentrate an ore is called 


(a) benefication (b) calcination 
(c) roasting (d) smelting 
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1. 


12. 


13. 


14. 


15. 


16. 


17. 


18. 


19. 


A convenient method widely used in the concentration of sulphide ores is 
called 


(a) froth floatation (b) leaching 

(c) levigation (d) liquation 

Which of the following metals is not recovered by the leaching process? 
(a) Ag (b) Al 

(c) Au (d) Ca 


4Au + 8KCN + 2H:O + O: —> 4K [Au(CN):] + 4KOH 

The above equation depicts the recovery of gold by the process of 

(a) leaching (b) levigation 

(c) liquation (d) smelting 

The removal of sulphur from some sulphide ores can be easily accom- 
plished by the process of 

(a) leaching (b) liquation 

(c) reduction (d) roasting 

The removal of impurities from a mineral by forming molten salts is 
called 

(a) liquation (b) roasting 

(c) slagging (d) smelting 

A carbonate or a hydroxide ore is converted into its oxide by heating it 
strongly so as to remove any volatile impurity. The process is called 

(a) calcination (b) leaching 

(c) roasting (d) smelting 

A sulphide mineral is converted into its oxide (or sulphate) by heating it 
in air so as to remove the volatile sulphur and other impurities as oxides. 
This process is called 

(a) calcination (b) leaching 

(c) roasting (d) slagging 

One of the processes of obtaining a metal from fits oxide is by heating 
the oxide with aluminium. The process is called 


(a) aluminothermy (b) calcination 

(c) leaching (d) roasting 

Which of the following metals is not obtained by electrolytic reduction? 
(a) Al (b) Fe 

(c) K. (d) Mg 


. Purification of semi-conductor materials like silicon and germanium is 


usually accomplished by 
(a) distillation (d) electrolytic refining 
(c) liquation (d) zone refining 
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Answers (Multiple-Choice Questions) 


1. (a) 2. (d) 3. (b) 4. (c) 5. (d) 
6. (b) 7. (c) 8. (d) 9. (b) 10. (a) 
11. (a) 12. (d) 13. (a) 14. (d) 15. (c) 


16, (a) 17. (c) 18. (a) 19. (b) 20. (d) 
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31 THREE STATES OF MATTER 


The various kinds of substances that make up matter can be broadly 
divided into three categories, namely, gases, liquids and solids. These 
are known as the three states of matter. These states can be considered 
to arise as a result of competition between two opposing molecular 
forces, namely, the forces of attraction between the molecules and the 
thermal energy of molecules. 


Gaseous State 


If the thermal energy is much larger than the forces of attraction, we 
have matter in the gaseous state. Molecules in this state move with 
vy large speeds and the forces of attraction amongst them are not 
sufficient to bind the molecules at one place, with the result that the 
molecules move practical independent of one another. Because of 
this feature, the volume ofa gas is very sensitive to the changes in 
temperature and pressure. There exists no boundary surface and, there- 
fore, gases tend to fill completely any available space, i.e. they do not 
possess a fixed volume. 


Liquid State 


If the forces of attraction are greater than the thermal energy, we have 
matter in the liquid state. Molecules in the liquid state too have kinetic 
energy but they cannot go very far away because of the larger forces 
of attraction amongst them. Due to this feature, liquids have a definite 
volume, but they do not have a definite shape. They take the shape of 
the vessel in which they are placed. In general, liquids are more dense 
and less compressible than gases. 
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Solid State 


If the forces of attraction between molecules are much greater than 
the thermal energy, the molecules are- held at fixed positions and we 
have matter in the solid state. Molecules in the solid state, therefore, 
do not possess any translational energy, but have only vibrational 
energy as they vibrate about their mean positions., Because of large 
forces of attraction amongst molecules, the solid differ very much from 
liquids and gases with respect to size, shape and volume. Solids, in 
general, have a definite size, shape and volume. 


3.2 THE GASEOUS LAWS 


Of the three states of matter, the gaseous state allows a comparatively 
simple quantitative description. We are generally. concerned with the 
relations connecting four macroscopic properties of the gaseous state, 
namely, mass, pressure, volume and temperature. The relationship 
which connects these four variables is known as the equation of state 
of the system. By carrying out systematic experimental analysis it is 
possible to establish such an equation. Before describing the gas laws 
obtained experimentally, it is worth considering the apparatus used 
for measuring gaseous pressure. 


Experimental Measurement of Pressure 


The apparatus used for the measurement of pressure of a gascous sys- 
tem is known as manometer. This consists of a U-tube containing a 
nonvolatile liquid. Usually mercury is used for this purpose, Two types 
of manometer are commonly used. These are descri below. 


Open-End Manometer 

In this manometer, one end of the U-tube is o ned to atmosphere 
and the other end is attached to the vessel whose pressure is to be 
determined (Fig. 3.1). The difference of levels of mercury (/) in two 
tubes measures the pressure difference (AP = Psysiem — Pam) Which 
exists between the vessel and the atmosphere and is given by the ex- 
pression 


Psystem ~ Patm = ah PE 
where p is the density of mercury and g is the acceleration due to 


gravity. The positive (or negative) sign means that the level of. mer- 
cury in the tube attached to the vessellies below (or above) that in 
the other tube indicating that peessure in the vessel is greater (or 
smaller) than that of atmosphere. The value of latter can be measur- 
ed with a barometer. A simple barometer is made up ofa glass tube, 
approximately 80 cm long, which is sealed at one end. It is filled with 
mercury and is then inverted in a container of mercury as shown in 
Fig. 32. The mercury falls in the tube till the force of the atmos- 
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" 
ps which tends to push mercury upward in the tube, equals to the 
Orce of gravity which tends to bring mercury down, Thus, we have 


Forces of atmosphere = Pia 


Forces of gravity = weight of mercury in column 
= (A h)pg 
Honce, 
Pus 7 Fun mhae 
Open to atmosphere 


Vacuum 


Poystem™?aim* PPy Psystem "Pat Py E a My 


Fig. 3.1 An open-end manometer Vig. 3.2 A simple barometer 


A standard unit pressure holds 76.0 cm of mercury in the tube, Thus, 
we have 


| atm = 76 cmHg 
In CGS units, 
1 atm == (hu, pg) 
= (76.0 om) (13.595 g cm?) (981 cm s’) 
* 101325 x 10* gem’ 47 
= 101325 x 10* dyn cm? 
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Iu $1 units, 
1 atm = (0.76 m) (13.595 x 10° kg m^") (9,81 mà?) 
= 101325 x 10° kg m^! «? 
= 101325 x 10 N m^? 
= 101325 x 10° Pa = 101.325 


kPa 

Closed-End Manometer 

fo this manometer, one end of the U-tube is sealed after — 

the top of the tube (Fig. 3.3). The other. end is attached. to the 

whose pressure is to be determined. 

vessel pushes down the level of mercury. The level of iii the 
to 


? 
: 
t 
d 
: 


sealed side is consequently pushed up. The difference 
directly the pressure rr^ gas in the vessel and is equal 


| sure. Mathematically, 

Va lp 
A - VeKp o pp-k 0.1) 
»& r 
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1 
where K is constant of proportionality. Its value depends upon the 
mass and temperature of the gas. According to Eq. (3.1), the product 
of pressure and volume ofa given mass of a gas remains constant 
provided its temperature is held constant. Such behaviour is shown in 
Fig. 3.4. 


T constant 


p/—e- 


plor V) — 


Fig.3.4 Plot of pV versus p (or V) of a gas 
at costant temperature 


Equation (3.1) can also be represented graphically by plotting p 
versus V as shown in Fig. 3.5. The nature of the curve isa rectangu- 
lar hyperbola. The general term isotherm or isothermal (meaning at 
constant c PRR is used to describe these curves. Alternatively, 
y p B pere against 1/V, one would get a straight line as shown in 

ig. 3.6. 


7 constant 
T constant 
a 
— 
Fig. 3.5 Plot of p versus V Fig.3.6 Plot of p versus 1/V 
at constant T at constant T 


Fora given mass of a gas at constant temperature, Boyle's law 
gives 
p, V, = PV (3.2) 
where V; and V, are the volumes of the gas at pressures p, and p», re- 
spectively. 
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Problem 3.1 A weather balloon has a volume of 175 dm? when filled 
with hydrogen at a pressure of 1 atm. Calculate its volume at the 
height of 2 km where the atmospheric pressure is 0.8 atm. Assume 
that the temperature is constant. 


We have 


p,-—1latm | D; = 0.8 atm 
V, = 175 dm? PV =? 


Making use of Boyle's law ( p;V; = pV), we get 
y, =P Vis (1 atm) (175 dm?) 
fup (0.8 atm) 
— 218.75 dm? 


Charles’ Law 

Jacques Charles, in 1787, and later Joseph Gay Lussac, in 1802, took 
measurements of the volume of a fixed mass of a gas at various tem- 
peratures under the condition of constant pressure and found that the 
volume of the gas isa linear function of temperature on the Celsius 
scale, Mathematically, we write it as 


V,— a 4- bt (3.3) 


where a and b are constants. Equation (3.3) has been plotted in 
Fig. 3.7. 


p constant 


t /*c: 
Fig. 3.7 Plot of V, versus t (in Celsius scale) 


If Vo is the volume of gas at 0 ^C, then from Eq. (3.3) it follows 
that a = Vo. Hence, Eq. (3.3) becomes 


v= (3.4) 
or b = (V, — Vo)/t (3.5) 
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Experiments have shown that for each degree rise in temperature, the 
volume of gas increases by factor of a Vo/273.15. Hence, Eq. (3.5) 


becomes 
pis (n) 
1°C 
With this, Eq. (3.4) becomes 
Vo/273.15 
ton 5 + ( 16 )' 
a 273.15 + t/°C 
9r Py ( 273.15 ) (3.6) 
It is convenient to use the absolute temperature scale on which tcm- 
peratures are measured in kelvin (after the scientist, Lord Kelvin, who 
established such a scale theoretically). A reading on the scale is ob- 
tained by adding 273.15 to the Celsius value. Temperature on the kel- 
vin scale is represented by the symbol T. 
Thus, 
TIK = 273.15 + tC (3.7) 


With the above expression, Eq. (3.6) modifies to 


ay Qe 
Vr = Vo 773.15 


aby ete di 
Gh Kis (mà x) n G.8) 


For a given mass of a gas at constant pressure, the volume V has a 
constant value. Hence, Eq. (3.8) can be written as 


Vp=K,T or Vr aT (3.9) 


where the constant K, depends on the mass and pressure of the gas. 
Equation (3.9) isan alternate form of Charles’ law, according to 
which the volume of a given mass of a gas at constant pressure is direct- 
ly oes to the absolute temperature. Such behaviour is shown 
in Fig. 3.8. 


p constant 


Fig. 3.8 Plot of V versus T of a gas 
at constant p 
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For a given mass of a gas at constant pressure, Charles’ law gives 


y, Va 
T T (3.10) 


where V; and V, are the volumes of the gas at temperatures 7; and 
T,, respectively. 

Since volume is directly proportional to kelvin temperature, the 
volume of a gas should theoretically be zero at zero kelvin. However, 
gases liquefy and then solidify before this low temperature is reached. 
In fact, no substance exists as a gas at temperatures mear zero kelvin 
though the straight-line plots can be extrapolated to zero volume. The 
temperature that corresponds to zero volume is — 273.15 °C, 


Problem 3.2 A sample of helium has a volume of 500 cm? at 100 °C. 
Calculate the temperature at which the volume will become 260 cm?. 
Assume that the pressure is constant. 


We have 
V, = 500cm? V= 260 cm? 


T,—100'C—37315K "=? 
Making use of Charles’ law (V;/T, = V;/T;) we have 
S Ee EY al 4 (373.15 K 
eV, (7) = (260 cm ( A ) 
— 194.04 K 


Pressure Dependence on Temperature 


An expression similar to volume dependence on temperature was 
established for pressure dependence also. The pressure of a given mass 
of a gas at constant volume varies linearly with temperature on the 
Celsius scale, i.e., 


p, — a 4 bt (3.11) 


Now a = po, the pressure at 0 °C. The value of b as found experi- 
mentally is (p,/273.15 °C). Hence, Eq. (3.11) becomes 


home Prk ptos ja 


ub. (25 FYL 
? 273.15 
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Now, making use of Eq, (3.7), we get 


ts Po. 
Be (m5 x)? | 
or yn oT (3.12) - 


that is, the pressure of a given mass of a gas at constant volume is di- 
rectly proportional to its kelvin temperature. Equations (3.11) and (3.12) 
are shown graphically in Fig. 3.9 and 3.10, respectively. The general 
term isochor (meaning at constant volume) is given to the plots of 
Figs. 3.9 and 3.10 


V constant V constant 


p— 


thc — End 
Fig.3.9 Plot of p versus ¢ Fig. 3.10 Plot of p versus T 
at constant V at constant V 


For a given mass of a gas at constant volume, Eq. (3.12) gives 


Pi _ Ps 

T, "T, (3.13) 
where p, and p; are the pressures of the gas at temperatures 7, and 
T, respectively. 


Equation of State 
The results of the laws of Boyle and Charles can be combined into an 
expression which represents the relationship between pressure, volume 
and temperature of a given mass of gas; such an expression is known 
as an equation of state. Suppose the gas is in the initial state with 
volume V;, pressure p; and temperature 7;. We then change the state 
of the gas to a volume V, pressure p; and temperature 75. Let us 
carry out this change in two steps. 

1. Let the pressure p; be changed to p; keeping T; constant. Let V, — 
be the resultant volume. According to Boyle's law, we have 


PV = DV, (Eq. 3.2) 
or a= pv b 


p 
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2. Now let the temperature be changed from T, to T, keeping p; 
constant. The volume will now change from V, to V}. Now, according 
to Charles’ law, we have 


V, Va 
rf (Eq. 3.10) 
CU 
z n= (2) 
Equating the two expressions of V,, we get 
PV; _ Yn 
Pa T, 
PV, _ Poa 
or 7 = d (3.14) 


From Eq. (3.14) it follows that no matter how we change the state of 
the given amount of a gas, the ratio pV/T always remains constant, 
ie. 


= K (3.15) 


Problem 3.3 A sample of nitrogen gas occupies a volume of 1.0 dm? 
at a pressure of 0.5 bar at 40 °C. Calculate the pressure if the gas is 
compressed to 0.225 cm? at — 2°C. _ 


V, = 1.0 dm? = 1000cm* V, = 0.225 cm? 

pi = 0.5 bar p? 

T, = 40°C = 313.15 K T,— —2'C—27.15K 
Making use of the ideal gas law (p, Vi/T, = p;V3/T;), we have 


n= (8) (8 


 EALLIS K) 0.5 bar x 1000 m) 
= 10225'cm? 313.15 K 


= 1924.2 bar 


The value of K in Eq. (3.15) depends on the amount of gas in the 
system. Since V is an extensive property (which is mass dependent), its 
value at constant p and T is proportional to the amount of the gas 
present in the system. Then K must also be proportional to the amount 
Of gas because p and T are intensive properties (which have no mass 
dependence). We can express this by writing K = nR, in which n is the 
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amount of gas in a given volume of gas and R is independent of all 
variables and is, therefore, a universal constant. We thus have the 
general gas law 


pV = nRT (3.16) 


Physical significance of R 

The universal gas constant as given by Eq. (3.16) is given as R = pV/nT. 
Thus, it has the units of (pressure x volume) divided by (amount of 
gas X temperature). Now the dimensions of pressure and volume are, 


Pressure — (force/area) — (force/length?) 
= force x length? 


Volume — length? 


— (force x length”) (length?) 

Dose A (amount of gas) (kelvin) 
(force x length) 

(amount of gas) (kelvin) 


work (or energy) 
(amount of gas) (kelvin) 


Thus, the dimensions of Aare energy per mole per kelvin and, 
hence, it represents the amount of work (or energy) that can be 
. obtained from one mole ofa gas when its temperature is raised by 
one kelvin. 


Dalton's Law of Partial Pressures 
The relation between the total pressure of a mixture of gases and the 
pressures of the individual gases was expressed by John Dalton in 
1807. This law is known as the law of partial pressures. The partial 
pressure of a gas in a mixture is defined as the pressure which the gas 
would exert if it is allowed to occupy the whole volume of the mixture 
at the same temperature. According to Dalton'slaw of partial pres- 
sures, the total pressure of a mixture of non-interacting gases is equal 
to the sum of the partial pressures of the constituent gases. 

Let a mixture of gases have the amount 7, of the first gas, 7, of the 
second gas, and so on. Let the corresponding partial pressures be p;, 
P3,.... The total pressure is given by 


Prorat = Pi +P, TENA (3.17) 


If the gases present in the mixture behave ideally, then, it is possible 
to write separately for each gas, 


pV =n, RT 
pV = n, RT (3.18) 


noD 


y 
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and, hence, (p, + P3 +...) V — (n +m +...) RT 
ie. Protat V = Mota RT (3.19) 


where Motai is the total amount of gases in the mixture. Dividing Eq. 
(3.18) by Eq. (3.19), we get 


e ; 
POTE Protat = *1 Protat 
Miotal 
n 
p= E Piotat = X2 Prorat (3.20) 
total 


and so on, 

The fractions 7,/Motaty M2/Motar €tc., are called the mole fractions, 
of the respective gases. The mole fraction of a constituent of any mix- 
ture (gaseous, liquid or solid) is defined as the amount (or number of 
molecules) of that constituent divided by the total amount (or number 
of molecules) in the mixture. If the mole fractions are given, it is 
possible to calculate partial pressures by using Eq. (3.20). 


Problem 3.4. The following reaction is carried out at 101.325 kPa 
and 383 K 


2CH, + 30, —— 2 CO + 4H;O 


with the initial amounts of CH, and O; as 0.01 and 0.03 mol, respec- 
tively. All reactants and products are gaseous at 383 K. After the 
completion of the reaction, the flask is cooled to 283 K at which H2O 
is completely condensed. Calculate the total pressure and partial pres- 
Sures of various species after the reaction at 383 K and 283 K. 


The reaction is 
2 CH, + 30; —— CO + 4H;O 


Amount [mol CH: O: co Hio Tem. Total 


ture of gas 


ntotai/mol 
Inthe beginning — 0.01 | 003 0 0 383K 0.04 
At the end 0.0 0.015 00] 002 38K 0.045 


0.0 0.015 0.01 condensed 283K 0.025 


Total pressure and partial pressures at 383 K 


Pon = (ntt) puia = (S) (101.325 kPa) 


= 113.99 kPa 
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amount of gas in a given volume of gas and A is independent of all 


variables and is, therefore, a universal constant. We thus have the 
general gas law 


pV = nRT (3.16) 


Physical significance of R 
The universal gas constant as given by Eq. (3.16) is given as R = pV /nT. 
Thus, it has the units of (pressure x volume) divided by (amount of 
gas x temperature). Now the dimensions of pressure and volume are, 
Pressure — (force/area) — (force/length?) 
= force x length? 
Volume — length? 


— (force x length”) (length?) 
ud x (amount of gas) (kelvin) 


dx (force x length) 
^ (amount of gas) (kelvin) 


ie work (or energy) 
(amount of gas) (kelvin) 


Thus, the dimensions of R are energy per mole per kelvin and, 
hence, it represents the amount of work (or energy) that can be 
. obtained from one mole of a gas when its temperature is raised by 


one kelvin. 


Dalton’s Law of Partial Pressures 
The relation between the total pressure of a mixture of gases and the 
pressures of the individual gases was expressed by John Dalton in 
1807. This law is known as the law of partial pressures. The partial 
pressure of a gas in a mixture is defined as the pressure which the gas 
would exert if it is allowed to occupy the whole volume of the mixture 
at the same temperature. According to Dalton’s law of partial pres- 
sures, the total pressure of a mixture of non-interacting gases is equal 
to the sum of the partial pressures of the constituent gases. 

Let a mixture of gases have the amount n, of the first gas, n, of the 
second gas, and so on. Let the corresponding partial pressures be p;, 
Po,....« The total pressure is given by 


Poa = Pi + Et... (3.17) 


If the gases present in the mixture behave ideally, then, it is possible 
to write separately for each gas, 


DV =n, RT 
PWV = m, RT (3.18) 


«ete nn nw. 
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and, hence, (pj + p; +...) V — (m m+...) RT 
i.e., Prorat V = Mhow RT (3.19) 


where M otat is the total amount of gases in the mixture. Dividing Eq. 
(3.18) by Eq. (3.19), we get 


nı r 
PA Protat = X1 Protat 
total 
n, 
Pi = Q—— Prorat = X2 Piotal (3.20) 
total 


and so on, 

The fractions 1;/Mora1, 75/,o, etc., are called the mole fractions, 
of the respective gases. The mole fraction of a constituent of any mix- 
ture (gaseous, liquid or solid) is defined as the amount (or number of 
molecules) of that constituent divided by the total amount (or number 
of molecules) in the mixture. If the mole fractions are given, it is 
possible to calculate partial pressures by using Eq. (3.20). 


Problem 3.4. The following reaction is carried out at 101.325 kPa 
and 383 K 


2CH, + 30, —— 2 CO + 4H;O 


with the initial amounts of CH4 and O; as 0.01 and 0.03 mol, respec- 

tively. All reactants and products are gaseous at 383 K. After the 

completion of the reaction, the flask is cooled to 283 K at which H;O 

is completely condensed. Calculate the total pressure and partial pres- 

sures of various species after the reaction at 383 K and 283 K. 
The reaction is 


2 CH, + 30; —— CO + 4H;O 


Amount [mol CH; Oz co H.0 Tem- Total 
pera- amount 


ture of gas 


- Miotai/mol 
In the beginning 0.01 0.03 0 0 383K 0.04 
At the end 0.0 0.015 0.01 0.02 383K 0.045 


0.0 0.015 0.01 condensed 283K 0.025 


Total pressure and partial pressures at 383 K 
n 0.045 
Pita = (zea) Pinitiaa = (eos) (101.325 kPa) 
= 113.99 kPa 
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P(O,) = ( Fo) Poa = (Sas) (113.99 kPa) 
= 38.00 kPa 
p(CO)= (2e) poui = 3 (113.99 kPa) 
— 25.33 kPa 
: 0. 
p(H,0) = (F822) Pout = (5045) (113.99 kPa) 
= 50.66 kPa 


Total pressure and partial pressures at 283 K 
0. 
Protat = (zem ) nin = (SE) (101.325 kPa) 


Minitial 
= 46.81 kPa 
0.015 
pO) = (7) Prota = (353) (46.81 kPa) 
= 28.086 kPa 


— ("co .. (901 
p (co) = (222) pou = (Pays) (46.81 kPa) 
= 18.724 kPa 


Grahms Law of Diffusion 

The phenomenon of diffusion may be described as the tendency for 
any substance to spread uniformly throughout the space available to 
it. Diffusion through fine pores is called effusion. 

According to Graham’s law of diffusion, the rate of diffusion (or 
effusion) of a gas is inversely proportional to the square root of its den- 
sity or molar mass, If r, and r, are the rates of diffusion of two gases, 
whose densities under the given conditions are p, and pz, respectively, 
then from Graham's law, 


"zB 
HT A (3.21) 
n. fh 

or eli (3.22) 


where M, and M; are the respective molar masses of the two gases. 
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Problem 2.5 In a 2 m long narrow tube, HCl is allowed to diffuse in 
the tube from one end and NH; from the other end. If diffusion is 
started at the same time, predict at what point the white fumes of 
NH,CI will form. 


Let / be the length of the tube from—the NH; end at which both 
NH; and HCl meet together. We will have 


Tus c Aun o l 
Tma la 2m-l 


Now from Graham’s law of diffusion, we have 
Inm fuer PN 36.5 =1 
"us / My 17 4653 


1 
za = 1.4653 


j — (2 m) (14653) 
= T4 1.4653 


= 1.189 m 


Hence, 


Concept of an Ideal Gas and Evaluation of Gas Constant 


So far, we have assumed that all gases obey the gas laws under all 
conditions of temperature and pressure; however, for real gases this is 
not true, Real gases obey these laws only under limited conditions of 
low pressures and high temperatures. They exhibit deviations from the 
gas laws and these deviations are greater when the temperature and 
pressure are close to the conditions at which the gas can be condensed 
into a liquid. Thus Boyle’s law, Charles’ law, and the equation of state 
derived from these two laws may be regarded as approximations for 
real gases and are expected to be applicable only at relatively low pres- 
sures and moderately high temperatures. It is, nevertheless very use- 
ful to postulate a hypothetical (or imaginary) ideal (or perfect) gas, 
defined as a gas to which the laws of Boyle and Gay-Lussac are strict- 
ly applicable under all conditions of temperature and pressure. It is 
for this reason that Eq. (3.16) is commonly referred to as the ideal 
gas equation. Real gases attain ideal behaviour only at very low pres- 
sures and very high temperatures. 

Since Eq. (3.16) is not applicable to real gases, the evaluation. of 
the universal gas constant R cannot be done directly by utilizing the 
pressure, volume, and temperature data of real gases. Equation (3.16) 
is strictly applicable only for ideal gases and thus if the pressure and 
volume of one mole of an ideal gas were known at a definite tempera- 
ture, it would be a simple matter to evaluate R from Eq. (3.16). How- 
ever, as no gas behaves ideally, this procedure would appear to be ruled 
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out. But we know from experiments that all gases approach ideal be- 
haviour as the pressure is decreased. Hence, the extrapolation method 
(p — 0) on the data of real gases can be utilized to determine the 
corresponding properties of an ideal gas. The data obtained in this 
manner, after extrapolation, should be independent of the characteris- 
tics of the actual gas employed for the experiment. 

By measuring the volume of one mole ofareal gas, at different 
pressures and constant temperature, a graph between pV and p can be 
drawn. On extrapolating this graph to zero pressure, to correct for 
departure from ideal behaviour, it is possible to determine the value 
of pV as applicable to one mole of an ideal gas. Since this value of 
pV should be independent of the nature of the gas, therefore, it is 
natural to expect that the same value of (pV),+0 would be obtained 
irrespective of the gas employed for this purpose. In other words, the 

raphs of pV versus p of different gases must yield the same value of 
PV )p>o. In fact, it is found to be so, as is evident from Fig. 3.11. 
The value of (pV),»9 at 273.15 K is found to be 2271.099 dm? kPa 
(or 22.414 dm? atm-!) Thus if p = 101.325 kPa (= 1 atm), then V 
= 22.414 dm’, that is, the volume occupied by one mole of an ideal gas 
at standard temperature (273.15 K) standard pressure (101.325 kPa, 
i.e., one atmospheric pressure) is 22.414 dm’. 


T=27315K 


— 


Fig. 3.11 Plot of pV versus p of a few gases 


.. We have seen that the units of R are energy K^! mol"!. Therefore, 
its value will depend upon the unit in which energy is expressed. In SI 
units, the energy is expressed in joules. The value of R in SI units can 
be worked out as follows. 


a. (101.325 kPa) (22.414 dm*) 
(i mol) (273.15 K) 
= 8.314 kPa dm? K^! mol! 
= 8.314 MPa cm? K^! mol! 
= 8.314 J K^! mor! (3.23) 
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3.3 KINETIC-MOLECULAR THEORY OF GASES 


It is possible to develop a theory based on the Structure of gases which 
can explain the various gas laws. Such a theory is known as the ki- 
netic-molecular theory of gases. It is based on certain postulates which 
are strictly applicable to an ideal gas. The postulates are: 

1. A gas consists of a large number of very small spherical parti- 
cles, which may be identified with the molecules. The molecules of a 


Son to the total volume of the gas. 

3. The molecules are in rapid motion which is completely random, 
During their motion, they collide with one another and with the sides 
of the vessel. 

4. The molecules are perfectly elastic, i.e. there occurs no loss of 
energy when they collide with one another and with the sides of the 
vessel. 

5. The laws of classical mechanics, in particular Newton's second 
law of motion, are applicable to the molecules in motion. 

6. There is no force of attraction or repulsion amongst the mole- 
cules, i.e. their movement is independent of one another. 

7. At any instant, a given molecule can have energy ranging from 
a small value to a very large value, but the average kinetic energy 
Temains constant for a given temperature, i.e. the average kinetic 
energy is proportional to the absolute temperature of the gas. 

Based on the above postulates it is possible to derive an equation 

known as kinetic gas equation) which connects different characteris- 
tics of an ideal gas. The equation is 


PV = 4 mN (3.24) 
Where, pis the pressure of the gas, 
V is the volume of the gas, 
m is the mass of a molecule of the gas, 
N is the number of molecules of the gas, 


and V is the mean square speed of gaseous molecules defined as 
at 2 2 
Pe ui Huit... ug (3.25) 
N 
Explanation of Gas Laws 


The kinetic gas equation can be used to derive the various gas laws 
ànd to define expressions for theroot mean square speed. and average 
kinetic energy. Before deriving these, it is helpful to write this equa- 
tion in the following form. 
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From the last postulate of the kinetic theory of gases, we have 
Average kinetic energy oc T 
ie. im?cocT 
or im?-kKT 


where K is the proportionality constant. Introducing this in Eq. (3.24), 
we have 


Lu =2y (lhe) Si 
py = 5 më z N (5m) = 5 NAT (3.26) 
Now, we proceed to derive the various gas laws from Eq. (3.26). 


Boyle's Law 
The essential conditions for Boyle's law to be applicable are: 
1. Temperature (T) should remain constant. 
2. Mass of the gas should remain constant. In other words, the 
total number of molecules (N) remains unchanged. 
Under these conditions, Eq. (3.26) yields 
pV = constant 


or pet 


which is the expression for Boyle’s law. 

The physical explanation of Boyle’s law is readily provided by the 
kinetic theory of gases. The pressure of the gas is due to the molecu- 
lar collisions with the sides of the vessel. On decreasing the volume of 
a gas at constant temperature the rate of molecular collisions with the 
sides is enhanced as the molecules have to travel a lesser distance be- 
tween the two successive collisions with the sides of the vessel. Conse- 
quently, the net impact per unit time on the walls is increased which 
leads to increase in the pressure of the gas. 


Charles’ Law 
In this case, we have 
1. Pressure (p) remains constant. 


2. Mass of the gas remains constant, i.e. N is constant. With these 
conditions, Eq. (3.26) gives 


y -(25E)r 
3p 

or V — (constant) T 
or VaT 


which is Charles’ law. 
The physical explanation of Charles’ law is readily provided by the 
kinetic theory of gases. On increasing the temperature of the gas, the 
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molecules acquire more energy (kinetic) due to an increase in their 
speeds. If the volume of the vessel is held constant, the pressure of 
the gas will increase due to two factors, namely, (1) larger impact per 
collision on the sides of the vessel (as the molecules travel faster and 
have more kinetic energy), and (2) increase in the number of molecular 
collisions with the sides of the vessel (as the molecules travel faster and 
thus take less time between two successive collisions with the sides). 
Alternatively, if we wish to keep pressure constant, the molecular 
impacts on the sides of the vessel are kept constant by increasing the 
volume of the vessel. This decreases the rate of molecular collisions as 
the molecules have to travel larger distance between two successive 
collisions. Thus, the effect of increase in speed (factor 1) is counter- 
balanced by the effect produced due to increase in volume (factor 2). 


Root Mean Square Speed 
From Eq. (3.24), we have 


-z 3pV 
2 = E 
EE (3.27) 
For 1 mole of an ideal gas, we have 
pV = RT 
and N =N; (Avogadro constant) 
With these, Eq. (3.27) becomes 
CSRI 
u^ em mN, 
3RT 
=T (3.28) 


where M is the molar mass. Taking the square root of Eq. (3.28), we 
get root mean square speed, i.e., 


Ve = E (3.29) 


Problem 3.6 According to Eq. (3.27), root mean square speed of gase- 
ous molecules is given by 


Ung, = 3pV/mN 
What is the effect of isothermal variation in p on the root mean square 
speed of gaseous molecules? TE 
The root mean square speed is independent of isothermal variation 


in p as pV remains constant at a given temperature (Boyle's law). 
Hence, t, depends only on the temperature of the gas. 
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Problem 3.7 Arrange the following molecules in the decreasing order 
of root mean square speed at the same temperature, Ha, Oz No, CO;, 
CH4, NH3, CO, HCI and Ne. 

Since tym, (= 4/ 3RT/M) is inversely proportional to molar mass, 
the molecules haying larger molar mass will haye smaller root mean 
Square speed and vice versa. Now, molar masses in decreasing order 
are: 


M(CO,)  M(HCI) > M(O,)  M(N)) = M(CO) 
> M(Ne) > M(NH;) > M(CH,) > M(H;) 
Thus, root mean square speeds in the decreasing order are: 
Crms)at2 > (timoni > (as)Ns > Crms)Ne > 


(Hims)Ne = rms)co > (4o: > (ss) nci > (Us) cos 


Grahm's Law of Diffusion 

The rate of diffusion or effusion can be assumed to be directly propor- 
tional to the root mean square speed (or any other average speed). 
Thus, we have 


nsu 


f u3 


Making use of Eq. (3.29), the above expression becomes 


rı _ /3RT/M, 
r, N3RT/M, 
n. [M 

or n NM, 


Which is Grahm's law of diffusion. 

Average Kinetic Energy 

The average kinetic energy is defined as 
KE—1imié 

Making use of Eq. (3.27), this becomes 


_ 3pV 
mdi; 
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For 1 mole of an ideal gas pV = RT and N = N, (Avogadro con- 
stant). Hence, we have 


3RT 3 
KE — 3m; 7109 kT (3.30) 
where k = R/N, and is known as Boltzmann constant. It value is 
5 R _ 8.3143 K! mol! 
~ N, 6.023 x 10? mol! 


—138x 102JK' 
The total kinetic energy for 1 mole of an ideal gas 


3 
Eoi = Na (KE) = 5 RT (3.31) 


It may be noted that the average kinetic energy as well as molar 
kinetic energy depends only on temperature of the gas. This is, in fact, 
the last postulate of the kinetic theory of gases. 


Problem 3.8 Calculate the total kinetic energy of 0.5 mol of an ideal 
gas at 273 K. 


Total kinetic energy 


—n (5 27) 


— (0.5 mol) E (8.314 J K^! mol) (273 Kw} 
= 1702 J / 


Problem 3.9 Two flasks A and B have equal volumes. A is maintain- 
ed at 300 K and B at 600 K. While À contains H5 gas, B has an 
equal mass of CH, gas. Assuming ideal behaviour for both the gases, 
find the following and establish your answer quantitatively. 


(a) Flask containing greater number of molecules. 

(b) Flask in which the pressure is greater. 

(c) Flask in which the molecules are moving faster. 

(d) Flask in which the average kinetic energy is greater. 
(e) Flask in which the total kinetic energy is greater. 


i (a) Let n, be the amount of Hz and mp the amount of CH4. We 
ave 


As caf fi E RE 
na = yg mo ^87 16 g molt 
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where 7 is the mass of the gas in each of the two flasks A and B. 
Hence, 


Now since N = n N4 (where N; is Avogadro constant), we have 
Na = ny Na = (m,/2 g mol) NA 
Ng = ng Ni = (my/16 g mol!) N4 

Hence, 

Na _ (my/2) N, 8 


Ng ^ (ma/16) Ny — 
(b) Since pV = nRT, we have 


Pa (ARTA) _ Ma Ty. (m/2)Tx _ (7) 


Pg (ne RT3/V) mg Te (m/16) Ty T 


(c) Since tms = V 3RT/M, we have 
(uma |3RTA]M, _ |T, Mg 


(Urms)B 3RT;/Mg NTs Ma 
(300 K) (16 g mol!) 


1/72 
F f K) @ g mor!) } T 
(d) Since KE — (3/2) kT, we have 
(KB, T, 300K _ 
(KE); < Ta. 600K 
(e) Since KE = n (KE), we have 


(KE) "4 (KB). au isj 
(L3) mrs cb cl 


3.4 MOLECULAR SPEEDS 


The speed of a molecule of a gas changes continuously as a result of 
collisions with other molecules and with the walls of the container. As 
a consequence, one cannot speak of the speed of an individual mol- 
ecule; rather, one must consider the statistical averages of the speeds of 
the whole collection of gas molecules, Even if all the molecules in a 
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Vessel were to start moving in parallel lines with the same speed, the 
slightest disturbance of a single molecule due to gravitational or other 
forces, would result in collisions and ultimately in chaotic molecular 
movement. Since the observed properties such as pressure, volume and 
temperature of an isolated gaseous sample do not change with time, it 
is expected that the same is also true in the case of distribution of 
molecular speeds. That is, the fraction of total number of molecules 
having speeds between any definite range must be constant, even 
though the speeds of individual molecules may be changing as a result 
of molecular collisions. 


The manner in which the molecules of a gas are distributed was first 
investigated theoretically by J.C. Maxwell in 1859 and this was proved 
rigorously by L.E. Boltzmann. For this reason, the distribution of 
speeds is known as the Maxwell-Boltzmann distribution of molecular 
speeds. The results of distribution are shown in Fig. 3.12. 


am 


Fig. 3.12 Distribution of molecular speeds 


The abcissa of Fig. 3.12 is speed (u) and the ordinate is (1/du) (dN/ 
N) which gives the fraction of molecules (i.e. dN/N) in the speed 
range u to (u + du) per unit interval of speed (i.e. 1/du). Figure 3.12 
includes distributions at two temperatures. It can be sven that the 
fraction of molecules having either very low speeds or very high speeds 
are small in number. The majority of molecules have speeds around 
the middle range of speeds. The speed corresponding to maximum 
fraction of speed is known as the most probable speed. 


The effect of temperature on molecular distribution is evident from 
Fig. 3.12. Since increase of temperature increases the kinetic energy of 
molecules, it follows that the fraction of molecules having a lower 
speed range decreases whereas that having high speed range increases 
on increasing the temperature of the gas. The distribution curve be- 
comes broader in the middle range at higher temperatures indicating 
that more molecules possess speeds nearer to most probable speed, 
The distribution curve at a higher temperature has its most probable 
speed shifted to a higher value as compared to the lower temperature 
whereas the corresponding fraction of molecules has decreased. 
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In general, three different types of speeds of molecules are coti- 
monly used. These are described as follows. 


1, Most probable speed This is the speed possessed by the maxi- 
mum fraction of molecules in the gaseous sample. It can be shown 


that 
IRT 
“mo — T 


2. Average speed This is the average of speeds possessed by the 
molecules, i.e., 


BR + ty d a + uy 
Bap ETO OP MRT pate 


It can be shown that 
ERT 
tav = 7773 
3. Root mean square speed As defined earlier, this speed is 


3 a ek ca 
rms ^ ja V 
and it is given by the expression 
3RT 
fog J M 
From the expressions of the above three speeds, it follows that 


2RT., [8RT. J3RT 
tng at gf A = aM N M 


1:1: 1.128 : 1.224 


Problem 3.10 Calculate the most probable, average and root mean 
square speeds for hydrogen molecules at 273 K. 


We have 
gn x). du [? (8.314 J K^! mol!) (273 S 
TP M 2.016 x 10-3 kg mol 


= 1.50 x 103 (J kg 3)? = 1.50 x 105m g^! 
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yoia (y. iv [t (8.314 J K-! mol!) (273 K d. 
w = UM) ~ L(314) 2.016 x 107 kg mol), 

= 1.69 x 10° (J kg“)? = 1.69 x 10 ms! 
qu) (um- 3 (8.314 J K^! mol!) (273 ge 
m = UM) ~~ 2016 x 10? kg mol 


1.84 x 109 (J kg)? = 1.84 x 105 m s"! 


l 


Problem 3.11 A 1 dm? gas bulb contains 1.03 x 10? H; molecules. 
If the pressure exerted by these molecules is 76.0 mmHg, what is the 
temperature? 


We have 
V = 1 dm? 
N= 1,03 x 10? 


ll 


76.0 mmHg = (76.0 mmHg) (nsus =) 


P 760 mmHg 


= 10.1325 kPa 


N. uio 0005 EP 
Amount of gas, n = N, 7 (6323. x 107 mor 7) ~ 0.171mol 


Making use of ideal gas equation (pV = nRT), we have 


pP. DLE (10.1325 kPa) (Ldm) — — 
= nR (0.171 mol) (8.314 kPa dm’ K^! mol !) 
=7127K , 


3.5 REAL GASES 


Real gases do not obey the ideal gas laws exactly under all conditions 
of temperature and pressure. Experiments show that at low pressures 
and moderately high temperatures, gases obey the laws of Boyle, Gay- 
Lussac and Avogadro approximately, but as the pressure is increased 
or the temperature is decreased, a marked departure from ideal be- 
haviour is observed. Figure 3.13 shows, for example, the type of devia- 
tion that occurs in Boyle's law for Hz at room temperature. 

The curve for a real gas has a tendency to coincide with that of an 
ideal gas at low pressures when the volume is large. At high pressures, 
however, deviations are observed. 
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The deviations can be displayed more clearly, by plotting the ratio 
of the observed molar volume V, to the ideal molar volume Vs, ideal 
(= RT/p) as a function of pressure at constant temperature. This 
ratio is called the compressibility factor Z and can be expressed as 


Zale eee Fe 


= (3.32 
LT ideal 2 Ro i 


p— 


Ideal gas 


v— 


Fig. 3.13 Plot of p versus V of hydrogen as 
compared that of anjideal gas, 


For an ideal gas Z = 1 and is independent of pressure and tempera- 
ture. For a real gas, Z — f (T, p), a function of both temperature and 
pressure. Figure 3,14 shows a graph between Z and pfor some gases 
at 273.15 K, the"pressure range[in this graph being very large. 


t-0*c 


——— 


p— 


Fig. 3.14. Plot of Z versus D of a few gases. 


It can be noted that 
1. Z is always greater than 1 for Hp. 


2. For No, Z <_1 in the lower part of the pressure range and is 
greater than 1 at higher pressures. It decreases with increase of pres- 
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sure in the lower pressuré region, passes through a minimum at some 
pressure and then increases continuously with pressure in the higher 
pressure region. 

3. For CO, there is a large dip in the beginning. In fact, for gases 
which are easily liquefied, Z dips sharply below the ideal line in the 
low pressure region. 

Figure 3.14 gives an impression that the nature of the deviations 
depend upon the nature of the gas. In fact, it is not so. The determin- 
ing factor is the temperature relative to the critical temperature of the 
particular gas; near the critical temperature, the pV curves are like 
those for CO,, but when far away, the curves are like those for H3 
(Fig. 3.15). 

Provided the pressure is of the order of 1 bar or less, and the tem- 
perature is not too near the point of liquefaction, the observed devia- 
tions from the ideal gas laws are not more than a few per cent. Under 
these conditions, therefore, the equation pV = AT and related expres- 
sions may be used. 


5— 


Fig.3.15 Plot of Z versus p of a single gas at various 
temperatures. 


Causes of Deviations 


The ideal gas laws can be derived from the kinetic theory of gases 
which is based on the following two important assumptions: 

1. The volume occupied by the molecules is negligible in compari- 
son to the total volume of the gas. 

2. The molecules exert no forces of attraction upon one another. 

It is because neither of these assumptions can be regarded as appli- 
cable to real gases that the latter show departure from the ideal 
behaviour. 

The molecules of a gas, however, do occupy a certain volume as can 
be seen from the fact that gases can be liquefied and solidified at low 
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temperatures and high pressures. On decreasing the temperature ofa 
gas, the thermal energy of molecules is decreased and the effect of 
applying high pressure is to bring the molecules closer to one another, 
thereby increasing the forces of attraction amongst them. Both these 
factors favour liquefaction and solidification. In the solid state, how- 
ever, there is considerable resistance to any further attempt at compres- 
sion. It is apparent, therefore, that the molecules of a gas must have 
an appreciable volume, which is probably of the same order as that 
occupied by the same number of molecules in the solid state. 

The molecules in gases also have weak forces of attraction (called 
van der Waals attraction) amongst themselves, as otherwise, the gases 
could never be liquefied and solidified. This is also supported by the 
fact that when a compressed gas is passed through a porous plug of 
silk or cotton in adiabatic condition (thermally isolated), the emerging 
gas is found to be cooler than the entering gas, provided the tempera- 
ture of the gas is less than its inversion temperature (Joule-Thomson 
effect). This is because on expansion, some work has to be done against 
the internal forces of attraction, which requires energy. This energy 
comes from the system itself. i 

Van der Waals was the first to introduce systematically the correc- 
tion terms due to the above two wrong assumptions in the ideal gas 
equation. The corrected equation, known as van der Waals equation, 
is / 


(» + TAY ~ ny ener 9 | (3.33) 


Aly 


values depend upon the nature of the gas (Table 3.1). The constant @ 
measures the forces of attraction amongst the gaseous molecules, 
whereas the constant b represents the effective volume occupied by 
molecules of 1 mole of a gas. It can be shown that the constant bis 
four times the actual volume occupied by molecules in one mole of 


The constants a and b are known as van der Waals he and their 


Table 3.1 Van der Waals constants 


Ga Rama aw 
Hi 21.76 26.61 
Na 140.84 39.13 

O: 137.80 31.83 
Ch 657.90 5622 
co 150.47 39,85 
CO: 363.96 42.67 


H:0 553,64 30.49 
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the gas. If molecules are assumed to be spherical of radius r, we will 
have 


b=4(3 rr) Ns 


where N, is the Avogadro constant. 

The term n?a/V? has the units of pressure, thus the units of a are 
atm litre? mol? (SI: Pa m* mol). The units of b are litre mol 
(SI: m? mol-!). 


Applicability of the Van Der Waals Equation 
Since the van der Waals equation is applicable to real gases, it is worth 
considering how far this equation can explain the experimental behavi- 


our of real gases, as represented by Fig. 3.14. The van der Waals 
equation for 1 mole of a gas is 


(p " yz) (V, — 5) — AT (Eq. 3.33) 
m t 
1. At low pressure When pressure is low, the volume is sufficiently 


large and b can be ignored in comparison to Vm in Eq. (3.33). Thus, 
we have 


(oth) 


or P Vm + y = AT 
m 
or Z=1- 7 RT 
m 


From the above equation it is clear that in the low pressure region, 
Z is less than 1. On increasing the pressure in this region, the value of 
the term (a/V,, RT) increases as V is inversely proportional to p. Con- 
sequently, Z decreases with an increase in p. 
2. At high pressure When p is large, Vm will be small and one 
cannot ignore b in comparison to Vm. However, the term a/V% may 
d considered negligible in comparison to p in Eq. (3.33). Thus, we 
ave 


P (Va — b) = RT 
appt 
or Z=1+ RT 


Here Z is greater than 1 and it increases linearly with pressure. 
This explains the nature of the graph in the high pressure region. 


3. At high temperature and low pressure If ture is high, V,, 
will also be sufficiently large and thus the term a/V2 will be negligibly 
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small. At this stage, b may also be negligible in comparison to Vm: 
Under these conditions, Eq. (3.33) reduces to an ideal gas equation of 
state: 

PV, = RT 


4. Hydrogen and helium The value of a is extremely small for these 
gases as they are difficult to liquefy. Thus, we have the equation of 
state as p (Vm — b) = RT, obtained from the van der Waals equation 
by ignoring the term a/Và. Hence, Z is always greater then 1 and it 
increases with an increase in p. 

The van der Waals equation is a distinct improvement over the ideal 
gas law in that it gives qualitative reasons for the deviations from ideal 
behaviour. However, the generality of the equation is lost as it contains 
two constants, the values of which depend upon the nature of the gas. 


Problem 3.12 Calculate the pressure exerted by 1 mol of CO;in 
0,5 dm? vessel at 298 K using (a) ideal gas equation and (b) van der 
Waals equation. Given that for CO;, a = 363.76 kPa dm mol ? and 
b = 42.67 cm? mol. 
We have 
RT 
(a) p V. 
— (8.314 kPa dm? K™ mol *) (298 K) 
(0.5 dm? mor!) 
= 4955.144 kPa 
(b) From van der Waals equation 
RETNING. 
Hio LAE 
_ (8.314 kPa dm K^! mor!) (298 K) 
= (0.5 = 0.04267) dm? mor 
363.76 kPa dm$ mol? 
(0.5 dm? mol") ? 
= 5417.47 kPa — 1455.04 kPa 
= 3962.43 kPa 


3.6 THE LIQUID STATE 


In general, liquids can be obtained from gases by cooling the latter 
below their respective critical temperatures*, followed by the treatment 
of high pressure. The effect of cooling is to decrease the thermal 


*The critical temperature of a gas is the minimun temperature above which the 
gas can neyer be liquefied regardless of how much pressure is applied. 
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energies of molecules and the effect of high pressure is to decrease the 
volume of the system so as to allow the molecules to come closer, there- 
by increasing the binding energies amongst them. Alternatively, liquids 
can be obtained by heating solids up to or beyond their melting points. 
In solids, molecules do not possess any translational energy but possess 
only vibrational energy. The binding forces amongst them are very 
strong. The effect of heating solids is to impart sufficient energy to 
molecules so that they can overcome these strong binding forces. Thus, 
we see that the properties of liquids lie in between those of solids and 
gases. For example, liquids are less compressible than gases but a little 
more compressible than solids. They are less dense than solids but 
more dense than gases, The two important properties of liquids, 
namely, fixed volume but no fixed shape, arise mainly because of the 
following two facts: 

1. The energies binding the molecules are larger than their average 
thermal energy. 

2. These binding energies are not strong to stop the motion of the 
molecules altogether, as is the case in solids, with the result that 
molecules can move from one place to another but cannot escape from 
the liquid unless they are present at the surface, 


Properties of Liquids 


In this section, we will discuss only three properties of liquids, namely, 
(1) vapour pressure, (2) viscosity, and (3) surface tension. The origin 
of these properties in liquids is basically due to existence of strong 
intermolecular attractions. 


Vapour Pressure 


Origin of Vapour Pressure Suppose a beaker containing a liquid is 
placed in an evacuated vessel (Fig.3.16). Let the latter be connected to a 
manometer so that any pressure that is developed in the free space can 
be measured. After sometime, it is found that the manometer records 
a constant pressure. This pressure is known as the vapour pressure of 
the liquid. 


91^ ; Vapours `- eh 


Emm 


Fig. 3.16 Vapour pressure of a liquid 


Before making an attempt to understand how the vapour pressure 
arises, we will have to consider the following two facts. 


94 Chemistry for Class XI 


1. The molecules of a liquid, like those of gases, have different 
kinetic energies. The distribution of speeds amongst molecules follows 
the Maxwell-Boltzmann distribution. Figure 3.17 shows such a distri- 
bution at two different temperatures. The most important point to be 
noted in these distribution curves. is that the. fraction of molecules 
having higher speeds increases with the increase in temperature. | 


T; 


um 


Fig. 3.17 Distribution of speeds of molecules. 


2. If we consider a molecule in the bulk of a liquid, it will be sur- 
rounded by other molecules in a symmetrical manner. Thus, the forces 
of attraction on this molecule by the molecules present on one side are 
completely balanced by the molecules present on the opposite side. 
Hence, the net force of attraction experienced by this molecule will, of 
the whole, be zero. It will move as if there existed no forces of attraction 
on it. However, the situation is altogether different at the surface of 
the liquid (Fig. 3.18). There are a larger number of molecules towards 
the liquid side of a molecule than towards the open space above it, 
with the result that this molecule experiences a net force of attraction 
in the downward direction. 


Fig. 3.18 Arrangement of molecules 
within and at the surface of a liquid. 


The forces of attraction between the molecules of a liquid are of a 
stronger nature and are larger than the average thermal energy of the 
molecules. However, because of the Maxwell-Boltzmann distribution, 
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some of the molecules can have thermal energies equal to or greater 
than the characteristic energy which is just sufficient to overcome the 
forces of attraction. 


If such a molecule happens to be at the surface, it will overcome the 
net downward forces of attraction and will immediately leave the sur- 
face and escape to the empty space above. If the space above the sur- 
face is an open one, then the molecules will continue to escape resulting 
in the phenomenon of evaporation, Since molecules of higher thermal 
energies are leaving the surface of the liquid, it follows, therefore, that 
the average thermal energy of molecules in the liquid will decrease. Con- 
sequently, the temperature of the liquid is reduced and, hence, cooling 
is observed. However, if the Space above the liquid is a closed one, 
then the molecules escaping from the surface of the liquid (referred to 
as vapour molecules) will go on collecting in the empty space. After 
sometime it is observed that a constant pressure is registered in the 
space above the liquid. This pressure is due to vapour molecules of the 
liquid and, hence, is known as the vapour pressure of the liquid. Since 
this pressure is constant, it follows that there “must be a constant 
number of molecules in the space above the liquid. This can be true 
only if the molecules in the space are also returning to the liquid; 
otherwise, the pressure in the space would continue to increase, In fact, 
When a vapour molecule with a comparatively smaller thermal energy 
collides with the surface of the liquid, it sticks to the latter. Thus. 
there is a two-way process; the molecules are leaving the liquid and are 
simultaneously coming back to it. We get a state of dynamic equili- 
brium when the rate of evaporation of liquid molecules is equal to the 
Tate of condensation of the vapour molecules. Thus, the vapour pres- 
sure of a liquid may be defined as the pressure of the vapour in equili- 
brium with the liquid. 


Effect of Temperature on Vapour Pressure On raising the temperature, 
more and more molecules of a liquid will have energies equal to or 
greater than the critical energy which is just sufficient to overcome the 
forces of attraction between the molecules, As a result, a larger. num- 
ber of molecules can leave the surface of the liquid which will conse- 
quently have higher vapour pressure. Thus, the vapour pressure of a 
liquid increases with the increase in temperature. The variation of 
vapour pressure of liquids with temperature is of the type shown in 
Fig. 3.19 with the ‘highest and lowest limits corresponding to critical 
point* and triple pointf, respectively. 


Surface Tension 


Origin and Definition of Surface Tension Yt was seen during the study of 
Vapour pressure that the molecules at the surface of a liquid experience 
à net inward pull because of the larger number of molecules towards 


“The critical point corresponds to the temperature beyond which the substance 
does not exist in the from of a liquid phase. 

TThe triple point corresponds to the temperature at which the three phases, 
namely, solid, liquid and vapour, coexist. 
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the liquid side than towards the vapour side, There is a tendency on 

the part of surface molecules to go in the bulk of the liquid. The 

surface of the liquid is therefore in some sort of tension and it tends 
in order to have the minimum 


to contract to the smallest possible area in order t 
number of molecules at the surface. It is for this reason that the sur- 


face of a liquid is spherically curved, since the surface area is minimum 
for a given volume in the case of a sphere... 


Diethyl ether Acetone 
? » od 


-Ethano! 


^ 
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Fig. 3.19 Variation of vapour pressure with temperature. 
If the area of the surface is to be extended then one has to bring 
more molecules from the bulk of a liquid to its surface. This will 
require expenditure of some energy because work has to be done in 


bringing molecules from the bulk against the inward attractive forces. 
The amount of work done in increasing the area by unity is known as 


Table 3.2 Surface tensions of some common liquids at 20 °C. 


Liquid yX109/N m-! Liquid yX10/N m- 
Water 72.8 Acetone 23.32 
Benzene 28.87 Methanol 22.55 
Toluene 28.53 Ethanol 22.30 
Chloroform 27.2 Ethyl ether 17.05 
Carbon tetrachloride — 26.75 Methyl acetate 24.8 
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the surface energy. The larger the forces of attraction amongst the mol- 
ecules of a liquid, the larger will be the net inward pull; thus, the amount 
of work done also increases. Thus, the surface energy can be used to 
define these net inward pulls. It is customary to define these inward 
pulls in terms of the surface tension. The latter is defined as the force 
acting along the surface of a liquid at right angles to any line of unit 
length (Fig. 3.20). 


Fig. 3.20 Forces of surface tension 


Unit of Surface Tension The unit of surface tension is that of force 
per unit length. In CGS units, it is expressed as dyn cm"! whereas in SI 
units, it is expressed as N m^! (newton per metre), 

Effect of Temperature on Surface Tension Since the forces of attraction 
between the molecules of a liquid decrease with an increase in the 
temperatures, it follows, therefore, that the surface tension will 
decrease when the temperature is increased. 


Viscosity 


Origin of Viscosity and its Definition It is a common experience of 
daily life that different liquids flow with different speeds, For example, 
water flows with greater speed than glycerol. Obviously, some sort of 
internal friction is operating which checks the flow of liquids and which 
varies from liquid to liquid. This internal friction in the case of liquids is 
primarily due to forces of attraction between the molecules. If we have 
a laminar flow of liquid in a tube, then the velocity of the layer just in 
touch with the side of the tube is zero and it increases as we proceed 
towards the centre of the tube (Fig. 3.21). Thus, there exists what is 
known as the velocity gradient between different layers of the liquid. 


B 


y 


Fig. 3.21. Laminar f'ow of liquid in a tube 
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Due to greater intermolecular attractions amongst molecules of a 
liquid, the molecules moving in any one layer will tend to impede the 
movement of the molecules in the adjacent faster-moving layer. As a 
result, the velocity of molecules in the faster layer decreases. Unless 
this decrease is prevented by applying a force along the layer in the 
forward direction, the velocity of the faster moving layer will go on 
decreasing and will ultimately become zero. At this stage the liquid 
will stop flowing. The internal friction which resists the flow of a liquid 
can be measured in terms of the tangential force which is needed to 
keep the speeds of different layers constant. This force F depends upon 
the following factors: 

1. It is directly proportional to A, the area of contact of two 
adjacent layers. The larger the area of contact between the two layers, 
the larger will be the effect of intermolecular attractions. Hence, the 
decrease in speeds will be more. Consequently, a larger force is 
required to maintain constant speeds. 

2. It is directly proportional to d, the velocity difference between | 
two adjacent layers. The larger the velocity difference, the larger will 
be the force required to maintain the difference constant. j 

3. Itis inversely proportional to dx, the distance between the two 
adjacent layers. The larger the distance, the lesser will be the effect 
of intermolecular attractions. Thus the decrease in speed will be less. 
Consequently, a lesser force will be required to maintain the speeds 
of different layers to constant values. 

Taking these factors together, we express F in the form, 

du 


F&A T 


Removing the proportionality sign, we have 


FonA% 


F 
T ? = A (du/dx) 

The constant 7 is known as the coefficient of viscosity of a liquid or 
or simply viscosity of a liquid. It may be defined as the force per unit 
area required to maintain a velocity difference of unity between two pa- 
rallel layers of liquid, unit distance apart. The unit of viscosity in CGS 
units is 

P xt sy iab e dyn - 
1 unit of viscosity — ent (an 4758) "" dyn cm?s 


and this unit is known as the poise unit. In SI units, we have 


1'unit of viscosity = TETA -Nm^s 


" States of Matter 99 


Obviously, 1 N m^? s = (105 dyn) (10? cm)? s = 10 dyn cm ? s. The 
viscosities of most of the liquids are small in magnitude. Therefore, 
these are usually expressed in the units of centipoise (10-? poise) and 
millipoise (10 ? poise), Table 3.3 includes the viscosity values for some 
of the liquids. 


Table 3.3 Coefficients of viscosity of some common liquids at 20 °C. 


Liquid n/millipoise Liquid n/millipoise 
Acetic acid 12.29 Acetone 3.29 
Ethanol 12.0 Carbon tetrachloride 9.68 
Methanol 5.92 Chloroform 5.63 
Water 10.02 Benzene 6.47 
Ethylene glycol 199 Toluene 5.90 
Glycerol 8500 


Effect of Temperature on Viscosity The viscosity of a liquid decreases 
with increase in temperature and this decrease is roughly of the order 
of2 per cent per degree. This is due to the fact that on raising the 
temperature of a liquid, the average thermal energy of its molecules is 
increased and thus the effect of intermolecular attractions is decreased. 
Before a molecule can take part in liquid flow, it is expected that it 
should have sufficient energy to overcome the forces of intermolecular 
attraction due to the surrrounding molecules. This energy is known 
as the activation energy for viscous flow. It is known that the number 
of molecules having this minimum energy or energy greater than this, 
increases in proportion to the Boltzmann factor, exp(— 4/7), and 
hence the resistance to flow or the viscosity may expected to 
decrease in a reciprocal manner, i.e. 


n œ exp(Z/RT) 
or n = A explE/RT) 
or In Ca) = In (AM) + Rr 


where 7" is the standard unit viscosity*. Thus, In (/7*) varies linearly 
with (1/T) as shown in Fig. 3.22. From the slope, the activation energy 
for viscous flow can be calculated. 


Hetil by n° is to make 7/7^ unitless so as to take the logarithm of a num- 
y. 
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Slope =E/p 


tn (0/10 — 


Vos 


Fig. 3.22 Plot of In (2/2*) versus 1/T 


Nature of Forces in Liquids 
Van der Waals Interactions 


As described earlier, there exist intermolecular attractions in the liquid 
state of the substance. The nature of these forces of attraction. vary 
from molecule to molecule. These forces are much weaker than the 
valence forces which are responsible for uniting atoms via the forma- 
tion of covalent or ionic bonds. The forces which keep the neutral 
molecules together in the liquid or solid phases are collectively known 
as van der Waals forces (or bonds). 

As mentioned above, the van der Waals bonding is much weaker 
than covalent bonding. For example, the enthalpy of vaporization of 
methane (which measures the strength of the intermolecular bonds in 
the liquid) is only 8.2 kJ mol”! as compared to the value of 435 kJ 
mol"! for the bond dissociation energy of the C— H. bond. Moreover, 
the van der Waals bond operates over a longer distance as compared 
to covalent bonds. For example, in solid iodine, the molecules are at 
distance of 430 pm from each other as compared to a value of 266 
pm for the interatomic distance. 

Broadly, van der Waals forces may be classified into three cate- 
Eories, described as follows. 


Dipole-Dipole Forces (Keesom, 1912) If the covalent molecule has a 
permanent dipole moment, then the positively-charged end of the 
dipole of one molecule will attract the negatively-charged end of an- 
other molecule and thus molecules will have specific orientation -with 
respect to each other, The contribution made to the net van der Waals 
attraction by the dipole-dipole force is usually small. 


Dipole-Induced Dipole Forces (Debye, 1920) A molecule with a per- 
manent dipole moment can induce a dipole in another molecule and 
this is followed by an attraction between the two molecules. The con- 
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tribution made to the net van der Waals interaction from this effect 
is also very small. 


Dispersion Forces (London, 1930) The above two forces cannot ex- 
plain the forces of attraction which exist between the molecules of inert 
gases (helium, neon and argon). The forces of attraction in such mol- 
ecules (and also in other types of molecules) are explained on the basis 
that the motion of an electronic cloud at any instant may be slightly 
displaced relative to the positive nucleus. The atom thus acquires an 
instantaneous dipole moment which can induce another atom nearby 
and, hence, an instantaneous net attraction exists between the two 
atoms (Fig. 3.23). 


Symmetricaldistribution Instantaneous separation 
of charge of charge due to motion 
of electron cloud 


Moving near 
each other 


Fig. 3.23 Generation of dispersion forces 


However, the instantaneous dipole will continuously change its 
charge orientation so that over a definite interval of time (which is 
large compared to the instantaneous time) the average dipole moment 
of the molecule is zero. The instantaneous dipole-instantaneous indu- 
ced dipole interaction forces are known as dispersion or London 
forces. This force of attraction occurs for only an extremely small time 
interval and also it acts over a very short distance, For this reason, 
these forces are called short-range forces. 

The dispersion forces depend on the size of the molecule. In larger 
molecules, the electronic cloud extends over a larger space and, hence, 
they can also undergo a larger momentary distortion. Thus dispersion 
forces between molecules increase with the increase in the relative 
molecular mass. 

Of the three forces of attraction, the dispersion forces contribute a 
major share towards the net van der Waals interactions between 
molecules, 

Theoretical calculations have shown that each of the three inter- 
actions described above varies inversely as the sixth power of the 
distance between the molecules. For a very small distance where elec- 
tron clouds of two molecules begin to overlap, the repulsive forces 
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start operating. These repulsive forces vary inversely as the twelfth 
. power of the intermoleculer distance. The net potential energy of 


interaction is given by the expression 
a b 
PE = Tg : 


where a and P are constants of proportionality. The above relationship 
with its components is shown in Fig. 3.24. 


(+a/r'2) 
repulsion 


(-6/r®) 
attraction 


Potentiat energy —> 
o 


Fig. 3.24 Variation of attractive (van der Waals) 
and repulsive forces with distance. 


Hydrogen Bond. 
In a molecule, if hydrogen is covalently attached to a highly electro- 
negative atom such as fluorine, oxygen or nitrogen, the bond is polar- 
ised and thus hydrogen acquires a small positive charge, whereas 
the electronegative atom acquires a small negative charge. The slightly 
positively charged hydrogen atom gets attached to an adjacent highly 
electronegative atom through a weak directional bond, known as the 
hydrogen bond. This may be represented as 

è- è+ 8- b+ 

A —H:::A —H-'-** 


The strength of a hydrogen bond is much lower than that of a cova- 
lent bond. The presence of such a bond is supported by many of the 
unusual physical properties of the substance possessing this bond. A 
few examples are listed below. 

1. The melting and boiling points of NH;, H20 and HF are anoma- 
lously high compared to those of the hydrides of the other elements 
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of the corresponding groüps. This is because of the fact that more 
energy is required to break hydrogen bonds in these molecules. 

2. The orientation of HF in the liquid and solid states is zig-zag as 
shown below. 


d dun "ed 


This is because of the specific orientation of lone-pairs on the fluorine 
atoms. 

3. Benzoic acid in benzene is found to occur as a dimer. This is 
because of interactions between two molecules through hydrogen bonds 
as shown below. 


O. -- H—0. 
Cols o2 Ca; 


4. The density of solid water is lesser than that of liquid water at 
0 °C. This is because in the solid phase, the various water molecules 
have fixed orientations in order to have proper orientation of the 
hydrogen bond. In fact, water molecules are arranged tetrahedrally 
because the two lone pairs of electrons on the oxygen atom and the 
two hydrogen atoms attached to oxygen are tetrahedrally arranged. 
Thus, each oxygen atom is surrounded tetrahedrally through hydrogen 
bonds to four water molecules (Fig. 3.25). 
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Fig. 3.25 The schematic structure of ice 


The open hydrogen-bonded structure of ice breaks down on melting 
and this continues up to 277 K (4 °C). Thus the volume of water dec- 
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reases (or its density increases) upto 4 *C. After this, the volume of 
water increases because of the increase in intermolecular separation. 
However, hydrogen bonds still exist in liquid water. These persist right 
upto its boiling point which is primarily responsible for the compar- 
atively high boiling point. 

Hydrogen bond may be formed between two molecules (intermolec- 
ular) or between atoms within the same molecule (intramolecular). 
For example, 2-nitrophenol possesses an intramolecular hydrogen 
bond, whereas 4-nitrophenol forms intermolecular hydrogen bonds. 


(Fig. 3.26). 
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Fig. 3.26 Intermolecular and intramolecular hydrogen bonds 


In the liquid state, 2-nitrophenol exists more or less as single mol- 
ecules, whereas 4-nitrophenol forms larger units. Consequently, the 
boiling point of 2-nitrophenol (489 K) is smaller than that of 4-nitro- 
phenol (532 K). This difference in boiling points is used to separate 
these two isomers through fractional distillation, 


3.7 THE SOLID STATE 


General Characteristics of Solid State 


Solids are characterized by their high density and low compressibility 
as compared to those of the gas phase. The values of these properties 
for solids indicate that the molecules (or ions) in them are relatively 
close together. Solids can very easily be distinguished from liquids by 
their definite shape, considerable mechanical strength and rigidity. 
These properties are due to the existence of very strong forces of attrac- 
tion amongst the molecules (or ions) of the solids. It is because of 
these strong forces that the structural units (atoms, ions, etc.) of the 
solid do not possess any translatory motion but can have only vibra- 
tional motion about their mean positions. Solids can be broadly 
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classified into two categories, namely, crystalline and amorphous solids, 
The main characteristics of these are described in the following. 


Crystalline Solids 


The outstanding characteristics of a crystal are its sharp melting point 
and its flat faces and sharp edges* which, in a well developed form, 
are usually arranged symmetrically. These properties are the result of 
a high degree of internal order which extends throughout the crystal 
(a definite pattern constantly repeating in space), i.e., there exists what 
is known as the long-range order. The pattern is such that having 
observed it in some small region of the crystal, it is possible to predict 
accurately the positions of particles in any region of the crystal, 
however far it may be from the region under observation. Taking an 
example of sodium chloride, we find that each Na* ion is surrounded 
octahedrallyt by six Cl” ions and each CI” ion, in turn, is surrounded 
octahedrally by six Nat ions. This arrangement exists throughout the 
crystal. 


Amorphous Solids 


Amorphous solids do not have the long-range order but have a short- 
range order. In the latter, there exists some ordered arrangement 
around a particular atom or ion which lasts only upto short distances. 
This characteristic may not be found around a similar atom placed at 
a distance from the other atom. Examples of such solids are glass, 
fused silica, rubber and polymers of high molecular masses. Amor- 
phous solids do not have the characteristics as possessed by crystalline 
solids (e.g. sharp melting point, well developed faces). In many ways 
they are more closely related to liquids than to crystalline solids and 
are, therefore, regarded as supercooled liquids with high viscosity. 


Types of Solids Based on Bond Type š 


Crystalline solids may be classified into four categories based on the 
binding forces which exist amongst its constituents. These along with 
their characteristics are descrided below. 


Molecular Crystals 


Molecular crystals are those in which the crystalline state is composed 
of an aggregate of discrete molecules held together by van der Waals 
forces. If such forces are considered to be nondirectional, the structure 
of a solid is determined by packing efficiency, thus giving the closest 
approach of atoms and, therefore, maximum possible interactions. 
Because of van der Waals interactions, the molecular crystals are soft 


*Crystals are bounded by surfaces which are usually planar and arranged on a 
definite plan which is the result of the internal arrangement of its units. These 
surfaces are called faces and where two faces intersect an edge is formed. 

TIn an octahedral arrangement, four Cl- ions are contained in a plane hav- 
ing Nat in its centre, one Cl- ion is above Na+ ion and the other Cl- ion is 
below Nat ion. 
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and possess comparatively low melting points. They are volatile, elec- 
trical insulators, poor thermal conductors and have a low enthalpy 
of fusion. Examples are CO», CH4, iodine, argon and most organic 
compounds. 


Ionic Crystals 


In ionic crystals, the structural units (ions) are held in position by 
electrostatic forces. The arrangement of these ions is such that cations 
have only anions as their nearest neighbours and vice versa. The struc- 
ture of the crystal is decided by the maximum possible electrostatic 
attractions between ions of opposite charges and minimum interactions 
between ions of similar charges. These interactions, in turn, depend 
upon the relative sizes of cations and anions. The number of nearest 
neighbours associated with a given ion is known as the coordination 
number of the ion. The coordination numbers commonly encountered 
in ionic crystals are 8 (body-centred cubic arrangement), 6 (octahedral 
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arrangement) and 4 (tetrahedral arrangement). These are shown in 
Fig. 3.27. 

Because of stronger and nondirectional electrostatic interactions, 
the ionic crystals are strong and likeiy to be brittle. They have very 
little elasticity and cannot be easily bent. The melting points are high 
and decrease with the increasing size of ions. They are nonconductors 
of electricity as the ions cannot move from their fixed positions. Also, 
they are poor conductors of heat and have a very high enthalpy of 
fusion. Examples are NaCl, KCl, LiF, and MgCl). In ionic crystals, 
some of the atoms may be held together by covalent bonds to form 
ions having definite positions and orientations (examples: CaCO, 
BaSO,). 


Covalent Crystals 

In covalent crystals, the constituents are held by covalent bonds. The 
stability of such a crystal is not decided by the greatest possible num- 
ber of neighbours but by forming the allowed number of covalent bonds 
in the proper directions. The following remark may be made for cova- 
lent crystals. 

‘Few solids are held together exclusively by covalent bonds. The 
majority of solids incorporating coyalent bonds are bound also by 
either ionic or yan der Waals bonds. The common occurrence is to 
find distinct molecules held together by covalent bonds and the mol- 
ecules bound in the crystal by van der Waals bonds’. 

Only those atoms which form four covalent bonds produce a repeti- 
tive three-dimensional structure using only covalent bonds, e.g. dia- 
mond structure (Fig. 3.28). Every atom in this structure is surrounded 
tetrahedrally by four others. The entire crystal isa. giant molecule, 
Germanium, silicon and grey tin also crystallize in the same way as 
diamond. 

Graphite is another allotropic form of carbon and is more stable 
than diamond. This has layer-type structure as shown in Fig. 3.29. 


Fig. 3.28 Structure of diamond Fig. 3.29' Structure of graphite 
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In each layer, we have carbon atotns attached to each other through 
the overlapping of sp? hybrid orbitals, a stronger bond. Different layers 
are held by weaker joinings, i.e. the z-bonds. The great difference 
between graphite and diamond can be understood in terms of the above 
crystallattice. The distance between atoms in plane is 143 pm, but 
the distance between the two atomic layer planes is 335 pm. In two 
directions the carbon atoms are tightly held as in the diamond, but in 
the third direction, the forces of attraction are much less. As a result 
of this, one layer can slip over another. The crystals are flaky, and yet 
the material is not wholly disintegrated by the shearing action. This 
planar structure is a part of the | explanation for the lubricating action 
of graphite. 

Atoms with valencies other than four form separate units consisting 
of many atoms and these units are held together in covalent crystals 
by van der Waals forces. Since the chemical forces are of a. strong 
nature, covalent crystals, in general, are strong and hard, have high 
melting points, are poor conductors of heat and electricity and have 
high enthalpy of fusion. 


Metallic Crystals 

In metallic crystals, the arrangement of atoms is closest-packed and 
the valence electrons belong to the entire network of the crystal. 
These valence electrons are thus not held by the constituent atoms but 
by the whole of the crystal as such. They are mobile and can be made 
to move from one end to the other of the crystal when the latter is 
subjected to an electrical potential difference. The good conductivity 
of metals is due to these movable electrons. The above arrangement 
of positive ions and valence-electrons constitute what is known as a 
metallic bond. Metallic crystals can be bent and are also strong. They 
are ductile and malleable. 


Types of Solids Based on Crystal Symmetry 


The continued cleavage of a crystal into smaller ones will ultimately 
lead to its basic unit. The three-dimensional macrostopic crystal can 
be generated by stacking this basic unit one upon the other. Instead 
of stacking units of pattern one after the other, it is convenient to 
represent a unit of pattern by a point. The regular three-dimensional 
arrangements of the identical points (each point represents a unit of 
pattern which may be atom, ion, molecule or group of ions or mole- 
cules) in space constitutes what is known as space lattice or crystal 
lattice, The shape of the smallest basic unit can be drawn by joining 
the lattice points and is known as unit cell. It is possible to classify the 
crystals on the basis of rotational symmetry* of the unit cell into seven 
categories. These seven categories are known as the seven crystal sys- 


*Rotational symmetry means that if the unit cell is rotated around a certain 
axis by an angle, the new arrangement of unit cell is completely identical to 
that of old arrangement (before rotation). s 
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tems, These are shown in Fig. 3.30. Whatever may be the shape ofa 
crystal, it can be classified into one of the seven categories shown in 
Fig. 3.30. These are also described in Table 3.4. 


Triclinic Monoclinic Orthorhombic 


bet 
a 


Rhombohedral 


Fig. 3.30 Seven crystal systems 


In the crystal systems shown in Fig. 3.30, lattice points exist only 
at the corners of a unit cell. These unit cells are known as primitive 
unit cells, There are a few other arrangements in which lattice „points 
besides being present at the corners are also present at three different 
distinct places. These are at (1) the centre of each face (face-centred 
unit cell), (2) the centre of the unit. cell (body-centred unit cell), and 

3) the one set of faces (end-centred unit cell). These arrangements 
also possess the appropriate rotational symmetry and are known as 
nonprimitive unit cells. If we take primitive and nonprimitive unit cells 
together, we get 14 unit cells in all and these are collectively known 
as 14 Bravais lattices. For the cubic system, the three possible unit 
cells are shown in Fig. 3.31, 
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Fig. 3.34 Three possible unit cells of a cubic system 


Table 3.4 Seven crystal systems 


Crystal system Minimum Dimensions of Examples 
symmetryt unit cell* 
Triclinic 1 a#b#e CuSO,5H:0 


aX fo #y #90" KaCr:07 


Monoclinic 2 a#b¥ec S (monoclinc), 
«—B-90*vy CaSO,2H;0 
Na:$0,-10H;O 


Orthorhombic 222 acsb*c S(rhombic), 
a= f = y = 90 BaSO,, 
KNOs, KSO, 
Trigonal or 3 a= b=c CaCOs, calcite 
Rhombohedral a =m f = y # 90° 
Cubic Four 3 a=b=c NaCl, diamond, 
a= f= y= 90° Alums, CaF: 
Tetragonal 4 a=b#e TiO;, Sn(white), 
a=Pp=y = 90° ZrSiO4 
Hexagonal 6 a=b#e SiO;, graphite 
a= $ = 90°, PbI:, Mg, ZnO 
y = 120° 


*A three dimensional unit cell will be characterized by the three sides and three 
angles between them. These are represented by the symbols a, b, cand «, B, 7, 
respectively. 

+The numbers represent the order of rotational axis and the angle to which 
rotation is carried out is 360/n, where n is the number shown. 
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Structure of Some Crystalline Solids 


The structure of crystalline solids is determined by the packing of its 
constituents. In order to have maximum possible interactions (or sta- 
bility of the crystal), the particles are closest-packed. Here, we de- 
scribe the different possible packings in case of molecular crystals. The 
particles of these crystals may be represented by spheres. For the sake 
of simplicity, we describe the closest-packing of identical-sized spheres. 


Packing in One Dime 


d: gm ws 
In this packing, we pláce spheres touching each other in a row as shown 
below. (Fig. 3.32) Ap : H^ WEAR 


i nl 
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Fig. 332 One-dimensional packing of spheres i 


In a three dimensional packing, the above arrangement of spheres in a 
row constitutes what is known as the edge of a crystal: 


Packing in Two Dimensions 

Packing in two dimensions is obtained when one row of spheres is 
placed adjacent to the second row of spheres. This placement may be 
extended ina plane to give rise to the two-dimensional packing of 
spheres. In order to have efficient use of available space, we can have 
two types of packing as described below. 


Square close packing In this packing, spheres of the second row 
occupy aligned positions so as to have the formation of rows in both 
the directions (Fig. 3.33). In other words, the spheres are packed in 
the form of a square array. " 
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Fig. 3.33 Square close packing in two dimensions 


, In this packing, coordination number is four as each central sphere 
is in contact with four other spheres. 


Hexagonal close packing ïn this packing, the spheres in any middle 


row are seated in the depressions between the spheres of the first row 
as well as those of second row. The spheres of first and second rows 
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occupy aligned positions with respect to each other (Fig. 3.34). fn 
other words, the spheres are packed in the form of a hexagonal array 
(shown by dotted line). 


Fig. 3.34 Hexagonal close packing in two dimensions 


In this packiag, the coordination number is six as the central sphere 
is in contact with six other spheres. : 

Hexagonal close packing is more efficient as far as the occupancy 
of space is concerned, i.e. the fraction of space occupied in hexagonal 
close packing is larger than that in square close packing. In three- 
dimensional packing, the above ways of packing of spheres constitutes 
what is known as the plane of a crystal. 


Packing in Three Dimensions 
The following two types of packing are normally found in crystals. 


Packing in a body-centred cubic lattice Here the packing consists of a 
base of spheres, followed by a second layer where each sphere rests in 
the hollow at the junction of four spheres below it, as shown in Fig. 
3.35. The third layer then rests on these in an arrangement which 
corresponds exactly to that in the first layer. Examples include alkali 
metals (Li, Na, K, Rb, Cs, and Fr), barium, vahadium, chromium, 
and tungsten. 


Fig. 3.35 Packing in a body-centred cubic lattice 


Hexagonal closest-packed (HCP) and cubical closest-packed (CCP) struc- 
tures In sucharrangements, each sphere is in contact with the maximum 
possible number of nearest neighbours. Figure 3.36 shows a closest- 
packed layer of spheres. Each sphere is surrounded by six nearest 
neighbours lying in the plane, three spheres just above it and three 
below it, thus making the total number of nearest neighbours equal 
to twelve. If the spheres are packed in the same plane, then just above 


States of Matter 113 


these spheres there exist two different types of voids, pointing in differ- 
ent directions as shown in Fig. 3.36. Thus, we can have three different 
types of locations, which are shown by A, B and C in Fig. 3.36. Lo- 
cation A is occupied by the spheres while B and C are the two different 
types of voids. If a second layer of closest-packed spheres is placed upon 
the first layer, the spheres of the second layer can occupy the region 
above either the B voids or the C voids. But because of the size of the 
spheres, both types of voids cannot be occupied simultaneously. 


Fig.3.36 Closest-packed layers of spheres 


The third layer of closest-packed spheres can be formed in two dif- 
ferent ways, If, for example, we choose to place the spheres of the 
second layer in B sites, one of the available sets of voids for the third 
layer will be directly above the spheres in the original layer. These are 
A sites. The otherset of voids will be directly above the voids desig- 
nated by C in the original layer. Thus, two types of packing (Fig. 3.37) 
are possible. These are 


ABABA... or ABCABC... 


obrona 


Fig. 3.37 Two types of packing 


The packing ABAB. . . is known as a hexagonal closest-packed struc- 
ture, whereas the packing ABCABC, ..is known as cubical closest- 
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packed or face-centred cubic packing*. Examples of crystals belonging 
to these types of closest-packing are given below. \ 


HCP-structure Molybdenum, magnesium, beryllium, cobalt, zine 
diamond and cadmium. 


CCP-structure Tron, nickel, copper, silver, gold and aluminium. 


In many of the crystals, the void (or empty) spaces present in „the 
closest-packed structures are also occupied by atoms of smaller sizes, 
Examples are hydrides, borides, carbides and nitrides of transition 
metals. In some ionic crystals also, these voids are occupied by ions 
of smaller sizes. Examples are MgO, CaO, KCl, KBr, Li,O, Na;0; 
and K;O; There are two types of voids present in closest-packed 
structures. These are described below. 


1. Tetrahedral void A tetrahedral void is formed when a sphere fits 
the depression formed by three other spheres closest-packed (forming 
an equilateral triangle) in two dimensions (Fig. 3.38). 


Tetrahedral 
hole 


Fig. 3.38 Tetrahedral void 


2. Octahedral void An octahedral void is formed when the three 

closest-packed spheres of one layer (forming an equilateral triangle) 
are put over three closest-packed spheres of second layer, their posi- - 
tions being inverted with respect to each other (Fig. 3.39). 


Octahedral hole 
Fig. 3.39 Octahedral void 


*The unit cell in face-centred cubic packing is face-centred cubic unit cyll. 


v 
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In three-dimensional closest-packed structures (HCP and CCP), 
there are two tetrahedral voids and one octahedral void present per 
closest-atom. 


Experimental Methods 


Much of the early information about crystal structure was obtained 
by diffraction of X-rays by the crystals, as suggested by Max von Laüe 
in 1912, The diffraction pattern can be recorded by placing a photo- 
graphic plate behind the crystal as shown in Fig. 3.40. 


Lead sheets 


Photographic plate on 
which radiation strikes 
Fig. 3.40 Experimental set up for X-ray diffraction 


B.H. Bragg and W.L. Bragg employed a crystal as reflection grating 
since the crystal is made up of various planes containing its constitu- 
ents in some systematic manner. The reflection of X-rays by same set 
of equidistant planes is governed by the Bragg equation 


nà = 2dsin ð 


where, dis the distance between the planes, À is the wave length of 
the X-ray and 0 is the angle which the incident X-ray makes with the 
plane (Fig. 3.41) and z is the order of reflected X-rays and it has inte- 


Fig. 3.41 Reflection of X-rays from the equidistant planes of a crystal 


T 
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gral values. The method of Bragg (in which a large crystal with flat 
faces was used for reflection of X-rays) was replaced independently by 
Debye and Scherrer, and Hull. In their method, a large crystal is 
replaced by a powdered sample of the substance. 


Problem 3.13 X-rays of wave length equal to 134 pm give a first- 
order diffraction from the surface of a crystal when the incident angle 
of X-rays is 10.5°. Calculate the distance between the planes in the 
crystal parallel to the surface examined. 


From Bragg's equation, 
nd =2dsin 0 
we get, 


dq nà — (1) (134 pm) 
7 2sinó  2sin(10.5) 


— 367.7 pm 


3.8 SOLUTIONS 


A solution is a homogeneous mixture of two or more substances. The 
solubility of a substance in another one, besides depending upon their 
natures, is influenced by temperature and pressure changes, although 
the latter is only important in the case of solubility of gases. 

The component of a solution which is present in greater quantity is 
conventionally known as solvent while the other constituents present 
in small quantities are known as solutes. This classification is arbitrary 
as it is not possible to classify the two substances if they are present in 
equal amounts. Any one may be classified as solute or solvent depend- 
ing upon the convenience. However, while dealing with the solution of 
a solid in a liquid, the latter is always referred to as the solvent. 


Solubility of a Solute in a Solvent 


A solute in a fixed quantity of a solvent continues to dissolve till a 
saturated solution is formed. In the latter if more solute is added, no 
more of it dissolves but there exists a dynamic equilibrium" between 
the undissolved solute and the dissolved solute. In order to give the 
precise meaning to the solubility it is necessary to specify the quantities 
ofsolute and solvent that are present in a saturated solution. These 
may be specified in any of the ways described below. 


*See Chapter 9 for dynamic equilibrium. 
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- Mass percentage 

- Volume percentage 

Mass of a solute in a definite mass of solvent 

- Mass of a solute per definite mass of solution 

- Molarity amount of solute per dm? of solution 

- Molality amount of solute per kg of solvent 

- Mole fraction amount of solute divided by total amount pre- 
sent in solution. 


nio, twRUND- 


Out of the above units, molarity (symbol: M, and unit mol dm? 
which may be conveniently represented by the symbol M), molality 
(symbol: m, and unit mol kg!) and mole fraction (symbol: x and it 
has no unit) are commonly employed in order to express the composi- 
tion of a saturated or unsaturated solution. Since the density of a 
solution varies with temperature, presumably due to the variation of 
volume, it is obvious that molarity of a solution varies with temper- 
ature, whereas its molality and mole fraction will remain independ- 
ent of temperature. It is worth considering the relations connecting 
molality, molarity and mole fraction with each other. Throughout, 
2 shall use subscript 1 to represent solvent and subscript 2 for the 
Solute. 


Molality and molarity Let m be the molality of the solution. This 
means that the amount m is present in 1 kg of solvent. Let V be the 
tolal volume of the solution and let p be its density. If M; is molar 
mass of the solute, then 


Total mass of solution = mass of (solute + solvent) 
= m M, + 1kg 


The volume of the solution will be related to its density through an 
expression 


ya mM, + 1kg 
P 


Hence, the molarity of the solution will be 


_m___mp " 
Mey ITE 


Molality and mole fraction If M, is the molar mass of the solvent, 
the amount of solvent in the solution of molality m will be 


lk 
n= Me 
Now, 


Total amount in solution = amount of (solute + solvent) 
= n, + n =m + 1 kg/M, 
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Hence, the mole fraction of solute x; will be 
EA 
n og 


X; 


Sie ides 
m + 1 kg/M, 


For dilute solutions where 7; < 75, we will have 
nom 
? 1kg/M, 


that is, mole fraction of solute is proportional to the molality of the 
solution. 


Molarity and mole fraction Total mass of 1 dm? solution will be 
Mowi = p (1 dm?) 

Now, the mass of solute in this solution will be 
m, = MM, 


(Note here, M is the molarity and M; is the molar mass of solute.) 
Now mass of solvent will be 


m, = Mota — m 
= p (1 dm) — MM; 
Amount of solvent will be 
m p(l dm?) — MM; 


n M, M, 
Hence, 
UNUM du M 
^" m+m ~ [fp (1 dm?) — MMj/M]- M 
MM, 


=p (1 dm) + M (M; = Mj) 
For dilute solutions, 7; < n, i.e. MM; « p (1 dm?) and pyojyrion > 
Psolvens hence : 
x = MM, 
“2 p (1 dm) 


that is, the mole fraction x; is directly proportional to the molarity M 
of the solution. 


Problem 3.14 Calculate the mole fraction, molality and molarity of 
a solution containing 20 mass %, acetic acid in water. The density of 


resultant solution is 1.026 g cm ?. 
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In 100 g of solution, we have 
Mass of acetic acid, m; — 20 g 
Mass of water, m, — 80g 


Molar mass of acetic acid, M; = 60 g mol! 


Amount of acetic acid in 20 g, nz -M, = BO Ii 


= 0,333 mol 
Amount of water in 80 g, 
lm ABO go 
ny = M; "T IPncLU 4.444 mol 
Mole fraction of acetic acid, 
n 0.333 mol = 0.0697 


“=a +m (0.333 + 4.444) mol - 
Molality of acetic acid solution, 


mS i E 0:333 mobs ie “1 
m = m, 7 80 x 107 ke 4.163 mol kg 


Volume of solution containing 20 mass per cent acetic acid, 


mass of solution 100 g — 97.45 cm! 


~~ density of solution ^ 1.026 g cm ? 


Molarity of acetic acid solution, 


n», 0.333 mol 2 
MS CSS x dm 7 Salo mol om 


Types of Solutions 


There are a number of different types of solution but the following 
types are more common: 

l. Gas in gas; 2. Gas in liquid; 

3. Liquid in liquid; 4. Solid in liquid; 


We now describe the main characteristics of these solutions one by 
one, 
Solution of Gas in Gas 


Gases are miscible in each other in all proportions. Their composi- 
tions may be conveniently expressed in terms of their partial pressures 


or mole fractions. 
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Solution of Gas in Liquid 

Gases are soluble in liquids. For a given pair of gas and liquid, 
solubility depends on temperature and pressure. For a given tempera- 
ture and pressure, it is found that the solubility of gas im a liquid 
increases with the ease of liquefaction of the gas. For example, in any 
solvent, hydrogen and helium are much less soluble than carbon di- 
oxide, ammonia and sulphur dioxide. Solubility is very much enhanced 
if there occurs a chemical interaction between the gas and liquid. That 
is why gases like NH3, CO», HCl and SO, are easily soluble in water. 
The interaction reactions are 


NH; + H,0 = NH,H,O = NHj + OH- 
CO, + H,O = H,CO; = HCO; + Ht 
HCI + H,0 = H30* + cr 

SO, + H,O = H,S0, = HSO; + Ht 


Effect of temperature on the solubility of gases Dissolution of a gas 
in a liquid is generally an exothermic process, i.e. heat is liberated 
during the dissolution. Thus, according to Le Chatelier’s principlet, 
the solubility of a gas decreases with an increase in temperature. 


Effect of pressure on solubility of gases The solubility of a gas ina 
liquid increases with increase in external pressure. This conclusion 
was stated by W. Henry and is known as Henry’s law.* 


Solution of Liquid in Liquid 


When a liquid is added in another liquid, it may exhibit any of the 
following possibilities. 


1. Both are miscible in all proportions. 

2. Both are miscible in the limited ranges of concentrations and 
beyond these ranges, they show partial miscibility. 

3. Both are immiscible in each other. 


In this section, | we consider only the main characteristics of the first 
category of liquids, i.e. they are miscible in all proportions. 

In general, completely miscible liquids show two types of behaviour 
depending upon their individual characteristics. These are (1) ideal 
behaviour and (2) nonideal behaviour. 


Ideal Behaviour A solution is said to exhibit ideal behaviour if its 
constituents follow Raoult's law under all conditions of composition. 
Such a solution is called an ideal solution. According to Raoult's law, 
the partial pressure of the vapour of a constituent of an ideal solu- 
tion is directly proportional to its mole fraction in the solution, i.e. 

Di ec X 


pi = xpi 


{See Chapter 9 for Le Chatelier’s principle. 
*See Section 9.2 for more detail, 
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where p* is a constant of proportionality and is equal to the vapour 
pressure of the pure constituent. 


Total vapour pressure of an ideal solution The total vapour pressure 
of the solution as given by Dalton's law of partial pressures is 


Pita = Pi + Pai se. 


where pı, p», etc. are the partial pressures of vapours of the constit- 
uents of the solution. For a binary ideal solution, we will have 


Protat = Pa + Pa 
This, according to Raoult’s law is 
Protal = Xa PÀ + Xp PS 
Since, X, -+ xg = 1, we will have 
Pioii = Xa PR + (1 — xa) PB 
=Ps + (Pi — PE )*a 


that is, the total vapour pressure of the solution is a linear function 
of xa. This behaviour where p > p% is shown in Fig. 3.42. 


Fig 3.42 Plots of px, pg and protai against the mole 
fraction xA or xy in the liquid phase 


Problem 3.15 Methanol (p = 90 mmHg at 300 K)and ethanol 
51 mmHg at 300 K) form very nearly an ideal solution. A solution is 
made by mixing 32 g methanol and 23 g ethanol at 300 K. Calculate 
be partial pressures of its constituents and the total pressure of the 
Solution. 
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We have 
Amount of methanol = 32 g/32 g mol! = 1 mol 
Amount of ethanol = 23 g/46 g mol! = 0.5 mol 


Total amount in solution = (1.0 + 0 5) mol = 1.5 mol 


Mole fraction of methanol, X, = —— == 


3 
j a) 2 
Partial pressure of methanol = x, př = 3 (90 mmHg) 
= 60 mmHg 


1 
Partial pressure of ethanol = (1 — x,) p -(3) 
17 


(51 mmHg) — 
Total pressure = 60 mmHg + 17 mmHg 
— 77 mmHg 


Essential requirements for forming an ideal solution 

Two liquids A and B are expected to form an ideal solution provided 
the forces of attraction between A: * - A molecules are identical with 
those of B : * * B molecules and thus are also identical with those be- 
tween A -* Bin the solution. Thus, the molecule A in solution will 
not know whether itis attracting a like molecule A or an unlike 
molecule B and vice versa. Besides this condition, the molecules A 
and B must also have equal volumes. The consequences of these factors 
are that (1) no heating or cooling is observed during the formation 
of ideal solutions, and (2) no change of volume takes place during the 
mixing of its constituents. The above conditions are met only in a few 
cases and thus limitéd examples are known. A few examples are 
ethylene dibromide—propylene dibromide, ethyl —bromide—ethyl 
iodide, and n-hexane—n-heptane. 


Nonideal Behaviour If the two conditions mentioned above are not 
met by the two liquids A and B, they form nonideal solutions, These 
solutions exhibit deviations from Raoult’s law. Two types of devi- 
ations are to be expected depending upon the nature of liquids. These . 
are described below. 


1. Positive deviation If the. forces of attraction between unlike 

. molecules (i.e. between A and B) are weaker than those between like 
molecules (i.e. between either A and A or B and B), the solution 

shows positive deviation trom Raoult's law, In this case, the partial 

vapour pressures of the constituents of the solution (and, hence, also 

its total pressure) are greater than those predicted from Raoult's law 
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(Fig. 3.43). Examples are carbon tetrachloride—heptane, ethyl ether— 
acetone and heptane—ethanol. ) 


2. Negative deviation If the forces of attraction between unlike 
molecules (i.e. between A and B) are stronger then those between like 
molecules (i.e. between either A and A or B and B), then the solution 
shows negative deviation from Raoult’s law. Here the vapour pressure 
of its constituents of a solution (and, hence, also its total vapour 
pressure) are smaller than those predicted from Raoult's law (Fig. 
3.44). Examples are pyridine—acetic acid, chloroform—acetone, and 
hydrochloric acid—water. 


0 XAa—* 1 

1 —Xg 
Fig. 3.43 Positive deviation Fig. 3.44 Negative deviation 
from Raoult's law from Raoult's law 


Solution of Solid in Liquid 


Solids show a wide range of solubility in a liquid depending upon 
their nature and also on the type of interactions between solute and 
solvent, The effect of temperature on the solubility depends on whether 
the dissolution process has an exothermic or endothermic nature. For 
exothermic dissolution, solubility decreases with increase in tem- 
perature whereas for endothermic dissolution, it increases with increase 
in temperature. These conclusions are in agreement with Le Chate- 
lier's principle. Figure 3.45 displays the variation in solubility of a few 
salts in water with temperature. 

Dissolution of a nonvolatile solute (such as glucose, sodium chloride) 
also affects the properties of the solvent (say, water). For example, 
the boiling point of solvent is elevated and the freezing point of solvent 
is depressed, The elevation of boiling point can be explained on the 
basis ofthe vapour pressure of solution. According to Raoult's law, 
the vapour pressure is decreased as the mole fraction of the solvent in 
solution is decreased. The solute will not exert any vapour pressure 
as it is nonvolatile. Consequently, the solution needs more heating so 
that its vapour pressure becomes equal to the external (atmospheric) 
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pressure. The depression of freezing point can be explained on the 
basis of interactions between solute and solvent. Because of the posi- 
tive interactions between these two, the solute prevents the crystalliza- 
tion of solvent and thus needs more cooling. 
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Fig. 3.45 Solubility curves of a few salts in water 


Besides the above two properties, solvent in solution exerts lesser 
internal pressure when the latter is separated from the pure solvent by 
a suitable semipermeable membrane* (Fig. 3.46). Because of the larger 
concentration of solvent in the pure solvent (as compared to that in 
the solution), the solvent exerts a greater tendency to pass through from 
the solvent side to the solution side. This passage is continued till the 
hydrostatic pressure created on the solution side becomes equal to the 
difference of the tendencies of the solvent to pass through the mem- 
brane. This hydrostatic pressure is known as the osmotic pressure of 
the solution. The value of osmotic pressure increases with the increase 
in solute concentration in the solution and is given by the expression 


II—cRT 


where JI is the osmotic pressure of the solution having concentration 
€ of the solute. 


*The semipermeable membrane is the one through which only solvent mole- 
cules can pass. One of the the best membranes synthetically prepared is 


K;Fe (CN). 
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The passage of solvent from pure solvent side to solution side can 
also be prevented by either increasing external pressure on the solu- 
tion side or decreasing external pressure on the solvent side by a 


cmd \ 


Solvent Solution 


Semiper meable 
membrane 


Fig. 3.46 Osmotic pressure of the solution 


factor equal to the osmotic pressure (Fig. 3.47). If this increase or 
decrease in pressure becomes greater or smaller than the osmotic pres- 
sure, a reverse osmosis is observed where the solvent passes from the 


solution side to the solvent side. 


T 
t 


Solution Solvent Solution 


Solvent 


Fig. 3.47 An alternate way of stopping osmosis 
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The three properties, namely, elevation of boiling point, depression 
of freezing point and osmotic pressure, arc collectively known as the 
colligative (a latin word; co, together; ligare, to bind) properties as, 
in a given amount of solvent, they depend only on the number of 
species present in the solution and not on their nature. For example, 
the colligative properties of a dilute solution of sodium chloride are 
found to be double those of the equally concentrated solution of 
glucose or sucrose. This is because, sodium chloride in solution 
dissociates to give sodium and chloride ions and thus the total con- 
centration of species irrespective of their nature is double that of an 
equally concentrated solution of glucose. The two solutions having 
equal osmotic pressure are known as isotonic solutions, 


Problem 3.16 Calculate the osmotic pressure of a solution contain- 
ing 1.8 g dm^? of glucose (molar mass 180 g mol). 


We have, 
— 1.8 g dm”? 
180 g mol! 
Hence, Fiss eRT 
= (0.01 mol dm?) (8.314 J K^! mol!) (298 K) 
= 24.78 J dm? = 24.78 x 10 N m^? = 0.245 atm 


c = 0.01 mol dm? 


The expression for elevation of boiling point (AT, = T, — T%, 
where T, is the boiling point of solution and 7* is that of pure solvent) 
and depression of freezing point (— AT; = T, — T*, where T; is the 
freezing point of solution and T7 is that of pure solvent) are as follows: 


AT, = Kym 
— AT, = Km 
where K, and Ķ; are known as boiling point elevation constant and 
freezing point depression constant, respectively, and m is the molality 


of the solution. Table 3.5 includes the values of K, and K; for a few 
solvents. 


Problem 3.17 Calculate the change in freezing point of water if (a) 
0.01 mol of glucose, and (b) 0.01 mol sodium chloride is dissolved in 
1 kg of water. Given: X; (water) = 1.86 K kg mol !. 
We-have 
(a) —AT; = Kim 
= (1.86 K kg mol!) (0.01 mol kg™) 
= 0.0186 K 
(b —AT; = 2 x 0.0186 K = 0.0372 K 
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Table 3.5  Boiling point elevation and freezing point depression 
constants of a few solvents 


Solvent Ky/K kg mol-* Ki/K kg mol-* 
Water 0.51 1.86 
Acetic acid 3.07 3.57 
Benzene 2.53 5.07 
Cyclohexane 2.79 20.0 
Camphor -— 37.7 
Chloroform 3.63 pci 
Carbon tetrachloride 5.03 ce 

EXERCISES 


. What do you mean by an ideal gas? State the conditions under which a 


real gas is expected to behave ideally. 


2. How does the pressure of a given mass of a gas in a fixed volume change 


as the temperature is raised? How is this change interpreted in terms of 
the behaviour of the molecules of the gas? 


. What is the physical significance of gas constant R? What is its value in 


SI units? 


. Explain whether a gas would approach ideal behaviour or deviate from 


it under the following conditions: 

(a) It is compressed to a small volume at a constant temperature. 

(b) Temperature is raised keeping the volume constant. 

(c) More gas is introduced into the same volume at the same temper- 
ature. 


. State the postulates of the kinetic—molecular theory of gases. To 


which type of gas (ideal or real) are these postulates applicable? 


. Starting from the kinetic gas equation (pV = mNie[3), derive the ex- 


pressions of (a) Boyle's law, (b) Charles’ law, (c) root mean square 
speed, (d) average kinetic energy, and (v) Grahm's law of diffusion. 


7. Describe by drawing the appropriate diagram the main features of the 


Max well-Boltzmann distribution of molecular speeds. What is the effect 
of temperature on these features? 


. (a) Define (i) root mean square speed, (ii) average speed and (iii) most 


probable speed. What is the effect of temperature on these speeds? 
(b): The root mean square speed is independent of isothermal variation 
in pressure or volume of the gas, Comment on this statement. 
. At the same T'and p, which of these gases will have a higher average 
Kinetic energy per mol: Hs, Oz, CH, and SF4? 
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10. 


11. 


12, 


13, 
14. 


15. 


27. 


28. 


Three different containers of equal volume at 27 ^C contain Hz, N», and 
Os: respectively Which one of the gases has the maximum average speed 
of its molecules? 

(a) State the van der Waals equation. What are the units and physical 
significance of the two constants a and bin the van der Waals 
equation? 

(b) Explain how the van der Waals equation accounts for the behaviour 
of real gases. 


What do you understand by the vapour pressure of a liquid? What is the 

effect of temperature on vapour pressure of a liquid? 

Define the term surface tension of a liquid. What is the effect of temper- 

ature on surface tension of a liquid? 

Define the term viscosity of a liquid. What is the effect of temperature on 

viscosity of a liquid. 

(a) What do you understand by van der Waals forces? Explain the terms 
(i) dipole-dipole interaction, (ii) dipole-induced dipole interaction 
and (iii) dispersion forces of attraction. Out of these three, which 
one predominates in the liquid phases? 

(b) Give a brief account of the hydrogen bond. 


. Outline the main characteristics of a crystalline solid and an amorphous 


solid. 


. Classify the solids on the basis of bond type and describe their main 


characteristics. 


. Classify the solids on the basis of rotational symmetry of the unit cell. 
. What do you understand by primitive and nonprimitive unit cell? 
. What do you understand by (a) an edge, (b)a plane, (c) space-lattice, 


and (d) unit cell of a crystal? 


. Describe the packing pattern of hexagonal and cubical closest-packed 


Structures. What types of voids are present in these structures and what 
are their numbers per closest-packed atom? 


. Define the terms solute and solvent of a solution. Describe the various 


ways of describing the concentration of solute in a solvent. 


. It is stated that molality and mole fractions of a solution are independ- 


entof temperature, whereas the molarity depends on temperature. 
Comment on the statement. 


. Describe Henry's law as applicable to the solubility of a gas in a liquid. 


What is the effect of temperature on the solubility? 


. What do you understand by ideal and nonideal solutions? Give two 


examples of each. 


. Draw the plots of (a) pa versus xa (mole fraction in liquid phase), (b) 


Pp Versus xA and (c) pioia1 versus xA for a binary solution exhibiting 
(i) ideal behaviour, (ii) nonideal behaviour with positive deviation and 
(iii) nonideal behaviour with negative deviation. 

Explain the effects on the boiling point and freezing point when a non- 
volatile solute is dissolved in a volatile solvent. 

Define the term osmotic pressure of a solution? Explain, how the pheno- 
menon of osmosis may be prevented. 


30. 


31. 


34. 


35. 


29. 


32. 


33; 
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The density of a gas X is 1 g cm-? at —135 °C and 500 atm. What is the 
density at standard temperature (0 °C) and pressure (1 atm) conditions? 
(Ans. 0.001 g cm?) 


Calculate the root mean square speed of oxygen molecules having kinetic 
energy of 8.368 kJ mol-*, At what temperature would the molecules have 


this value of root mean square speed? 
(Ans. 671 K) 


Calculate the average and total kinetic energies of 0.6 mole of an ideal 


gas at 0 °C. 
(Ans. 3.405 kJ, 2.043 kJ) 


From the relations between the variables for two gases given below on 
the left, what can you conclude regarding the variables on the right? 


Given Inference 
(> or < or =) 
(a) Equal p, V, T, m > ma KE; — KE: 
(b) Equal p, V, T, m ms N, and Na 
(c) Equal p, V, Ni < Ns T; and T2 
(d) Equal T, N, pı > ps, mi > ms» V; and V; 
(e) Equal V, N, KE, m > m pi and ps 


(Ans. KE; = KE», Ni = Ns, Ti < Ts, Vi < Vo, pi = pi) 
When a certain crystal was studied by Bragg’s method, using X-rays of 
wavelength 229 pm, an X-ray reflection was observed at 23° 20’. (a) what 
is the corresponding interplanar spacing? (b) When another X-ray source 
was used, a reflection was observed at 15°26’. What was the wavelength 
of these X-rays? 
(Ans. 289.2 pm, 153.9 pm) 


Calculate the change in the boiling point of water if (a) 0.01 mol of 
glucose, (b) 0.01 mol of NaCl is dissolved in 1 kg of water. 


[Given: Ky = 0.51 K kg mol-!] 
(Ans. (a) 0.0051 K; (b) 0.0102 K) 


Calculate at 25 °C the osmotic pressure of a solution containing (a) 0.01 


mol of sucrose, (b) 0.01 mol of NaCl per dm? of solution, 
(Ans. (a) 0.245 atm, (b) 0.49 atm) 


Multiple-Choice Questions 


Tick (4/) the correct choice. 
1. Which of the following gaseous molecules wil have maximum root mean 


square speed? 

(a) Carbon monoxide (b) Chlorine 

(c) Oxygen (d) Carbon dioxide 

The average kinetic energy of a gaseous substance depends on the 
(a) temperature of the gas 

(b) pressure or volume of the gas 

(c) molar mass of the gas 

(d) number of molecules in the gas. 
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3. 


6 


T 


v 


The van der Waals equation for a real gas is 


(a) (p + aJV3) (V — b) = nRT 

(b) (p + alV3) (V — nb) = nRT 
(©) (p + nal V?) V + nb) = nRT 
(d) (p + nal V”) (V — nb) = nRT. 


. Which of the following behaviour is true regarding the coefficient of 


viscosity (n) of a liquid? > 


(a) Plot of n versus T is linear 

(b) Plot of » versus 1/7 is linear 
(c) n= EIRT 

(d) Plot of log n versus 1/T is linear 


. Which of the following expressions regarding the unit of coefficient of 


viscosity is not true? 


(a) dyncm^*s (b) dyn cm? s~ 

© Nm^s (d) 1 poise = 107 N m-*s 
Which of the following is true? 

(a) Ums > lav > Ump (b) ums > Yay < Ump 

(C) utms < lay < Ump (d) kms < iav > Ump 
Which of the following is true? 


(a) Ionic solids are soft crystalline substances, 

(b) The densities of molecular crystals are comparatively higher than 
those of ionic crystals. 

(c) The coordination number of an atom in hexagonal closest-packing 
is larger than in body-centred cubic packing. 

(d) Metallic crystals are not good conductors of heat and electricity. 


. Which of the following is true? 


(a) Molarity of a solution is independent of temperature 

(b) Molality of a solution is independent of temperature 

(c) Mole fraction of a solution is dependent on temperature 
(d) The unit of molality is mol dm ?, 


Which of the following is true? 


(a) The constituents of an ideal solution follow Raoult's law under all 
conditions 

(b) The ideal behaviour of a liquid solution is due to the fact ;hat the 
different molecules present in it do not interact with one another 

(c) Henry's law deals with the variation of solubility of gas with tem- 
perature 

(d) The addition of a nonvolatile solute to a volatile solvent decreases 
the boiling point of the latter, 
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10. The coordination number of ions in the sodium chloride crystal is 


(a) 2 (b) 4 
() 6 (d) 8 


Answers (Multiple-Choice Questions) 


l. (a) 2. (a) 3. (d) 4. (d) 5. (b) 
6. (a) 7. (©) 8. (b) 9. (a) 10. (c) 


— 
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Atomic Structure 


Objectives Historical Development of Structure of Atom O Rutherford Model 
of Atom O Subsequent Developments O Failure of Rutherford Model of Atom 
O Bohr Model of Atom © Quantum Mechanical Model of Atom O Electronic 
Configurations © Electronic Structure and Atomic Behaviour O Nuclear 
Structure 


4.1 HISTORICAL DEVELOPMENT OF STRUCTURE 
OF ATOM 


The word ‘atomic’ has its origin from an adjective in Greek meaning 
‘not divisible’. The thought that all matter is made up of small inde- 
structible particles called atoms was put on a firm basis by Dalton 
(1808). Based on experimental evidence, he proposed the atomic 
theory of matter. Its essential features are: 

1. Matter is composed of atoms which cannot be created, divided or 
destroyed. 

2. All the atoms of an element are alike and are different from those 
of any other element. 

3. In compounds, the atoms combine together in the ratio of small 
numbers. 

With the above features, he was able to explain the law of constant 
composition (Proust, 1799) and the law of multiple proportions 
(Dalton, 1803). Dalton’s atomic theory was further developed by 
Avogadro (1811) and Cannizzaro. 

Towards the end of the nineteenth century, experimental evidence 
established that an atom can be subdivided. The most important obser- 
vations discovered in this period are as follows. 

High-Voltage Electrical Discharge Through Gases at Low Pressure 
Conducted by Goldstein in 1876 
At ordinary pressure conditions, the gases are poor conductors of 


electricity. However, they start conducting if their pressure is reduced 
to about 107? atm and a very high voltage (5000-10,000 V) is applied 
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at the electordes. The gas emits characteristic light under these condi- 
tions. If the pressure of the gas is further reduced to about 10-^ atm, 
the emission of light ceases but the gas continues to conduct electricity. 
Under’ these conditions, a beam of rays moving in straight lines is 
emitted from the cathode which on striking the glass tube produces a 
faint greenish light. Also if an object is placed in the path of these 
rays, a sharp shadow of the object is produced on the wall of the glass 
tube. These rays were named cathode rays (Fig. 4.1), 


Gas at 
low pressure 


| High voltage 
ili 


Fig. 4.1 | Generation of cathode rays 


Subsequent studies of these rays revealed that they are negatively 
charged particles as they can be deflected by applying electrical and 
magnetic fields (Fig. 4.2). These particles were produced by the splitting 
up of the gaseous atoms by the discharge. At low pressures, the cath- 
ode rays did not recombine with the remaining fragments and were 
emitted from the cathode. | 


Cathode ray | 
p | 


Fig. 4.2. Deflection of cathod/e rays in electrical and magnetic fields 
j 


n 
{ 


134 Chemistry for Class Xİ 


Determination of Charge] Mass Ratio of Cathode Rays 
by Thomson in 1897 ` 

The apparatus used to determine charge/mass (e/m) ratio is shown 
diagrammatically in Fig. 4.3. The cathode rays emitted from the cath- 
ode are accelerated by the high voltage between the cathode and 
anode. The circular disc after the anode selects the beam moving in a 
straight line which eventually falls on the fluorescent screen producing 
a welldefined spot. The cathode rays are subjected to a magnetic field 
followed by an electrical field such that the deflection caused by the 
magnetic field is annulled by that of the electrical field. From these 
studies, the value of e/m can be determined and is found to be 
1.7589 x 10'! C kg '. This value was found to be independent of thc 
gas in the tube. The cathode rays were identified as electrons, 


Fluorescent 
Screen — 


Fig. 43 Determination of e/m! of cathode rays 


Determination of Charge/Mass Ratio of F'ositively Charged 

Fragments by Wien in 1897 j 

If one uses a perforated cathode, a beatin of particles will be emitted- 
from the back of the cathode. These are the positively charged 
fragments produced in the discharge tu/be. The value of e/m for these 
particles was determined in the same myanner as described above and 
was found to be dependent upon the na'ture of the gas in the tube. The 
highest charge/mass ratio (i.e. the smalJest positively charged particle) 
was obtained when the gas was hy'drogen. This particle is now 
known as the proton and its e/m is forind to be 9.57 x 107 C kg". 


Thomson Model of an Atom 


From the above experiments, it was c oncluded that an atom can be 
split up into two fragments, namel y, (1) negatively charged electrons 
which are common to all atoms, anc! (2) the positively charged particle 
which differs from atom to atom. B. ised on this fact, J.J. Thomson, in 
1898, put forward his model of the /atom. According to him, an atom 


4 
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is a positively charged sphere of radius about 1071? m in which nega- 
tively charged electrons are uniformly embeded so as to have an overall 
electrically neutral atom (Fig. 4.4). 


o 9 
o © 
© $90 


Fig. 4.4 Thomson model of atom 


Radioactivity— Further Proof for the Divisibiality of Atom 

Becquerel, in 1896, discovered that all uranium salts emit radiations 
and he named this phenomenon as radioactivity. Experiments have 
shown that the three kinds of radiation, namely, «, B and y are emitted 
by radioactive substances. Their nature was studied be methods identi- 
čal to those used for cathode rays. Alpha rays were identified as He?+ 


particles, beta rays as electrons and gamma rays as the high energy 
electromagnetic radiations. 


4.2. RUTHERFORD MODEL OF AN ATOM 


In 1910, Rutherford carried out the experiment in which a thin sheet 
of gold foil was bombarded wtih a beam of «- particles, The results of 
the experiment were as follows. 

1. Most of the «-particles passed straight through the gold foil. 

2. A few «-particles were deflected from the straight-line path. 

3. A very small number of the «-particles (about 1 in 20,000) were 
deflected backwards through angle greater than 90°. 

These observations are shown schematically in Fig. 4.5. 

The atomic model as suggested by Thomson could not explain the 
above experimental observations. In order to account for these, Ruther- 
ford proposed that the atom was made up of a tiny nucleus which 
carried a positive charge and practically the whole of the mass of the 
atom. Around this nucleus there was a diffuse region containing elec- 


trons to maintain electrical neutrality of the atom, From the experi- 
ment, it was concluded that 


approximate radii of the nuclei of atoms 
fw 10714—1075 m 


approximate radii of outer hollow sphere containing 
electrons ~ 1077 m 


On this basis, it has been calculated that less than 10-!? of the total 
volume of an atom is occupied by its nucleus. 


Y 
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deflection 


Deflection | 
more than 90 


Fig. 4.5 Schematic diagram for the bombardment of a-particles 
on thin gold foil 


4.3 SUBSEQUENT DEVELOPMENTS 
Mass and Charge of an Electron 


In 1910, Millikan determined the value of the electronic charge by 
the apparatus as shown in Fig. 4.6. 


To 
manometer [ 
Oit —« 


droplet 
X-rays 
í + Several 
thousand 
voltage 
— difference 


Parallel metal 
plates 


Fig. 4.6 Schematic diagram of the apparatus used by Millikan to 
determine electronic charge 
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The droplets of oil were sprayed into the apparatus. Some of the 
oil droplets acquired a charge, either because of friction during its 
production in the spray or from a beam of X-rays which could be used 
to charge the droplets. There are two parallel metal plates across 
which a high potential difference can be applied. Through a telescope, 
the motion of the charged droplet of oil within the parallel plates can 
be watched. By changing the potential difference, the motion of the 
droplet can be made to change. Through these changes, Millikan 
could determine the charges on the drops and found that these 
charges were multiples of a minimum charge which was recognised to 
be the charge of an electron. The accepted value for the charge on the 
electron is 1.602 x 107!? C. By substitutiug this value in the Thomson's 
value of e/m, the mass of an electron can be determined. The accepted 
value of the mass of an electron is 9.11 x 10^?! kg. 


Total Positive Charge of the Nucleus of an Atom 

A number of experiments were made to determine the total positive 
charge on the nucleus of an atom. These include the scattering of «-par- 
ticles by Rutherford, scattering of P-particles by Chadwick (1920) and 
the X-ray spectra* of elements by Moseley (1913). The positive charge 
on the nucleus was found to be an integral multiple of the basic unit 
positive charge, the magnitude of which is equivalent to the charge 
on the electron. The integral number was identified as the atomic 
number of the element. 


Mass of Proton 

Tn determining the value of'e/m for the positively charged particle, 
the highest value of 9.57 x 107'C kg"! was obtained for the hydrogen 
gas. The nucleus of hydrogen was found to carry a unit positive charge 
(+ 1.602 x 10719 C), Combining these two values, namely, that of e 
and e/m, one gets the mass of hydrogen nucleus equal to 1.67 x 10-77 
kg. The nucleus of hydrogen was called proton. Comparing the masses 
of the electron and proton, we find that 


mass of proton. __ 1.67 x 1077 kg -— 1836 
mass of electron. 9.11. x 10° kg 


that is, the proton was found to be 1836 times heavier than the electron. 


Discovery of Isotopes of an Element 

In 1919 Aston developed the mass spectrometer in which the particles 
of the same charge/mass ratio were focussed together on a line. Using 
extremely pure neon, Aston showed that the neon exists in two chemi- 
cally identical forms having relative atomic masses of 20 and 22, 
respectively. These were called the two isotopes of neon. By definition 
isotopes mean substances having the same atomic number but different 


*X-rays are highly energetic electromagnetic radiations. These are generated 
when a solid is bombarded with fast-moving electrons. The wavelengths of emit- 
ted X-rays are characteristic of the target element. + 
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masses. The atomic mass of a naturally occurring element is the 
average atomic masses of its isotopes. 


Existence of Neutrons in the Nucleus of Atom 

In 1932, Chadwick carried out an experiment in which «-particles were 
bombarded on beryllium, There was emission of particles which were 
unaffected by electric and magnetic fields. These particles were called 
neutrons and their origin was explained on the basis of the. following 
reaction: 


aBe + 2He — 14C + ln 


where the superscript refers to the mass number (sum of the protons 
and neutrons in the nucleus) and the subscript to the atomic number. 

The formation of isotopes with the same atomic number and differ- 
ent mass numbers were explained on the basis that nuclei of different 
isotopes possess the same number of protons but different number of 
neutrons. 

The mass of a neutron was found to be 1.6748 x 10°77 kg which 
is 1839 times heaiver than the electron. 


44 FAILURE OF RUTHERFORD MODEL OF ATOM 


In the Rutherford model of an atom, there exists a positively charged 
nucleus at the centre and it is surrounded by negatively charged elec- 
trons which move in definite paths, called orbits. Most of the mass of 
an atom is concentrated in the nucleus. 

Now according to the Maxwell theory of electromagnetic radiation, 
charged particles when accelerated should lose energy in the form of 
electromagnetic radiation. In the Rutherford model, negatively charged 
electrons move in orbits around the positively charged nucleus. In order 
to maintain the circular motion of an electron in orbit, the electron is 
subjected to an acceleration. Thus, according to the Maxwell theory 
the electron should continuously lose energy and spiral into the nucleus 
with the subsequent collapse of the atom. Calculations show that the 
electron would require only 10^? s to do so. Hence, such an arrange- 
ment of the nucleus and electrons will not yield a stable atom. 

Besides the above difficulty, the Rutherford model could not explain 
the discrete spectra exhibited by atoms. By discrete spectra, we mean 
that an atom on excitation liberates characteristic radiations* of fixed 
wavelengths. For example, high-voltage electrical discharge through 
sodium yields two yellow radiations of wavelengths 589.16 nm and 
589.76 nm, respectively. Similarly, other gases exhibit characteristic 
wavelengths. 


"Radiation is a stream of photons, each carrying energy equal to /ic/A where h 
is Planck's constant (6.626 X 10** J s), c is the speed of light (2.998 x 10* m s~) 
and A is the wavelength of the radiation. Thus, radiation has both corpuscular 
(i.e. particle) and wave nature. : 
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in 1885, Balmer analyzed the spectra of hydrogen and predicted 
that the observed lines in the visible and near ultraviolet spectrum* 
could be expressed as 


2 
= "m 
Anm = 364.56 (a E 3) (4.1) 


where n; has a fixed value of 2, whereas n, has integral values greater 
than 2, i.e. 3, 4, 5, .. . . For example, the observable spectral lines at 
656.21 nm, 486.07 nm, 434.0 nm and 410.13 nm of the hydrogen 
spectra are reproduced when 7m is equal to 3, 4; 5, and 6, respectively. 

The above discrete spectra could not be explained on the basis of 
the Rutherford model. A continuous spectrum would have been more 
likely as the electron would have lost energy continuously in accordance 
with the Maxwell theory of electromagnetic radiation. 


Problem 4.1 One of the spectral lines of caesium has a wavelength of 
456 nm. Calculate the wave number and frequency of this line. 


Since frequency v = ¢/A, we have 


8 +i 
3x10 ms” _ 658 x10" s7! 


Y= 7456 x 10? m 


Similarly, since wave number v = 1/A, we have 


E —€— = 2.9 x 105m"! 


v= 


4.5 BOHR MODEL OF ATOM 


In order to explain the stability of atoms and the discrete spectra 
emitted by atoms, Niels Bohr, in 1913, postulated the following two 
assumptions. 


*Electromagnetic radiation can be broadly classified into different categories 
depending upon their wavelengths. These are described in the following figure. 


Wavelength/metre 
10 22 là 


1? 10? i^ 148 168 5? q^ ad 


LLLI popup RII. 
LIRI b 


l—Radio, 2— Microwave, 3—Far infrared, 4—Near infrared, 
5— Visible, 6—Ultraviolet, 7—Vacuum ultraviolet, 8—X-rays, 
9—y-rays, 10— Cosmic rays. 
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1. The electron in an atom can revolve around the nucleus only in 
certain allowed circular orbits without losing any energy. 

2. The electron can jump from one of the allowed orbits to another 
and can thereby gain or lose energy equivalent to the difference in 
energy of the two involved orbits. Thus, when it jumps from a higher 
energy orbit to a state of lower energy, the electron loses energy which 
appears in the form of radiation of frequency v (or wavelength A) such 
that hv (=he/A) is equal to the difference in the energies of the two 
states. 

The stability-of the circular motion of an electron in the hydrogen 
atom is governed by the expression, 


attractive (centripetal) force—centrifugal force 


(e) (e) mv 
Gere ar (4.2) 


where «, is the permittivity of a vacuum (8.854 x 10? C? N“! m?), r 
is the distance of the orbit from the nucleus and v is the velocity of the 
electron in the orbit. According to Bohr, the allowed stationary orbit 
can be generated by imposing the quantum mechanical restriction of 
angular momentum on the above expression. The proposed restriction 
is that the angular momentum of the revolving electron is an integral 
multiple of the basic unit of h/27, i.e. 


h 
mor=n(x) (4.3) 
where n has integral values 1, 2, 3,...,and is known as quantum 


number. 
By combining Eqs (4.2) and (4.3), one can obtain the following 
expressions for the stationary orbits. 


a 


r= P ota "M 
1 7? T 
E=-% Pein eee) (4.5) 


From the above expressions, it follows that only certain orbits with 
precise energies are allowed since the quantum number has only inte- 
gral values 1, 2, 3,.... Now, the energy difference between any two 
energy states will be 


AE 3 E, jg, 
27m (e/4ve, 1 1 
= Aem (erame n^ 2] (4.6) 


. The frequency of radiation carrying this energy difference will be 
given as 
2vm(é|4z «y [1 1 
Vue eam e ni ees (4.7) 


Atomic Structure 141, 


and the wavenumber of radiation will be given as 


- |2€m(Pmsy [1 _ 1 
bg Par pem 


1 1 |! i 
LR [5 -5 (4.8) 


where Ris written for 2mm (&/Avej//fPe and is known as the 
Rydberg constant. On substituting the values. of m, e, «o, h and c, we 
find that iil 
I 


R-1.0737 x 107m! Hn 
The experimental value is found to be 1.09678 X 107 m`. 


The various Bohr orbits are schematically shown in Fig. 4.7 and 
the corresponding energies are shown in Fig. 4.8. The various electron- 
ic transitions of hydrogen atoms are also shown in Fig. 4.8. These 


Fig. 4.7 Bohr orbits of hydrogen atom 
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Fig. 4.8 Energy levels in the hydrogen atom along with 
various electronic transitions 


transitions, which were also verified experimentally, are described in 
Table 4.1. 


Table 4.1 Five spectral series of hydrogen atom 


Spectral serles Values of Region of radiation in 
nm n which series lies 
Lyman 1 2,3,4,... ultraviolet 
Balmer 2 3,455, cles visible 
Paschen 3 45,6.... near infrared 
Brackett 4 $5,627. infrared 
Pfund 5 [o7 [seris far infrared 


Bohr's theory could explain all the experimental facts of the hydro- 
gen atom but failed badly when applied to other atoms. Nevertheless, 
Bohr's theory has its own importance as it was the first theory to 
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introduce the concept of quantization in the behaviour of subatomic 
particles. Bohr’s theory was abandoned 12 yr after its formulation in 
favour of the present quantum theory of atomic structures, 


Problem 4.2 What is the frequency and wavelength of light emitted 
when the electron in a hydrogen atom undergoes transition from an 
energy level with n = 4 to an energy level with n — 2? Given that 
the Rydberg constant is 1.0974 x 107 m !. 


In terms of the Rydberg constant, the energy difference between the 
two levels of hydrogen atom is 


1 1 
AE = Rhe ma 


Now n, = 2 and n; = 4. Hence, we have 
AE = (1.0974. x. 107 m=") (6.626 x 10° J s) 


(3.x 105 m s^?) t 5 x) 


—409 x 10 J 


AE  409x10/7J _ 14 gl 
d 7695 xs aub LR 


c 3x 105 ms! -1 
A nar SATB AE BOS n RT. D OM MD 


Problem 4.3 Calculate the ionization energy of the hydrogen atom? 
How much energy will be required to ionize 1 mol of hydrogen atoms. 
Given that the Rydberg constant is 1.0974 x 107 m™. 


For ionization energy, we will have n; = 1 and n, = oo. Hence, 
AE — Rhc 
= (1.0974 x 107 m^!) (6.626 x 10?*J s) 
(3 x 10 ms!) 
= 2.182 x 10715 J 
For 1 mol of hydrogen atoms, we will have 
AE = (6.023 x 10? mol!) (2.182 x 10715 J) 
13.14 x 105 J mol! 
1314 kJ mol! 


ll 


* 
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4.6 QUANTUM MECHANICAL MODEL OF ATOM 


The following two principles have changed the thinking about the 
behaviour of an electron in an atom. Before considering the quantum 
mechanical model of an atom, it is worth considering these two princi- 
ples. 


Wave Particle Duality and de-Broglie Relation —— 


In 1924 de Broglie, making an analogy with light, predicted .that all 
material particles possess wave characteristics, The relation connecting 
their behaviour is 


E | 
A= E (4.9) 


where p is the momentum of the particle. When Eq. (4.9) is applied 
to an electron, the latter is found'to have considerable wave charac- 
teristics. For example, an electron accelerated through a potential 
difference of 100 V has a wavelength of about 10 !? m, This wave- 
length is similar to that of X-rays and thus could be used for demon- 
strating the diffraction effects. In fact, Davisson and Germer in 1927 
ay ae hata that an electron beam could be diffracted by a metal 
foil. 
I 


Heisenberg Uncertainity Principle 


In de Broglie's relation, the particle nature of the matter is character- 
ized by the term momentum p and the wave nature by the term wave- 
length A, The two terms are inversely related to each other. In other, 
words, we can say that particle nature is inversely related to wave 
nature. For a macroscopic particle with a larger value of p, the wave- 
length as calculated from de Broglie's relation is too small to be deter- 
mined experimentally. For such a case, the wave nature may be com- 
pletely ignored and thus the particle has only the corpuscular nature. 
The motion of such a particle is governed by Newton’s:classical law of 
motion and can be described by a well-defined trajectory. However, the 
same is not true for a subatomic particle such as the electron, which 
besides having particle nature also has significant wave nature. The 
question whether the position and the momentum of subatomic parti- 
clescan be determined simultaneously with great accuracy was answered 
on the basis of theoretical reasoning by, Heisenberg in the mid 1920 s. 
According to him, it is not possible to design an experiment with the help 
of which one can determine simultaneously the precise values of both the 
position and the momentum of subatomic particles, Mathematically, 
Heisenberg’s uncertainty principle is expressed as 
h 


Ap Ax > i. (4.10) 
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where Ap and Ax are the uncertainties in momentum and coordi- 
nates, respectively. 

One of the direct consequences of the uncertainty principle is that 
the subatomic particles such as electrons cannot have well-defined tra- 
jectories, since for such particles both the position and velocity cannot 
have precise values. 


Quantum-Mechanical Model of Atom 


In the Bohr model, the electron is treated asa particle. This theory, 
besides being inadequate, also violates the two fandamental laws 
governing the behaviour of the electron. These are (1) de Broglie's 
relation and (2) the uncertainty principle. This model was replaced by 
the present quantum mechanical model which is based on the wave- 
particle duality and the probable distribution of the electron instead 
of the well-defined trajectory. 

In 1926, Schródinger proposed the wave theory to explain the behav- 
iour of the electron in the atom. According to him, electronic behav- 
iour in an atom is represented by mathematical equations (represented 
by the symbol 4) which are the solutions of the differential expression 


2o o p $2 
(mm +a t ja) e+ Er -0 GAD 


where V is the potential energy of the electron in the atom. Equa- 
tion (4.11) is known as the Schrödinger equation. 

The mathematical equation %4 (known as wave function) is a func- 
tion of the three coordinates (such as x, y and z or r, 0 and 4) which 
are used to designate the electron within the atom with nucleus as the 
origin. The physical significance of the function / is that the square 
of this function when evaluated for a set of given coordinates gives the 
probability of finding the electron at that point. Equation (4.11) pro- 
vides more than one solution of #, ie. more than one wave function 
(or mathematical expression) satisfies Eq. (4.11). Each wave function 
constitutes what is known as an orbital in the atom. 

Each orbital, besides depending upon r, 0 and 4, depends on the three 
integral numbers (represented by n, / and m, respectively) which are 
known as quantum numbers since they represent the quantization of 
definite physical properties about the electron in the atom. These are 
described in the following paragraphs. 


Description of Quantum Numbers 


Principal Quantum Number, n 


The quantum number ? (known as the principal quantum number) 
along with quantum number / describes the radial distribution of an 
electron. By the term radial distribution, we mean the probability dis- 
tribution of the electron as a function of its distance r from the nucle- 
us. The principal quantum number 7 can have only integral values of 
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1,2, 3,.... In a one-electron system (sach as H, He* and Li), the 
energy of the electron is determined by the value of the principal quan- 
tum number only through the expression 


2 ime, 2 
i zm Ze A ] úi 


E 


The negative sign in the above expression means that the electron 
is bound to the nucleus, hence, it is more stable than the nucleus and 
electron taken separately. The energy of the electron increases with an 
increase in the value of the quantum number 7 which implies that the 
electron becomes less tightly attached to the nucleus. It has zero ener- 
gy when 7 is infinity—a situation in which electron is not attached to 
the nucleus. 

Since the energy of the electron depends on its distance from the 
nucleus, it is obvious that the principal quantum number also tells us 
something about the size of the orbital. By the term size of an orbital 
we mean the region around the nucleus in which there exists 90 to 
9575 probability of its existence. Obviously, the size of the orbital 
increases as the value of the principal quantum number is increased. 

The principal quantum number represents the different energy shells 
in which the electron can exist. These shells are also designated by the 
symbols K, L, M, . . . , depending upon the value ofn equal to 1, 2, 
3, . .. , respectively. In a multi-electron atom, the energy of the shell, 
besides depending upon the quantum number 7, is also determined by 
the quantum number l. 


Azimuthal Quantum Number, 1 

The quantum number /(known as azimuthal or subsidiary quantum 
number) represents the quantized values of angular momentum of the 
electron in an orbital and is given by the expression 


L = VITH 1) (27) (4.13) 


where h is Planck's constant (= 6.626 x 10734 J s). 


The permitted values of / are 0, 1, 2, . . ., (n;— 1), i.e., it can have 
more than one value depending upon the value of n (Table 4.2). 


Table 4.2 Permitted values of / for a given value of n. 
AIR HI TEC PERQUUS E aE 


Value of n permitted values of l 
1 0 
V Oand 1 
3 0,1 and 2 
4 0, 1,2 and 3 
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Tn general, this quantum number represents the shape of an orbital 
(whether it is spherical or dumb-bell shaped and so on). The value of 
lis also designated by the symbols. These, along with the approximate 
shape of the orbital are described in Table 4.3. 


Table 4.3 Designation of quantum number / by the symbols. 


Value of 1 Designation Approximate shape 
0 s spherical 
1 p dumb-bell 
2 d double dumb-bell 
3 f complicated shapes 
4 g 
...&nd so on 


The symbols s, p, d and f find their origin from the words sharp, 
principal, diffuse and fundamental, respectively, which have been used 
to identify the spectral lines in the atomic spectra of different atoms, 
The approximate shapes of s and p orbitals are also shown in Fig. 4.9. 


(Sy CE 


s orbital p orbital 
Fig. 4.9 Shapes of s and p orbitals 


For a given value of n, the total allowed values of / are and these 


represent various subshells within the principal quantum shell. Fora 
i+), the various subshells 


one-electron system (such as H, He* and Li 
within a principal shell are degenerate in energy, i.e. all of. them have 
the same energy. For a multi-electron system, the energies of various 
subshells within a principal shell increase with the increase in the value 
of quantum number /. 

An orbital in an atom is designated by stating the values of both 
the quantum numbers 7 and /. These are written by first writing the 
number of the principal quantum number followed by the symbol pre- 
scribed for the azimuthal quantum number. A few examples of this 
way of writing an orbital are listed in Table 4.4. 
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Table 4.4 Recommended ways of writing an orbital. 


Principal quan-  Azimuthal quan- Designation of the 


tum number, n tum number, 1 orbital 
1 0 1s 
2 0 2s 
2 1 2p 
3 0 3s 
3 1 3p 
3 2 3d 


...andso on 


Magnetic Quantum Number, m 

The angular momentum, being a vector quantity has magnitude as 
well as direction. The magnitude of angular momentum is determined 
by the azimuthal quantum number / (Eq. 4.13). The direction of angu- 
lar momentum is determined from the magnetic quantum number m. 
It is for this reason, the quantum number m describes what is known 
as space quantization of angular momentum. The z-component is con- 
ventionally fixed by the direction of the external magnetic field. When 
an atom is put in a magnetic field, the angular momentum of the elec- 
tron takes only some specific orientations with respect to the z-axis 
such that the component of the angular momentum also has quantized 
values and is given by the expression 


h 
[deg (zz) (4.14) 
where m is the magnetic quantum number, the permitted values of 
which are 0, + 1, + 2,..., + l. The number of allowed values of m 
for a given value of / is 2/ + 1 and these are described in Table 4.5. 


Table 4.5 Permitted values of m for a given value of 7. 


Azimuthal quantum Permitted values of Their number 
number, l m QUA 1) 
0 0 1 
1 +1,0,-—1 3 
2 +2,+1,0,—1,-—2 5 
3 +3, +2, +1, 0, 
-1,-—2,-3 7 


.. and soon, 


Atomic Structure 149 


Ín other words, the total permitted values of m for a given value of 
I gives the number of orbitals of one type within a subshell. For exam- 
ple, there is one orbital of s-type if the value of / is zero, three p-orbit- 
als if the value of / is one, five d-orbitals if the value of /is two and 
so on. 

Since the quantum number m fixes the direction of angular momen- 
tum this number also fixes the direction of the orbital in space. For 
example, there are three orbitals of p-type (/ — 1). These correspond 
to the three values of m (i.e. + 1, 0, — 1). The plots of po, p.i--p-a 
and p+, — p_; indicate that these are dumb-bell shaped and are 
perpendicular to one another pointing towards z-, x- and y-axis, re- 
spectively. It is for this reason, they are also called as p,, px and py 
orbitals, respectively (Fig. 4.10). 


y 


Fig. 4.10 The shapes of px, p, and p. orbitals 


The total number of orbitals within a principal quantum shell (i.e. 
including all the orbitals in its subsidary quantum shells) is equal to 72. 
The energy of an orbital does not depend upon the value of m. This 
means that the s orbital is nondegenerate, p orbitals are triply degen- 


erate, d orbitals show five-fold degeneracy and so on. | 


In brief, an orbital in an atom is characterized by the three quan- 
tum numbers 7, / and m. In other words, for different values of 7, 
and m, we have different orbitals in an atom. An electron present 
in any of these orbitals acquires the corresponding characteristics, 

Table 4.6 describes such characteristics of the various orbitals up to 
the principal quantum number three. 


Spin Quantum Number, s 
An electron present in an orbital also spins around its own axis. This 
spinning produces angular momentum whose value is given by the 
expression 

L = A/s(s + 1) (h/27) (4.15) 
where s is known as spin quantum number and has a value of 1/2. 
The z-component of this angular momentum is also quantized and is 
given by the expression 


L, = m, (h/2m) (4.16) 
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where m, is either + 1/2 or — 1/2. The spinning of the electron with 
m, = + 1/2 is conventionally known as «-spin and is represented by 
a vertical arrow ( t ). The spinning of the electron with m, = — 1/2 
is conventionally known as f-spin and is represented by a downward 
arrow (4 ). 

Hence, an electron in an atom is characterized by four quantum 
numbers, namely, 7, /, m and m,. 


4.7 ELECTRONIC CONFIGURATIONS 


The arrangement of electrons in an atom is known as its electronic con- 
figuration. The electrons in the orbitals of an atom are distributed 
according to some well-established principles. These are described as 
follows. 


Aufbau Principle 


The word aufbau is a Greek word which means building up. Accord- 
ing to this principle, electrons are filled in various orbitals in the 
increasing order of their energies. For a multi-electron atom, the 
order is 
Ey < Eos < Exp <Ess < E < Ess < Esa < Fup 
< E;< Eq < Esp < Eos < Esp < Esa < Eg 
The two mnemonic representations to remember the above sequence 
are given in Fig. 4.11. 


Fig, 4.11 
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Paulis Exclusion Principle 


Pauli’s exclusion principle states that no electrons in the same atom 
can have the same values for all four quantum numbers. According to 
this principle, an orbital (known values of n, / and m) can accommo- 
date, at the most, two electrons with opposite spins, since only then 
will the fourth quantum number zm, have different values of + 1/2 
and — 1/2, respectively. Since within a subshell, 2 / + 1 orbitals are 
possible, the maximum number of electrons that can be accommodated 
are 2(21 + 1), ie. 2, 6,10 and 14in subshells s(/ = 0), p(/ = 1), 
d(/ — 2) and f(/ — 3), respectively. 


Hund's Rule 


For orbitals having identical energies (degenerate orbitals), electrons 
with the same spin enter them one by one till all of them are singly 
occupied. This is followed by the double occupation of these orbitals. 
Taking an example of 2p orbitals, the order in which the three orbit- 
als are filled up is shown in Fig. 4.12. 


Ob Ty. OE pru 


ti) Gi) Gii) 
inire] [pty ty] Hl 
liv) (v) (vi) 


Fig. 4.12 The order of filling three p orbitals as required 
by Hund's rule. Here, an orbital is represented as a 
square box and its occupancy is shown by arrows. During 
the single occupation, the electrons have the same spin 
(may be « or £). During the double occupation electrons 
have opposite spin as required by Pauli's principle. 


Electronic Configurations 


Following the above three principles, we can build up the electronic 
configuration of an atom, perhaps with one exception that half-filled 
or fully-filled degenerate orbitals are more stable than the other possi- 
ble configurations. Two common examples of these are the electronic 
configurations of Cr and Cu. Following the three rules, namely, aufbau, 
Pauli and Hund's rules, their configurations would have been 


Cr — 1s?,2s?, 2p%, 3s?, 3p%, 4s?, 3d* 

2 Cu Is?, 2s?, 2p$, 3s?, 3p$, 4s?, 3d? 
but the actual configurations are 

aCr — 1s?, 2s, 2p, 3s?, 3p6, 4s!, 3d5 

zCu Is? 2s, 2p6, 3s?, 3p6, 4s!, 3at0 
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This is because the 3d5 4s! configuration is [more stable than 3d* 4s? 
in Cr whereas 3d!? 4s! is more stable than 3d? 4s? in Cu. In the above 
representations, superscripts represent the number of electrons assigned 
to the corresponding orbitals. Table 4.7 describes the electronic con- 


figurations of a few atoms. 3 


Table 4.7 Electronic configurations of atoms up to atomic number 36 


Atomic Ele- Electronic configuration 
number ment 
Filling of 1s T H 1s* 
orbital 2 ues 718%: 
Filling of2s and 3 Li — 2st 
2p orbitals 4 Be — 2s* 
SLAB! Ji bal vhs Opt 
EREC arsi uen Dat LORS 
71 N — 2s?, 2p° 
8 O0 — 29, 2p 
91. B. E ES NDS ODE 
10--Ne' “= 2s, 2p* 
Filling of 3s and 11 Na — — — 3st 
3p orbitals 12 Mg — = — w 
13 A — — — 38 3p! 
14 $i — — — 3s? 3p 
155 :P — = — 3 3p? 
16 S = — — 3s? 3pt 
17:1 = - — 3s* 3p* 
18 Ar — — — 3s? 3p 
Filling of 4s 19 K = pio RIENE vL AAR 
orbital 20 Ca — MNT M LO ea 
Filling of 3d 21... Sc — — = i mnm 28d 4s 
orbitals 22 Ti — — — -— — 3d 4s* 
23 Mi = — — = — 3d 4s? 
24 Cr — pius recentes eee 
25 Main h — — oe 0 — 04345. 45? 
26 Fe — — — — — B8d* 4s 
27 Co — ——— > 3d' 4s* 
28 Ni — — — — —,. 3d 4s* 
29 Cu — — — — c 3d 4s 
30 Zn — reci eros 3d! 4s? 
Filling of 4p 31 Ga — = = eta — — 4p 
orbitals 32 Ge — = ee bask platen’ 4p? 
33 As nes $us TA aay: — gae s 4p? 
34 Se — — — y Ems dpt 
35 Bei si i Yoshie Lots 4p* 
36 Kr — - - - = ipo 4p* 
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4.8 ELECTRONIC STRUCTURE AND ATOMIC BEHAVIOUR 


From the chemistry viewpoint, the atomic behaviour is determined 
entirely from its electronic structure. The periodic arrangement of the 
electronic structure is responsible for the properties being repeated if 
the elements are arranged in the ascending order of atomic number. In 
fact, the elements can be arranged in terms of electronic configuration 
of the outermost shell. This is the basis of the modern classification of 
the periodic table. Based on this, one can explain many properties of 
elements. For example, the questions like (1) why a given element 
behaves like a metal or nonmetal; (2) why a given element is reactive , 
or nonreactive; (3) why a given element gains or loses electrons in 
forming a chemical bond; (4) why a given element exhibits variable 
valence and (5) why a given element is a good conductor of electric- 
ity, can be easily explained on the basis of its electronic configuration. 


The fifth unit of this book classifies the elements in various groups 
on the basis of electronic configurations and also deals with some of 
the characteristics mentioned above. 


49 NUCLEAR STRUCTURE 


The most important nuclear Particles are the protons and neutrons, 
collectively known as nucleons. The masses of neutrons and protons 
are 1.67482 x 10 ?' kg and 1.67252 x 10?" kg, respectively. The 
neutron is electrically neutral, whereas the proton is positively charged 
(= 1.6021 x 10°! C). The radius of the nucleus ranges from about 
1.5 x 10755 m, fora proton, to about 6.5 x 10/5 m for the heaviest 
elements. This is much smaller than atomic radii (e.g. the radius of 
hydrogen atom is 53 x 107 m). 

The nuclei of different elements are characterized by their atomic 
numbers, which is, by definition, equal the number of protons in the 
nucleus. The sum of the numbers of protons and neutrons in the 
nucleus is known as mass number. Any nuclear species characterized 
by its atomic number and mass number is called a nuclide and is con- 
ventionally written with the chemical symbol together with a left 
upper index denoting mass number and a left lower index denoting 
atomic number (e.g. 1H, '2C, !$0). 

If two nuclides have the same number of protons (i.e. same atomic 
number) but a different number of neutrons (or different mass num- 
ber), they are known as isotopes of the same element (e.g. 12C and 

1C). 


Besides neutrons and protons, the nucleus contains a large number 
of other elementary particles. Most of them have only a transitory 
existence before they are transformed into something more stable. 
Table 4.8 includes some of the important particles. 
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Table?4.8 Alfew elementary particles of a nucleus 


Particle Mass Charge 


Antiproton same as that of a proton negative 
Q-meson (muon) 210 times that of an electron positive and negative 


7-meson (pion) 276 times that of an electron positive and negative 
265 times that of an electron zero 


Neutrino very much less than that of zero 
an electron 
Positron same as that of an electron positive 


'The stability of a nucleus depends upon the ratio of protons and 
neutrons. If the ratio of protons and neutrons of a nuclide lies away 
from the corresponding stability ratio, it results into an unstable nu- 
clide which tries to attain stability by spontaneous emission of «-parti- 
cle or f-particle. These are simultaneously accompained by y-radia- 
tions. The nuclide is said to be radioactive. 

The loss of mass when a given nucleus is formed, starting from the 
appropriate number of neutrons and protons, is known as mass defect. 
The loss of mass appears in the form of energy according to the Ein- 
stein equation E = mc’. The loss of mass for the formation of 1 mol 
of helium from the protons and neutrons is 3.03 x 10^? kg. The 
energy liberated in this process would be 


E = mc = (3.03 x 1075 kg) (3 x 109m s! 
= 2.727 x 10? J 


This enormous release of energy gives some idea about the energy 
changes that are associated with nuclear reactions. Conversely, if 1 
mol of helium atoms is to be broken up into protons and neutrons, 
the energy required will be 2.727 x 10! J. This is known as the bind- 
ing energy of the nucleus. 

The analysis of binding energy per nucleon of various nuclei revealed 
that nuclei such as ‘He, ®Be, C, 160, ?"Ne and Mg are very stable. 
All these nuclei contain an equal number of neutrons and protons and 
also their mass numbers are multiples of the helium nucleus. It may 
thus be concluded that the helium nucleus has quite a stable nuclear 
structure and this is the reason why «-particles are emitted in many 
radioactive elements. 

In general, nuclei containing even numbers of neutrons and protons 
are more stable than the other nuclei. This has been explained on the 
basis that each nucleon possesses spin and acts as a tiny magnet. The 
two nucleons pair up so as to cancel out their spins. Thus, ina nu- 
cleus containing even numbers of neutrons and protons, both kinds of 
nucleons are completely paired. 
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The stability of so many protons and neutrons in a small volume 
has been explained by Yukawa. According to him, nuclear glue is 
provided by «-mesons which are continuously exchanged between 
neutrons and protons to produce strong exchange forces which bind 
these particles together. 


m 
= 


12. 


16. 


20. 
21. 


EXERCISES 


Describe the essential features of Dalton's atomic theory. 


. Describe, in brief, the experiment of high-voltage electrical discharge 


through gases at low pressure, What types of particles are ¢miticd in 
this experiment and what is their nature? 

Describe, in brief, the experiment of Thomson to deteimine the clcige/ 
mass ratio of cathode rays? What is the value of this ratio? 

Describe Thomson’s model of an atom. Why was it rejected on the basis 
of scattering of «-particles through the thin metallic foil? 

Describe Rutherford’s model of an atom. What are its main defccts? 
Draw a schematic diagram of the apparatus used by Millikan to deter 
mine the charge on the electron. What is its value? 
How is the mass of an electron determined on the basis of its e/m and 
e values? What is this value? 

What is a proton? What is its relative mass as compared to that of an 
electron? 

How does Chadwick's experiment establish the presence of the neutron in 
the nucleus of an atom? What are its mass and charge? 

Describe, in brief, the essential features of Bohr's model of an atom. 
How does this model account for the experimental spectra of hydrogen 
atom? What are its limitations? 

Describe, in brief, the wave-particle duality as proposed by de Broglie. 
What is the expression relating the particle and wave nature ofa sub- 
stance? 

Describe, in brief, Heisenberg's uncertainty principle. 

Describe the main features of replacing Bohr's atomic model by the 
present quantum mechanical model. 


. What are quantum numbers? Describe these in terms of their significance. 


What are the shapes of s and p orbitals? 

What do you mean by degenerate orbitals? How many such orbitals are 
present when the value of the azimuthal quantum number is 2? What 
quantum number determines the number of degenerate orbitals? 


. What do you understand by K, L and M shells of an atom? 
. How is the spin of an electron represented in terms of the spin quantum 


number? 

Describe in brief (a) aufbau principle, (b) Pauli's exclusion principle and 
(c) Hund's rule. 

Describe the sequence of increasing energy in a multi-electron atom. 
Explain, why the electronic configurations of Cr and Cu are written as 
3d°4s' and 3d'^4s! instead of 3d‘ 4s* and 3d? 4s*, respectively. 


22. 


23. 


24. 


25. 


26. 


27. 


28. 


29. 
30. 
31. 


32. 
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How many protons and neutrons are present in the following nuclides? 
NC, 130, 3:Mg, 3£Fe and $$Sr 
(Ans. 6 and 6, 8 and 9, 12 and 13, 26 and 30, 38 and 50, respectively) 


One of the spectral lines of sodium has a wavelength of 589.16 nm. 
Calculate its wave number and frequency. 
(Ans. 1.697 x 10° m=, 5.09 x 10% s+) 


An atomic orbital has n = 3, what are the possible values of /? 
(Ans. 0, 1 and 2) 


An atomic orbital has / = 3, what are the possible values of m? 
(Ans. +3, +2, +1, 0, —1, —2 and —3) 


Designate the orbitals with the following quantum numbers? 
(a) n=1,1=0, (b) n=3,1=2and (c) n =4,1=3 
(Ans. (a) 1s, (b) 3d, and (c) 4f) 
From the following sets of quantum numbers, state which are possible, 
Explain, why the others are not permitted. 
(a) n =0,/=Oandm=0 
(b) n = 1, l = Qand m = 0 
©) n=1,]=1andm=0 
(d) n =1, 1 = 0andm= +1 
() n=2,]=1andm=+1 
(f) n= 2,/=2andm=0 
(2) n =2,/=1andm=0 
(Ans. (a) not possible as n = 0, (b) possible, (c) not possible as 
l = n, (d) not possible as m > / (e) possible, (f) not possi- 
ble as n = J, and (g) possible) 
How many orbitals are present in each of the following sublevels? What 
are their types? 
(a) 1 = 2, (b) 1 0 and (c) | 51 i 
(Ans. 5, 1 and 3; d orbitals, s orbital and p orbitals, respectively). 
What is the difference between an orbit and an orbital? 
Give a brief account of the stability of a nucleus. 
From Eq. (4.3), one can write v = nh/27mr. Show that the substitution 
of this expression of v in Eq. (4.2) leads to the relation expressing the 
quantized value of the distance of the orbit from the nucleus, i.e. the 
expression of Eq. (4.4), 


The energy of an electron in the hydrogen atom is given by the expression 
E = kinetic energy + potential energy 
Ze 
= 2 m 
me (470) r 


Show that the substitution of Eqs (4.2) and (4.4) in the above expression 
leads to the relation expressing the quantized values of energy of an 
electron in the hydrogen atom, i.e. the expression of Eq. (4.5), 
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33. Equation (4.8) describes the wavenumbers of radiation which can cause 
electronic transition in the hydrogen atom. Show that the expression for 
the corresponding wavelength is 


r= 4( gn) 
| RMi—-ni 


Show that this expression is identical to Eq. (4.1) when m — 2. 

34. The various electronic transitions of the hydrogen atom are shown in 
Table 4.1. Calculate the wavelength corresponding to the minimum 
energy difference in each of the five spectral series. 

(Ans. 121.5 nm, 656.2 nm, 1876 nm, 4048 nm, 7457 nm) 


Multiple- Choice Questions 


Tick (s^) the correct choice. 

1. The cathode rays are 
(a) protons (b) neutrons 
(c) electrons (d) a-particles 

2. The presence of three unpaired electrons in the nitrogen atom can be 
explained by 
(a) Pauli's exclusion principle 
(b) Hund's rule 
(c) Aufbau principle 
(d) Uncertainity principle 

3. The shape of an orbital is governed by the 
(a) azimuthal quantum number 
(b) magnetic quantum number 
(c) principal quantum number 
(d) spin quantum number 

4. Which is the electronic configuration of an inert gas in the following? 
(a) 1s?, 2s?, 2p*, 3s?, 3p* (b) 1s?, 2s*, 2p*, 3s* 
(c) 1s*, 2s?, 2p*, 3s?, 3p* (d) 1s*, 2s?, 3s*, 3p? 

5. Fora given value of azimuthal quantum number /, the number of allow- 
ed values of the magnetic quantum number m, is given by 


(a) 1-2 (b) 204-2 
() 1-1 (d) 22 - 1 
6. The maximum number of electrons that can be accommodated in the Lth 
shell is 
(a) 2 (b) 8 
(c) 10 (d) 18 
7. For a value of / — 2, which of the following values of quantum numbers 
is allowed? 
(ajn=1 (b) n=2 


@n=3 (n-—3 
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8. Which of the following sets of quantum numbers is not allowed? 
(a)x =2,1=0,m=+1 (b)n =2,1=1,m=+1 
(©) 2n=2,1=0,m=0 @n=2,/=1,m=—1 

9. Isotopes differ in 


(a) the valence electrons 

(b) the number of protons 
(c) the number of neutrons 
(d) total number of electrons 


10. An f orbital can accommodate a maximum of 
(a) 2 electrons (b) 8 electrons 


(c) 14 electrons (d) 18 electrons 
Answers (Multiple-Choice Questions) 


1. (c) 2. (b) 3. (a) 4. (©) 5. (d) 
6. (b) 7. €) 8. (a) 9. (c) 10. (c) 
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Chemical Families— 
Periodic Properties 


Objectives Early Attempts at Classification of Elements © Mendeleev’s 
Periodic Table O Modern Periodic Law © Types of Elements Based on Elec- 
tronic Configuration O Periodic Trends in Physical and Chemical Properties 
of the Elements 


Dmitri I. Mendeleev (1834-1907) was in his thirties when he devel- 
oped the periodic table. From the relationships embodied in the table, 
he predicted the existence as well as properties of elements then un- 
known. These predictions came out to be amazingly accurate. 


CTOAETME DIEPRHOAMMHECKOTO 3AKOHA 
AM.MEHAEAEEBA M 


Fig. 5.1 The above Russian stamp shows 
Mendeleev [predicting the atomic mass of 
the element that was discovered later in 1857 
and named gallium 


à * 
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More than 105 elements are known. It is impossible to remember 
the properties of each element and its compounds. Therefore, many 
attempts have been made to classify elements into fewer groups. The 
purpose of the classification has been to make the study of the chem- 
istry of elements and their compounds easier. During the course of 
time, the basis of classification changed from atomic mass to atomic 
number. 

The study of chemistry has become simple on the basis of the 
modern classification of elements. Now, by knowing the properties of 
one element of a group, it is possible to predict the properties of the 
other members. One need not remember all the properties of elements 
or their compounds. All one has to dois so know the trends of 
properties in a group and in a period of the periodic table. 

In 1829, Döbereiner suggested that elements could be arranged in 
groups of three, i.e. triads, in which the atomic weight of the middle 
element was nearly the mean of the atomic weights of the other two. 
However, only a limited number of elements could be grouped into 
these triads. 


John A.R. Newlands, in 1865-1866, reported that if the elements 
were arranged in order of their increasing atomic weights, the eighth 
element starting from a given one, possessed properties similar to the 
first, like the eighth note in an octave of music. He called it the law 
of octaves. It worked well for the lighter elements but failed when 
applied to heavier elements. 

In 1869, J. Lother Meyer in Germany and Dmitri I. Mendeleey in 
Russia, working independently, gave a more detailed and accurate 
relationship among the elements. Lethar plotted atomic volumes. 
(= atomic mass/volume). versus atomic weights of elements and 
obtained a curve. He pointed out that elements occupying similar 
positions in the curve possessed similar properties. 


5.1 MENDELEEV’S PERIODIC TABLE 


* 
In March 1869, Mendeleev gave his famous scheme ofthe periodic 
classification of elements. He arranged all the elements known at that 
time in horizontal rows in order of increasing atomic weights. He left 
some gaps in the table for undiscovered elements and also predicted 
their properties. Eventually, when these elements were discovered, it 
was amazing to find that they fitted correctly in the table. For exam- 
ple, as can be seen in Mendeleev's original periodic table (Table 5.1), 
there are two gaps between zinc (group II) and arsenic (group V). As 
these undiscovered elements were to follow aluminium and silicon, 
Mendeleev named them eka-aluminium and eka-silicon. When these 
elements, now known as gallium (eka-aluminium) and germanium 
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(eka-silicon), were discovered, their properties compared very well with 
those given by Mendeleev (Tables 5.2 and 5.3). 


Table 5.2 Mendeleev's prediction for eka-aluminium (Gallium) 


hd Gallium (Ga) F 
Property Eka-aluminium reported in 1875 currently accepted 
(Ea) predicted by Bioshaudran 
i in 1871 by 
by Mendeleev 
Atomic mass/amu 68 69.9 69.72 
Density, p/g cm~* 5.9 5.94 5.904 
Melting point, 7/K Low 303.15 302.78 
Solubility in acid Ea will dis- Ga dissolves slowly Ga dissolves slow- 
and alkali solve slowly in both acid and ly in both acid and 
in both acid alkali alkali 
andfalkali 
Formula of oxide Ea:0s Ga:0s GaOs (@ and 8 
forms) 
Density of oxide 5.5 = 6.44 (x form) and 
pjg cm"? 5,883 (B form) 
Reactions of sul- Ea.(SO.)s will Gallium forms Gallium forms 
phate form alum alums alums, e.g. 
(NH480, + Gas 
(SOa)s + 248/30 
Preparation of Ea.S$ will be GasSs is precipi- GarSs is precipi- 
Sulphide precipitated by tated by H:S or tated by H:S or 
HyS or (NH4s$. (NH4):$ (NH4):8 
Properties of chlo- — BaCl; will be GaCls is more vola- GaCl is more 
ride more volatile tile than ZnCl» volatile than 
than ZnCl: ZnCls. 


DCN Rs ee en ST era TT mn. 


5.2 MODERN PERIODIC LAW 


According to the modern periodic law, the properties of the elements 
and their compounds are a periodic function of their atomic numbers. 
Thus, in the modern periodic table, atomic number (which is equal 
to the nuclear charge) forms the basis of the classification of elements. 
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Table 5.3 Mendeleev's prediction for eka-silicon (Germanium) 


Germanium (Ge) 


Property Eka-silicon (Es) reported in 1886 by currently 
predicted in 1871 Winkler accepted 
by Mendeleev 
Atomic mass/ 72 72.32 72.59 
amu 
Density, p/g cm~? 5.5 5.47 5.35 
Melting point, T/K High = 1220 
Specific heat capa- 0.3051 0.3177 0.3093 
city, ¢/J g^! 
Molar volume, Vm/ 13 13.22 13.5 
cm? 
Colour Dark grey Greyish white Greyish white 
Valence 4 4 4 


Reaction with acids Es will be Ge is dissolved by Ge is dissolved 

and alkalis slightly attack- neither HCl nor by neither. HCI 
ed by acids but NaOH, but is dissol- nor NaOH but is 
will resist at- ved by conc. NaOH dissolved by 


tack by alkalis conc, NaOH 
Boiling point of the — 433 433 458-460 
tetraethyl deriva- 
tive, T/K à 
Density of the di- 47 4.7 42 
oxide, p/g cm-* 
Density of the tet- 1,9 1.887 1.844 
rachloride, p/g cm~ 
Boiling point of the 373 359 357 


tetrachloride, 7/K 


There are several forms of the periodic table. The mo st popular 
version is the long form (Table 5.4). In the table, there are seven hori- 
zontal tows called periods. Each period starts with a new principal 
quantum number, 7, and the electrons are filled upin orbitals accor- 
dingto the aubfau principle. The first periods has two elements, 
hydrogen (1s!) and helium (1s?) and the first shell (K) is completed. 
The second period srarts with n = 2, and has eight elements. Starting 
with lithium (2s!), it ends with neon (2s? 2p‘) and thus completes the 
second shell (L). The third period shell M (n — 3) also contains eight 
sd Itstarts with sodium (3s!) and completes at argon (3s? 3p$) 
[Fig. 5.2]. j 
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In contrast to the second period, the outer shell is not completely 
filled in elements of the third period, and the orbitals of the 3d sub- 
shell remain vacant. Elements in which the s subshell is filled are called 


Na [is?2s%2p*] 3} -E 3p 


ir [1s 2:2 255] 323p? i 3p 
E 
Fig. 5.[2 


s-block elements and those in which the p subshell is filled are known 
as p-block elements. The fourth period, the N shell (n = 4) starts 
filling with potassium (4s!) and is completed with krypton (4s*4p°), 
It has 18 elements, i.e. ten more than in the third period. This is 
because of the elements in which the filling up of electrons in the 3d 
orbitals takes place after 4s orbital but before 4p orbitals: 


Sc 1s? 2s? 2p6 3s? 3p$ 3d! 4s? 
uli 1s 2s? 2p6 3s 3p$ 3d? 4s? 


xZn 1s 2s? 2p6 3s? 3p6 3d! 4 


Elements whose d orbitals are filled are called d-block elements. In d- 
block elements of the fourth period, the M shell is filled until it con- 
tains 18 electrons. Similarly, the fifth period (n = 5) has 18 elements. 
It starts with rubidium (5s') and ends with xenon (5s? 5p9). The sixth 
period (n = 6) contains 32 elements in which the electrons enter in 
6s, 4f, 5d and 6p orbitals, in that order. It begins with two s elements 
(Cs and Ba) followed by lanthanum (La) in which the d orbitals of - 
the penultimate shell begin to be filled. But immediately after this, we 
have 14 elements (sCe to ;;Lu) in which 4f orbitals are in the pro- 
cess of filling. Then, the 5d orbitals are filled (from ;;Hf to goHg) and 
finally the period ends with six p elements (TI to g¢Rn). The seventh 
period (n = 7) contains two s elements (g;Fr and ssRa), followed by a 
d element actinium (s9Ac), and 14f elements (Th to 103Lr) and again 
ends with d elements (Z = 104 to 107). This is an incomplete period. 

The vertical columns in the periodic table are called groups or 
families of elements. According to the latest IUPAC (International 
Union of Pure and Applied Chemistry) recommendation, the groups 
are numbered from 1 to 18 (Table 5.4). 


5.3. TYPES OF ELEMENTS 


The elements can be classified into four types depending on their 
electronic configurations (Table 5.4). Thus, we have: 
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Noble gases 

Representative elements (s-and p-block elements) 
Transition elements (d-block elements) 

Inner transition elements (f-block elements) 


per 


Noble Gases 


Noble gases constitute group 18 of the periodic table (Table 5.4). 
Except the first element of the group, helium (which has 1s? configu- 
ration) all other elements, namely neon, argon, krypton, xenon and 
radon have As^np$electronic configuration in the outermost shell. 
Because of the stable arrangement of electrons in these elements, they 
exhibit a very low chemical reactivity. 


Representative Elements (s and p-block elements) 


Elements belonging to group 1 (alkali metals; Li... Fr) with outer- 
most electronic configuration zs! and those belonging to group 2 
(alkaline earth metals; Be. . .Ra) with outermost electronic configura- 
tion ns? are placed in the s block. Elements of groups 13 to 17 (outer- 
most electronic configuration varying from nis? np! to zs? np’) belong 
to the p block of the periodic table. The elements of s and p blocks 
are collectively called representative elements. Noble gases are at the 
end of each period of the representative elements; these are also group- 
ed with representative elements. The chemistry of these elements 
depends on the number of electrons in the valence shell (outermost 
shell). For groups 1 and 2, the group number indicates the number of 
valence electrons. The number of valence electrons for groups 13 to 
17 is obtained by subtracting 10 from the group number. 


Transition Elements (d-Block Elements) 


Elements belonging to groups 3 to 12 (in the middle of the periodic 
table) with an outer electronic configuration (n — 1) d'^!? ns! ? con- 
stitute the d block of the periodic table and are called transition ele- 
ments. In these elements z is 4, 5 or 6 with corresponding filling of 
3d, 4d or 5d orbitals. They are all metals and are characterized by 
variable oxidation states, formation of coloured ions and complexes. 


Inner Transition Elements (f-Block Elements) 


At the bottom of the periodic table, there are two rows—one of 
lanthanides or lanthanide series (Z — 58 to 71) and the other of 
actinides or actinide series (Z — 90 to 107) containing incomplete 4f 
and 5f orbitals respectively. They also have incomplete (7 — 1) d 
orbitals and are characterized by the outer electronic configuration 
(n — 2) f!71^ (n — 1) d" ns. As in each of these series, an inner f 
electron is added to each element, the two series of elements are called 
f-block elements or inner transition elements. Among themselves, 
lanthanides and actinides show similar properties. All the elements of 
the two series are metals. 
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Through this periodic classification, we can organize and systetit- 
atize the study of elements and their compounds. It is seen that the 
electronic configurations of elements are directly or indirectly related 
to their physical as well as chemical properties. From this classifica- 
lion, we can understand the cause of periodicity in properties and 
general trends in the behaviour of elements. 


5.4 PERIODIC TRENDS IN PROPERTIES 


According to the modern periodic law, properties of elements are re- 
peated at certain intervals or periods when the elements are arranged 
in the order of increasing atomic numbers. In a period, the number of 
valence electrons increases with an increase in atomic number. There 
is repetition of similar electronic configurations in the outermost shells 
in a group. Therefore, in a group, properties are similar. In the long 
form of the periodic table, elements with the same number of outer 
electrons are in the same group. Moreover, there is a gradation in the 
properties of elements in a group. For example, all members of group 1 
have one electron in the outermost shell. Properties of these elements 
are similar to each other. Similarly, F, Cl, Br and I have seven elec- 
trons in their outermost shells. They are chemically alike. Members of 
group 18 have similar electronic configurations with 8 electrons in their 
outermost shell (except He). All noble gases have similar properties. 

We shall now discuss periodic trends in some of the properties of 
elements. 


Tonization Energy 


First ionization energy is the energy required to remove an electron 
from an isolated gaseous atom of an element resulting in the forma- 
tion of a positive ion. 


M(g) + Energy —> M*(g) + e- 
For example, Li(g) + 520 kJ mol! —-> Li*(g) + e^ 


Thus, the first ionization energy of lithium is 520 kJ mol. If 
another electron is to be removed, much more energy (called second 
ionization energy) will be needed. 


Lit + 7297 kJ mol! —+ Lg* Tues 


This is because of the fact that it is more difficult to remove an elec- 
tron if the atom already possesses a positive charge. Thus, the succes- 
sive values of the ionization energy of an element will show an in- 
creasing trend. 

Fig. 5.3 shows a plot of first. ionization energies of some elements 
against their respective atomic numbers. Certain trends are quite evi- 
dent from the plot: 
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1. Noble gases occupy peaks because of their extremely stable con- 
figurations. 


c 1000 


Ionizatio 


0 TED 
0 10 20 30 40 50 60 
Atomic number —- 


Fig. 5.3 First ionization energies of the elements 
versus their atomic numbers. 


2. Alkali metals possess lowest values of ionization energy showing 
thereby that they are highly reactive. 

3. In general the values increase across a period (e.g. Li to Ne). This 
is due to the increasing nuclear charge and the electrons are more 
strongly held by the attractive force of the nucleus. 

4. Within a group (e.g. Li to Cs), ionization energies become pro- 
gressively smaller as we move down the column. This is because of the 
fact that the outer electron which is being removed lies farther from 
the nucleus and thus it becomes easier to pull it out. 

General trends in ionization energies in relation to the periodic table 
may be depicted as shown in Fig. 5.4. Ionization energy is either deter- 
mined by means of a discharge tube or by the spectroscopic method. 


Electron Affinity 


Electron affinity is energy released when an electron is added to an 
isolated atom in the gaseous state. For example, 


X(g) + e ——> X (g) + Energy 
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* (where X = F, energy—322 kJ mol"; X=Cl, energy=349 kj moli; 
X=Br, energy—324 KJ mol-!; X—I, energy—295 kJ mol’). 


Increasing ionization energy —> 


Decreasing <— 
ionization energy 


Fig. 5.4 General trends in ionization energy with reference to the 
periodic table. 


Halogens (elements of group 17) can take up an electron to acquire 
the stable noble gas configuration. Their values for electron affinity are 
thus very high. As we move across a period, electron affinity usually 
increases, and while going down a group it decreases. The electron 
affinity of an element is generally determined indirectly from thermody- 
namic data. 

Although electron affinities of all the elements have not been deter- 
mined, the following trends in electron affinities of some elements in 
the periodic table are evident. 

Electron affinities generally decrease in moving down the group. This 
is expected on account of the increase in size of the atom on moving 
down the group. Due to increase in the size of atoms, the effective 


In Fig. 5.5 electron affinities of halogens are plotted against their 
atomic numbers, It may be noted that contrary to expectation, the 


In the case of noble gases, the outer s and P orbitals are completely 
filled. No more electrons can be accommodated in these orbitals. Noble 
gases, therefore, show no tendency to accept electrons, Their electron 
affinities are zero. 

Electron affinities generally increase as we move across a period from 
left to right. This is due to the increase in the nuclear charge which 


" by 
Et 
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^ 
results in greater attraction for electrons. In the second period, for 


example, the electron affinity becomes maximum for fluorine. 
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Fig. 5.5 Electron affinities of halogens 

The second electron affinity refers to a process in which an electron 

is added to a negative ion, For example: 
O-(g) + e* — O^ (g) 


Since a negative ion (O7) and electron repel cach other, energy is re- 
quired and not released by the process. All second affinities are thus 
negative. 


Electronegativity 


Electronegativity is the tendency or power of an atom to attract to 
itself the shared pair of electrons between bonded atonis. It is, thus, a 
measure of the ability of an atom in a molecule to attract electrons, 
In general, electronegativity increases from left to right across any 
period and from bottom to top in any group of the periodic table, The 
most highly electronegative elements are found in the upper right 
corner of the periodic table (ignoring the noble gases), The least clec- 
tronegative elements are found in the lower left corner of the table. 
When two elements of widely different electronegativities combine, 
an ionic compound results. The electronegativity values of the non- 
metals do not differ much. The bonds formed between nonmetals are 
essentially covalent with some polar character. The electronegativity 
difference gives an indication of thé degree of polarity of the covalent 
bonds. If the difference is zero or very small, an essentially nonpolar 
bond with equal or almost equal sharing of electrons can be assumed. 
The larger the electronegativity difference, the more polar the covalent 


v 


LI 
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bond is. The bond is polarized in the direction of the atom with larger 
electronegativity (see unit 6 for more detail), 


Atomic Radii 


The size of an atom can be visualized from its atomic radius which is 
defined as the distance between the centre of the nucleus and the outer- 
most shell of electrons in an atom. To estimate the atomic radius, the 
distance between the nuclei of two covalently bonded atoms is measur- 
ed spectroscopically. The bond distance is then divided between the 
bonded atoms to calculate the atomic radius. For example, the bond 
distance in hydrogen molecule (H;) is found to be 74 pm. Therefore, 
the atomic radius of hydrogen atom is equal to 74 pm/2 — 37 pm. In 
metals, atomic radius is taken as half the internuclear distance separat- 
ing the metal ions in the crystal. 

In general, the atomic radius decreases while going across a period in 
the periodic table (Fig. 5.6 and 5.7). This is because of the increasing 


Decreasing atomic size — 


size 


Increasing atomic 


Fig. 5.6 General trends in atomic radius with reference 
to periodic table, 
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Fig. 5.7 Variation of atomic radius with atomic number 
across the second period. 
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nuclear charge while the electrons are added to the same shell. On the 
other hand, the atomic radius increases as we move from top to bot- 
tom in a group of the periodic table (Fig. 5.6 and 5.8). This happens 
because of the increasing number of electron shells. Though the nuclear 
charge also increases, the effect of adding a new shell is very large and 
overcomes the contractive effect of increased nuclear charge. 
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Fig. 5.8 Variation of atomic radius with atomic number 
for alkali metals (group 1) and halogens (group 17). 
Valence 


From the position of an element in a particular group of the periodic 
table, one can infer its valency. The valency of a representative ele- 
ment is usually given by the number of electrons in the outermost or- 
bital and/or equal to eight minus the number of outermost electrons. 
For example, alkali metals (group 1) having one outermost electron are 
monovalent and alkali earth metals (group 2) having two outermost 
electrons are bivalent. Halogens (group 17) with seven outermost elec- 
trons are monovalent (eight minus number of outermost electrons). 
There are, however, some exceptions to this rule. 


Density, Melting Point and Boiling Point 


The properties like density, melting point and boiling point also show 
gradation, though not very regular, in a group of the periodic table. 

In a period of representative elements, density increases across a 
period and reaches a maximum value somewhere in the middle. Melt- 
ing points and boiling points increase, attain maximum values in the 
middle, thereafter, begin to decline. 


Properties of Compounds 


Compounds formed by the elements also exhibit periodic variation in 
their properties. Let us take some examples and explain the trends in 
their properties. 
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Fig. 5.9 Melting points of sodium halides. 
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Fig. 5.10 Melting points of alkali metal chlorides. 
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Alkali Metal Halides 
Melting po'nts of alkali metal halides decrease in the order: 


MF > MCI > MBr > MI 
(where M = an alkali metal) 


In Fig. 5.9, melting points of sodium halides are plotted and it can be 
seen that the values gradually decline as we move from NaF to Nal. 

Melting points of lithium halides (LiX where X is a halogen) are less 
than those of sodium halides (NaX) and later they generally decrease 
when we move to caesium halides (CsX), with one or two exceptions. 
From Fig. 5.10, it is evident that the melting point of lithium chloride 
is lower than that of sodium chloride and then there is a regular 
decrease. The exceptionally low melting point of lithium chloride is 
due to its covalent character, 
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Fig. 5.11. Solubilities (mass %) of alkali metal 
carbonates at298 K. 
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Alkali Metal Carbonates 


There is a regular increase in solubilities of alkali metal carbonates, 
M,CO; (where M is an alkali metal), as it is evident from Fig. 5.11. 


Alkali Metal Bicarbonates 


Solubilities of alkali metal bicarbonates, MHCO; (where M is an 
alkali metal), also follow the trend of carbonates. There is a regular 
increase in solubility from LiHCO; to CsHCO; (Fig. 5.12). 
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Fig. 5.12 Solubilities (mass %) of alkali metal bicarbonates 
Alkaline Earth Metal Hydroxides 


As we move down the group from ;beryllium hydroxide, Be (OH); to 
barium hydroxide, Ba(OH),, the solubility in water (Fig. 5.13) as well 
as basicity increase. Thus, we have: 


Be(OH); Amphoteric 

Mg(OH); Weak base 

Ca(OH), Moderately strong base 
Sr(OH), Moderately strong base 


Ra(OHY, Strone base 
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Fig. 5.13 Solubilities of alkaline earth metal 
hydroxides at 298 K. 


Alkaline Earth Metal Sulphates 
In contrast to alkaline earth metal hydroxides, the solubilities of alka- 
line earth metal sulphates decrease as we go down the group. Thus 
magnesium sulphate (MgSO,) is freely soluble in water, calcium sul- 
phate (CaSO,) is slightly soluble, while strontium sulphate (SrS04) and 
barium sulphate (BaSO;) are insoluble. The qualitative detection and 
qualitative determination of barium are based on the formation of 
an insoluble white precipitate of barium sulphate. 
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EXERCISES 


1. What was the basis of the classification of elements by Mendeleev? Give 


the essential features of Mendeleev's periodic table. 
2. What were the drawbacks of Mendeleev's periodic table? How were they 


overcome? 
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3. 


na 


What is the basis of the modern periodic law? Describe the long form of the 
periodic table. 


How will you classify the elements based on their electronic configu- 
rations? 


. Where are the noble gases placed in the periodic table? Give their charac- 


teristics. 


. What are representative elements? Give their characteristic features. 
- What are transition elements? Give their characteristic features. 


8. What are inner transition elements? What is their outer electronic configu- 


10. 


11. 


12. 


13. 
14. 


15. 


16. 


17. 


ration? Are they all metals? 


- How does ionization energy change on moving (a) down a group in the 


periodic table and (b) from left to right through a given period of the 
periodic table? 


(a) The ionization energy of lithium is much lower than helium despite the 
fact that the nuclear charge of lithium is + 3 and that of helium is 
+ 2. Explain. 

(b) Which member of each of the following pairs has the lower first ioni- 
zation energy? 


() CsorRb (ii) Kor Mg 
(iii) Se or Cl (iv) Ior Xe 

(a) Why is the first 'ionization energy of sulphur lower than that of phos- 
phorus? 


(b) Why is the first ionization energy of nitrogen (Z — 7) higher than that 
of oxygen (Z — 8)? 

(c) Why is the first ionization energy of beryllium (Z = 4) higher than 
that of boron (Z = 5)? 


Explain the term electron affinity. Why is the electron affinity of fluorine 
less than that of chlorine? 
Describe the trend in the electron affinities of elements in periodic table. 
(a) Why are the electron affinities of noble gases zero? 
(b) Which of the following pairs of elements would have a lower electron 
affinity? 
(i) ClorF (ii) OorN 
Define electronegativity. What prediction can be made about the nature of 
bond from the electronegativity values of the atoms forming the bond? 
From the elements, Li, Be, B, C, N, O, F and Ne, pick out the one. 


(a) that is the most reactive metal, 

(b) that is the most reactive nonmetal, 

(c) with the largest atomic radius, 

(d) with the highest electronegativity, 

(e) with the highest first ionization energy, 


What is atomic radiys ? Why do atomic radii decrease across a period? 


18. 


19. 


20. 


21. 


22. 
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Which of the following pairs would have a smaller size? Explain, 


(a) Nat or Mg?+ (b) Clor Cl- 
(c) Naor Nat (d) F-orO*- 
(e) Nat or K+ (f) Por As 


How do the bulk properties of elements change in a (a) group and 

(b) period? 

Discuss the general trends of the melting points of alkali metal halides. 

Why is the melting point of LiCl lower than that of NaCl? 

How do the solubilities of alkali metal carbonates and bicarbonates vary as 

we go down the group? 

(a) How do the basicity and solubility in water change as we move from 
Be(OH): to Ba(OH)?? 

(b) How do the solubilities of alkaline earth metal sulphates vary as we 
move from MgSO, to BaSO.? 


Multiple-Choice Questions 
Tick (4/) the most appropriate choice. 


1. 


N 


“When the elements are arranged in order of their increasing atomic 
weights, any given element is similar to the eight that follow it”. This law 
of octaves was developed by 

(a) Dóbereiner (b) Mendeleev 

(c) Meyer (d) Newlands 

“The properties of the elements, as well as the formulae and properties of 
their compounds depend in a periodic manner on the atomic weight of the 
elements”. This periodic law was given by 

(a) Débereiner (b) D.I. Mendeleev 

(c) J. Lother Meyer (d) John A.R. Newlands 


. The modern periodic law states that the physical and chemical properties of 


the elements are the periodic functions of their 
(a) atomic sizes (b) atomic numbers 
(c) atomic volumes (d) atomic weights 


. In the periodic table, 


(a) the horizontal rows are called groups 
(b) there are 18 elements in the third period 
(c) there are 2 elements in the first pesiod 
(d) the vertical columns are called periods 


. In the periodic table, the metallic character of elements 


(a). increases, (i) from left to right across a period and (ii) on descending 
a group 

(b) decreases, (i) from left to right across a period and (ii) on descending 
a group 

(c) increases from left to right across a period and decreases on descending 


a group 


"1 
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6. 


10. 


11. 


12. 


13. 


(d) decreases from left to right across a period and increases on descen- 
ding a group 

In the periodic table, the ionization energy of elements 

(a) decreases, (i) from left to right across a period and (ii) on descending 


a group 
(b) decreases from left to right across a period and increases on descend- 


ing a group 
(c) increases, (i) from left to Righ tacross a period and (ii) on descending 


a group 
(d) increases from left to right across a period and decreases on descending 


a group. 


. With the increase in atomic number in a period, 


(a) chemical activity decreases 
(b) chemical activity increases 
(c) electropositive character decreases 
(d) electropositive character increases 


. In the periodic table, electronegativity of elements 


(a) decreases, (i) from left to right across a period and (ii) on descending 
a group 


(b) decreases from left to right across a period and increases on descending 
a group 

(c) increases, (i) from left to right across a period and (ii) on descending 
a group 

(d) increases from left to right across a period and decreases on descend- 
ing a group 

- The fifth period, in the long form of the periodic table, contains 

(a) 2elements (b) 8 elements 

(c) 18 elements (d) 32 elements 

The d-block elements are also called 

(a) actinides (b) inner transition elements 

(c) lanthanides (d) transition elements 

Alkaline earth metals belong to 

(a) s-block elements (b) p-block elements 

(c) d-block elements (d) f-block elements 


Energy required to remove an electron from an isolated gaseous atom in 
its ground state is called 

(a) electronegativity (b) electron affinity 

(c) first ionization energy (d) second ionization energy 


In Fig, 5.14, the maxima are occupied by 
(a) alkali metals (b) alkaline earth metals 
(c) noble gases (d) transition elements 
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14. In Fig. 5.14, the minima are occupied by 
(a) alkali metals (b) alkaline earth metals 
(c) inner transition elements (d) noble gases 
15. When an electron is added toa neutral gaseous atom to convert it into a 
negative ion, the energy change accompanying the process is called 
(a) electron affinity (b) electronegativity 
(c) first ionization energy (d) second ionization energy 
16. Which of the following halogens has the least electron affinity? 
(a) fluorine (b) chlorine 
(c) bromine (d) iodine 
17. Which of the following halogens has the highest electron affinity? 
(a) fluorine (b) chlorine 
(b) bromine (d) iodine 
18, Which of the following elements has zero electron affinity? 
(a) fluorine (b) nitrogen 
(c) neon (d) oxygen 
19. Which of the following alkaline earth metal hydroxides is the most soluble 
in water? 
(a) Mg(OH): (b) Ca(OH)» 
(c) Sr(OH)s (d) Ba(OH): 
20. Which of the following alkaline earth metal sulphates is the least soluble in 
water? 
(a) MgSO (b) CaSO, 
(c) SrSO. (d) BaSO, 
Answers—Multiple-Choice Questions 
1. (d) 2, (b) 3. (b) 4. (c) 5. (d) 
6. (d) 7. (©) 8. (d) 9. (c) 10. (d) 
11. (a) 12. (c) 13. (©) 14. (a) 15. (a) 
16. (d) 17. (b) 18. (c) 19. (d) 20. (d) 
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Bonding and Molecular 
Structure 


Objectives | O General characteristics of Molecules O Nature of Chemical Bond 
O Nature of Chemical Bond in Condensed Phase O Molecular Geometry 
(VSEPR Theory) © Valence Bond Theory © Hybrid Orbitals O Molecular 
Orbital Theory ? 


61 GENERAL CHARACTERISTICS OF MOLECULES 


As mentioned in Unit 1, there are 105 different types of elements, 
atoms of which combine to form a very large number of discrete units 
called molecules. The substances having molecules as the basic units 
are called compounds. The molecules of a compound have not only 
an independent existence but also possess characteristic properties 
depending upon the constituent atoms and type of bonding which 
holds these atoms together. The gross properties of a substance depend 
not only upon the characteristics of its constituent molecules but also 
on how these are held together in the substance. A few general charac- 
teristics of molecules and the gross properties of substances are de- 
scribed in the following. 

1. Atoms of different elements exhibit different combining capacity 
with other atoms, For example, an oxygen atom combines with two 
hydrogen atoms to give a molecule of water, whereas nitrogen com- 
bines with three hydrogen atoms to give ammonia. 


2. Atoms in a molecule besides having fixed numbers, are also held 
in definite directions. This gives rise to the fixed geometry of the 
molecule. For example, carbon dioxide has a linear structure, where- 
as sulphur dioxide has a nonlinear structure. 

3. Some molecules are readily formed whereas others are formed 
under special experimental conditions. In other words, some atoms 
readily combine, whereas others combine with great difficulty or do 
not combine at all. For example, sodium atom can readily combine 
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with atoms like chlorine and bromine, whereas the atoms of inert 
gases either do not combine or they can be made to combine only 
under special conditions. 


4. Some molecules exhibit strong interactions amongst themselves 
whereas others exhibit only weak interactions. For example, hydrogen 
molecules exhibit little interactions amongst themselves, whereas 
hydrogen fluoride exhibits strong interactions. 

5. Some substances exist in the gaseous form at room temperature, 
whereas others exist in the condensed forms (liquid and solid). For 
example, dihydrogen exists in the gaseous form, whereas water exists 
in the liquid form. 

6. Some substances have low melting and boiling points, whereas 
others have high values. For example, dichlorine has low melting and 
and boiling points whereas sodium chloride has high values. 

7. Some substances in the molten state are good conductors of 
electricity, whereas others are poor conductors. For example, molten 
sodium chloride is a good conductor, whereas carbon tetrachloride is 
a poor conductor. 

Thus, we find that a wide variation is observed in the characteristics 
of individual molecules and in gross properties of collections of mole- 
cules. These vartiations, as mentioned earlier, depend on the chemical 
forces which hold the constituent atoms of a molecule together and 
also on those existing between different molecules of a substance. In 
the subsequent sections, we describe the types of chemical forces 
which hold the atoms together in molecules. 


6.2 NATURE OF CHEMICAL BONDS 


A general study on the reactivity of different elements revealed. to the 
earlier chemists that there is a definite class of elements which shows 
almost no tendency to combine with other elements. These elements, 
as we know today, are the members of noble (or inert) gases. The 
atoms of these elements except that of helium have eight electrons in 
their outermost (or valence) shells. Since inert gases do not exhibit 
any tendency to combine with other atoms, the arrangement of eight 
electrons in the outermost shell was considered to be the most stable 
electronic configuration. It was also realised that the atoms of other 
elements show chemical reactivity in order to acquire the stable elec- 
tronic configuration of the nearby inert gas atom. Primarily, this ar- 
rangement is achieved in two different ways as described below. 


1. The mutual sharing of electrons between atoms. 
2. The complete transfer of electron(s) from one atom to another. 


The above two ways of achieving an inert gas configuration are de- 
scribed as follows. 
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Covalent Bond 4 


In the formation of a covalent bond, there occurs mutual sharing of 
electrons between the two involved atoms. This mechanism was sug- 
gested by G.N. Lewis. Taking the example of chlorine atom, we find 
that it has seven electrons in the outermost shell and it can be repre- 
sented as :Cl:. Considering two chlorine atoms, we find that if each - 


atom contributes one electron in the mutual sharing of electrons, then — 
both the atoms acquire the stable electronic configurations of eight 
electrons in the outermost shells. This is represented as follows. 


10 + Ci — ior Cx 
sa xx ** xx 


The above way of representing the distribution of valence electrons 
in a molecule is known as Lewis formula or structure. Itis important 
to note that the use of dots and crosses to denote electrons is for illus- 
trative purposes only. No difference actually exists between electrons 
from the different atoms; they are all equivalent. 

The sharing of two electrons between two atoms constitutes a single 
covalent bond. It is usually represented by a single line joining the two 
atoms together. For example, the chlorine molecule is represented as 


CI—CI 


From the above example, it is clear that two electrons are required 
to form a single covalent bond. Sometimes atoms need sharing of four 
or six electrons in order to have the stable electronic configuration of | 
eight electrons in the outermost shell. The well known examples are - 
the oxygen and nitrogen molecules. The lewis structures of these mol- 
ecules can be represented as follows. 


101 * 10i 7 085 O% or 0-70 


INE + ENE —etNTENE or NEN 


The sharing of four electrons leads to the formation of a double. 
bond between the involved atoms. Similarly, the sharing of six elec- 
trons leads to the formation of a triple bond. 

The sharing of electrons involving two different types of atoms can 
be represented in a similar manner. For example, the combination of 
hydrogen and chlorine atoms is represented as follows. 


XX XX 
He +xCIš —> HRCI or H-Cl 
xx Xx 
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In a molecule containing more than two atoms, the Lewis formu- 
lae are represented in a similar manner. For example, the formation 
of water and ammonia can be repres@hted as follows. 


HU. + aH — MiO;M or H-0—M 


Hx t ee uH —HiNin or H-N-H 
+ H 
h 


The carbon atom forms a large variety of compounds involving 
single, double and triple bonds. The Lewis formulae of ee (CH), 
ethylene (C2H4) and ethyne (C;H;) are described below. 


y 


+ 


H 
. ne 
Het Ge ta —  HiEIM or H-C-H 
H 


+ H 
À Methane 
H 
H B" He +H LN ," 
cs +308 — "oncs or | 267C. 
+ + Ha "H H H 
Hx x 
Ethylene 


Ha +C + CK eH — e HICPACIH or H-C=C-H 
Ethyene 


Octet Rule and Its Exceptions 


The octet rule, which has been used above, may be stated as follows: 
“In the formation of a covalent bond, atoms gain, lose or share elec- 
trons so that the outermost (or valence) phe tmu EM 
eight electrons." 
As described above, the octet rule follows mA es hen os 
pe dort t electrons in the EL 


ii 
i 
i 
E 
SE 
i 
: 
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oo ee oo oe 
SCle+ xBex + *Cl$ ——» $CL$ BexCls 
se- coe ee $e 


4-electrons 


SPEC AQ e SALSES 
ee m 
6-electrons 

. F 
EEG HIR —F IPkF 
ais 
10-electrons 
F 
Fyox,F 
Gif +s — Fg 
. Fa xF 
F 
12-electrons 


Beyond the third period, a quantum level can hold more than eight 
electrons and, therefore, atoms in these periods can accommodate 
more than eight electrons. 


Coordinate Covalent Bond 


If the pair of electrons shared between two atoms comes exclusively 
from one of the atoms, the bond formed is said to be a coordinate 
covalent bond. One of the common examples is the formation of NH* 
from NH; and H*. We have 


“a Hoy 
HEN: +H* — ne 
ox m 
H H 


where, for the sake of convenience, the electrons belonging to: nitro- 
gen are represented by dots whereas those belonging to hydrogen 
atoms by crosses. Three of the four bonds between N and H atoms 
include two electrons, one coming from nitrogen and the other from 
hydrogen. In the fourth bond, both the electrons have come from 
nitrogen. Since all electrons are indistinguishable, it will not be possi- 
ble to identify the electrons the way we have done above. In fact, 
once the bond is formed it will not be possible to distinguish between 
pure covalent and coordinate covalent bonds as all the four hydrogen 
atoms are equivalent. Other examples in which this distinction can be 
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tnade atleast on paper, are provided by the molecule of sulphuric 
acid. We can write its Lewis structure as 


Here, bare oxygen atoms are attached to sulphur by coordinate cova- 
lent bonds. In order to distinguish between the pure covalent bond 
and coordinate covalent bond, the latter is shown by an arrow. For 
example, the above molecule may be written as 


t 
Hber O 
ie} 
Another example in which two distinct molecules are held through 


a coordinate bond is provided by the molecule H,N:BF;. Its Lewis 
structure can be written as 


Unt HF 
x ox eX ox 
HIN; + BXF —> HANS BSF 
xe xe pee, 
H F HF 
Tro 
or simply as Wappen 
1 
HF 


The coordinate bonds are involved in the formation of transition 
metal complexes. The complexes are collectively known as coordina- 
tion compounds. 


Polar Covalent Bond 


A covalent bond formed between two: similar atoms has its bonded 
pair of electrons just in the centre of the bond so that both the atoms 
have identical control over the electrons. In other words, the bonded 
electrons are shared equally by both the atoms. However, this is not 
true when the two atoms are different and where the bonded pair of 
electrons is not placed symmetrically with respect to each other. 


Each atom has its own tendency to attract the bonded electrons 
towards itself. This tendency is measured by theelectronegativity of 
the atom. An atom having higher electronegativity will have a larger 
tendency to attract the bonded electrons towards itself, In a covalent 
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bond formed between similar atoms, both the atoms exert an equal 
degree of attraction on the bonded electrons, as a result of which the 
bonded electrons are conventionally shown in the centre of the bond. 
In the case of a covalent bond involving two different atoms, the 
degrees of attraction are different. Hence, the electron pair lies nearer 
the atom having a higher degree of attraction (ie., having higher 
electronegativity). Consequently, this atom acquires a partial negative 
charge and the other atom (with lesser electronegativity) acquires an 
equal partial positive charge. Such a distortion of charges gives rise 
to a polar covalent bond. The extent of polarity depends on the dif- 
ference of electronegativities of the two involved atoms. The polari- 
zation of the bond increases its bond strength owing to the increased 
electrostatic attraction between the two partial charges. One of the 
simplest examples of a molecule exhibiting polar covalent bond is 
hydrogen chloride. In this molecule, chlorine being more electronega- 
tive acquires a partial negative charge whereas hydrogen acquires an 
equivalent partial positive charge. This molecule may be represented as 


$* 6- 
H—CI 


Dipole Moment 


The polarization of bonded electrons between the two atoms of a 
heteronuclear diatomic molecule generates a dipole which is measured 
in terms of the dipole moment of the molecule. By definition, the di- 
pole moment of a diatomic molecule is given as 


p = (Partial charge on either atom) x 
(distance between the two partial charges) 


= (ôq) r 


where 3q is the partial charge and r is the bond distance. The dipole 
moment is a vector quantity, i.e. it has magnitude as well as direction. 
It is represented by an arrow pointing from the negative end to the 
positive end of the molecule. 

In SI units, the dipole moment has a unit of C m. In CGS units, 
the dipole moment is expressed in the unit of esu cm. The partial 
charges on atoms of a polar covalent bond are of the order of 1071? 
esu (a single electron has a charge of 4.8 x 107! esu) and the bond 
distance is of the order of 10 5 cm. Thus, the dipole moment of di- 
atomic molecules is of the order of 10 !? esu cm. The unit of 10 !* 
esu cm is known as the Debye unit (symbol: D). Hence, we have 


1 D = 1075 esu cm 


This unit is still used and its conversion to the SI unit is 
1D = 3.3356 x 10 C m 
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The dipole moment of a molecule can be determined experimen- 
tally. This, in turn, can be used to determine the per cent ionic char- 
acter of the molecule. For example, hydrogen chloride has a dipole 
moment of 1.03 D. Had this molecule been 100% ionic, its dipole 
moment would have been 

Hionic = (electronic charge) (bond distance) 
= (4.8 x 107 esu) (127.5 x 107! cm) 
= 6.12 x 107'8 esu cm = 6.12 D 


But the actual value is 1.03 D. So its ionic character is 


per cent ionic character = Esemed x 100 
Fionic 


In a polyatomic molecule, the individual bonds may have dipole 
moments which are known as bond moments. The dipole moment of 
the molecule is obtained by the vector addition of these bond mo- 
ments. If the bond moments are symmetrically placed, their vector 
addition gives a value of zero. In this case, the molecule is nonpolar 
though its bonds may individually have bond moments. A few exam- 
ples of this type of molecule are CO, BCI;, CCl, and SFe: These are 
described in Fig. 6.1. 


Electronegativity of an Atom 


As stated earlier, the electronegativity of an atom measures the ability 
ofan atom to attract bonding electrons towards itself. The concept 
of electronegativity is a relative one; the greater the difference in elec- 
tronegativity of the two atoms involved ina bond, the larger is the 
polarity of the bond. Various empirical relationships have been sug- 
gested in an attempt to relate the electronegativity difference to per- 
centage ionic character of a particular covalent bond. 


The most widely used scale for electronegativity is Pauling’s scale. 
This scale is based on the bond energy values. According to Pauling, 
the bond energy of a pure covalent bond A—B is the geometric mean 
of the bond energies of A—A and B—B bonds, i.e. 


Ex-p = (Ea-A X Ep-p)!? 


But because of the polar covalent nature of the A—B bond, the actual 
value of bond energy is greater than the above value. This is due to 
the fact that the polar covalent bond becomes stronger due to the elec- 
trostatic attraction between the partial positive and negative charges 
on the atoms. The difference between the two bond energies (namely, 
experimental value and Pauling value) is related to the difference in 
the electronegativity values of atoms A and B. By alloting a value of 
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Orientations Net Resultant 
Molecule of equivalent dipole 
dipoles orientations moment 


Fig. 6.1 The arrangement of bond moments in CO», 
BCl;, CCl, and SF; molecules 


4 to the most electronegative atom, namely fluorine, the electronega- 
tivity values to other atoms can be assigned. The electronegativity 
values of a few atoms are given in Table 6.1. A definite increase in 


Table 6.1 Electronegativity values of a few atoms 


H 

24 

Li Be B c N o F 
1.0 1.5 2.0 2.5 3.0 3.5 4.0 
Na Mg Si cl 
0.9 1.2 1.8 3.0 
K Br 
0.8 2.8 
Rb I 
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electronegativity is observed on ascending a group of the periodic 
table and on crossing a period from left to right. 


Ionic Bond 


Consider the following situation in which atoms A, B and an inert gas 
are arranged in order of increasing atomic numbers. 


Atom A Inert gas Atom B 


Obviously, atom B has one more electron than. the preceding inert 
gas whereas atom A is short of one electron as compared to the suc- 
ceeding inert gas. Now both the atoms A and B can attain the stable 
electronic configuration of the inert-gas if the extra electron in atom 
B is completely transferred to the atom A. In doing so, atom B ac- 
quires a unit positive charge whereas atom A acquires a unit negative 
charge, i.e. ions are formed. These ions are held together by electro- 
Static attraction. This type of bonding is termed as electrovalent or 
ionic bonding. One of the common examples ofan ionic bond is so- 
dium chloride. The electronic configurations of sodium and chlorine 
atoms are 


uNa 1s?, 2s?, 2p6, 3s! 
Cl 18, 2s?, 2p6, 3s?, 3p5 


Sodium has one extra electron as compared to the neon atom (atomic 
number 10) whereas chlorine has one electron less than the argon 
atom (atomic number 18). Both these atoms can acquire inert gas con- 
figurations provided one electron from sodium is completely trans- 
ferred to the chlorine atom. In this process, sodium atom becomes 80- 
dium ion, whereas the chlorine atom becomes chloride ion. In Lewis 
nsu the formation of an ionic bond can be represented as fol- 
lows. 


Na EXC: — natet 
ç 


Sodium atom is an electropositive atom (one which can easily give out 
its electron to form a cation, i.e. an atom having a low ionization 
energy), whereas chlorine atom is an electronegative atom (one which 
can easily accept electron to form an anion, i.e. an atom having high 
electron affinity). Hence, an ionic bond is formed between an electro- 
positive atom and an electronegative atom. In general, atoms lying 
immediately after inert gases are electropositive atoms and those lying 
before are electronegative atoms. The other examples involving the 
transfer of more than one electron are MgCl, CaO, K-S and AICI. 
The ionic bond formation in these molecules can be represented as 


follows, 
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ICI Mae + 2C: — cous or 
Cagis — cao?" 


ut 


Kx 28S + xk —e k's* K 


ECI + Ale SC — cC AB CC 


Ct 
scls 


Unlike covalent bonds, the ionic bond is nondirectional in nature as 
the electrostatic interactions can be experienced all around the ions. 


6.3 NATURE OF CHEMICAL BOND IN CONDENSED PHASE 


In this section, we will consider a general description of the chemical 
bonds existing in different types of solids. Broadly, the solids can be 
classified into five categories, namely, covalent solid, ionic solid, mol- 
ecular solid, metallic solid and solids involving hydrogen bonds. Their 
main characteristics are described one by one. 


Covalent Solid 


A solid substance in which the constituent atoms are held through 
covalent bonds may be termed as a covalent solid. Very few solids are 
held together exclusively by covalent bonds. The common occurrence 
is to find distinct molecules held together by covalent bonds and the 
molecules iù the bulk are held by van der Waals forces. 

The atoms capable of forming four covalent bonds produce a repe- 
titive three-dimensional structure using only covalent bonds. Examples 
are diamond, sillicon carbide, boron nitride and silicon dioxide. The 
crystal structure of diamond has been discussed in Unit 3. The whole 
structure is one giant molecule and because the bonding is strong and 
extended in three dimensions, diamond is exceptionally hard. Silicon 
carbide has the structure of diamond in which alternate positions 
are occupied by silicon and carbon, respectively. One form of boron 
nitride also has a structure similar to diamond. 

Graphite is another allotrope of carbon in which carbon exists in 
planes in the form of hexagonal rings. Different planes are held through 
weak forces. 
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Atoms with a valency of two cannot form isotropic three-dimen- 
sional structures. They form endless chains of atoms and the different 
chains are held by van der Waals forces. Rhombic sulphur forms a ring 
consisting of eight atoms in which each atom has a valency of two. 


General Characteristics of Covalent Substances _ 

Covalent substances generally exist in the form of discrete molecules 
with little force of attraction between the individual molecules. This 
accounts for the fact that many such substances exist in the gaseous 
form, extremely volatile liquids and easily fusible solids. Exceptions 
are diamond, graphite and silicon dioxide in which there exist a large 
network of covalent bonds. 


Tonic Solids 


A solid substance in which the constituent atoms exist in the form of 
ions which are held together by ionic bonds (i.e. electrostatic attrac- 
tions) may be termed as an ionic solid. E 
The ions in a solid are held in a definite 
arrangement. In general, each ion is oppo- 
sitely charged as compared to its nearest 
neighbours. For example, sodium ion is 
surrounded by six chloride ions and vice 
versa (Fig. 6.2). The unit shown in Fig. 6.2 
is repeated in three dimensions to give a 
huge crystal of sodium chloride. From the 
above analysis, it is evident that the desig- 
nation ‘molecule of sodium chloride’ loses 
a great deal of its definitive meaning. It 
can hardly be said that any particular Fig. 6.2 The arrangement of 

chloride ion belongs to any definite sodium Nat and Cl- in sodium 

ion; rather each sodium is shared equally chloride 

by six chloride ions, and each chloride by 

six sodium ions. All that can be said is that each sodium corresponds 
to one-sixth of six chloride ions, so that each sodium has the equivalent 
of a chloride ion but not any one ion exclusively. 

In general, the geometrical arrangement of ions in a crystal is deter- 
mined by the relative sizes of positive and negative ions. The arrange- 
ment is such that there is more electrostatic attraction between the op- 
positely charged ions than there is electrostatic repulsion between simi- 
larly charged ions. It is for this reason, that each ion has the opposi- 
tely charged ions as its neighbours. The possible arrangement of ions in 
the solid is determined by the ratio r,/r,, where 7, and r, are. the radii 
of the cation aud anion, respectively. Broadly speaking, the arrange- 
ment is as follows. 


0.732 0.414 
Cubic(8) — Octahedral(6) == Tetrahedral(4) 


Tl. 0225 


035577. 
Linear(2) = Triangular(3) 


194 Chemistry for Class XI 


where the number mentioned above the equilibrium sign is the ratio 
r./r, and number mentioned within the brackets is the coordination 

, number (i.e. number of oppositely charged 
ions around any one particular ion). For 
example, if r./r, is greater than 0.732, then 
the expected arrangement is cubic, whereas 
ifit lies between 0.732 to 0.414, the most 
probable arrangement is octahedral. For 
an illustration, it may be mentioned that 
the chlorides, bromides and iodides of Li*, 
K* and Rb* have structures like that of the 
chloride (or bromide and iodide) of sodium 
(i.e. octahedral structure), whereas those 
of Cs* are different. In the latter, each Cs* 
Fig. 6.3 The arrangement of ion is surrounded by eight chloride ions 
Cs* and CI- in CsCl} and vice versa (Fig. 6.3). 

_ Ionic solids generally have high melting points because a large quan- 
tity of thermal energy is needed to overcome the electrostatic attrac- 
tions between the oppositely charged ions. In the molten state, this 
regular arrangement is destroyed but on an average there still exists 
some short-range order where each ion is surrounded by a lesser num- 
ber of oppositely charged ions. Ionic solids do not conduct electricity 
as tons are not in a position to move from one place to another. How- 
ever, in the molten state, the ions can move, hence they conduct elec- 
tricity in the molten state, 


Molecular Solids 


A solid substance in which its discrete molecules are held together by 
weak van der Waals forces may be termed as a molecular solid, Nor- 
mally all the valence electrons of atoms of the discrete molecule are 
used up within the molecule and this prevents the formation of strong 
bonds between two or more molecules. Because of the van der Waals 
forces, the molecular crystals are soft and Possess comparatively low 
melting points. They are volatile, electrical insulators, poor thermal 
conductors and have low enthalpy of fusion, Examples of molecular 
solids are carbon dioxide, methane, iodine, argon and most organic 


pi gs a Molecular solids generally have low solubility in the polar 
nt. 


Metallic Solids 


A solid substance in which its constituents are held by metallic bonds 
is termed as a metallic solid. As explained in Unit 3, the metallic 
Solid involves the closest packing of positive ions which are held to- 
gether by the common poolof valence electrons, commonly known 
as electron sea or electron gas. 


The metallic solid generally involves the atoms of electropositive 
elements. Each atom in a metallic solid is surrounded by a large num- 
ber of neighbouring atoms (generally 8 or 12), With fewer electrons 
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in the valence shell of the atom, the normal covalent bond formation 
by the central atom with 8 or 12 neighbouring atoms is completely 
ruled out. Similarly, the formation of an electrovalent bond between 
electropositive atoms is ruled out as this type of bond is formed be- 
tween electropositive and electronegative atoms. The existence of van 
der Waals forces between the atoms is also ruled out as the metallic 
solids are quite hard. So in order to explain the stability of such solids, 
the metallic bond has been proposed to exist between the metallic 
atoms. In this bond, the valence electrons of various atoms are said 
to form a common pool which belongs to the entire metallic solid. 
These electrons are free to move within the metal and provide the 
electronic glue which binds each resultant positive ion to its neigh- 
bours. The existence of mobile (or delocalized) electrons in the metal 
can account for the various characteristics of metals. A few of them 
are discussed below. 


High Thermal and Electrical Conductivity 


The loosely bound delocalized valence electrons can move freely with- 
in the framework of positive ions. Their thermal motion is random. 
When the metal is subjected to an electrical field, the electrons are 
made to move in one direction and because of this motion, metal 
becomes a good conductor of heat and electricity. Since the motion 
of electrons is quite fast as compared to the bodily movement of ions, 
the electrical conductivity of metals is quite high in comparison to the 
electrolytic couductivity. The electrical conductivity of a metal decrea- 
ses with increasing temperature. This is due to the increased thermal 
vt of the ions which causes hindrance in the free motion of the 
electrons, 


Malleability aud Ductility 

Metallic bonding is essentially a nondirectional bonding. So the dif- 
ferent layers of close-packed atoms can be easily deformed, resulting 
in the malleable and ductile properties of metals. 


Shiny Appearance 


The delocalized electrons of metals are, in fact, distributed over very 
closely spaced energy levels into which the electrons can be excited. 
The energy levels are almost continuous and, therefore, a wide range 
of wavelengths is absorbed by metals. The excited electrons readily 
come back to the lower levels causing the emission of light, thus ef- 
fectively visible light is totally reflected and this gives a shiny appea- 
tance to the metals. 


Wide Variation in Melting Point 

The melting point of a metal is a measure of the strength of the metal- 
lic bond which, in turn, largely depends on the number of valence 
electrons contributed by each atom. The metals belonging to group 1 
(namely, Li, Na, K, etc.) contribute one electron per atom to the 
metallic bond, whereas those of group 2 (namely, Be, Mg, Ca, etc.) 
contribute two electrons per atom, Consequently, metallic bonds in the 
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metals of group 2 are stronger than those existing between the metals 
of group 1. As a result of this, the melting points of group 1 are lower 
than those of group 2. The melting points of the metals in the first 
transition series are still higher as the 3d electrons also contribute to 
the bonding. 


Hydrogen-Bonded Solid 

A solid substance in which the constituent molecules are held together 
through hydrogen bonding is termed as a hydrogen-bonded solid. The 
essential criterion for the formation of a hydrogen bond has been de- 
Scribed in Unit 3. 

One of the common examples of hydrogen-bonded solids is ice, 
where each water molecule is hydrogen bonded to four other water 
molecules. Even in the liquid form, appreciable hydrogen bonds exist 
in water. Because of this, the boiling point of water is abnormally 
high as compared to that of hydrogen sulphide. The other examples 
of hydrogen bonding are ammonia and hydrogen fluoride. The hydro- 
gen bond has directional characteristics. The three-dimensional ar- 
rangement of biologically important proteins and nucleic acids is also 
governed by the directional characteristics of a hydrogen bond. 


.6.4 MOLECULAR GEOMETRY (VSEPR THEORY) 


As mentioned earlier, covalent bonding has directional characteristics. 
Because of this, the molecule containing a covalent bond acquires 
definite geometry. For example, the carbon dioxide molecule is linear 
with the bond angle equal to 180? whereas sulphur dioxide is non- 
linear with the bond angle equal to 119°. The methane molecule has a 
tetrahedral geometry with each bond angle equal to 109° 28’. The deter- 
mination of the molecular geometry of molecules is one of the main 
interests of chemists. Various methods have been developed to deter- 
mine molecular parameters including bond distances and bond angles. 
The main methods amongst them are X-ray diffraction studies on 
crystals, determination of the dipole moment and heat capacities of 
molecules, and molecular spectroscopy. 


Valence Shell Electron-Pair Repulsion Theory 


A simple theory to account for the molecular shape of covalent mol- 
ecules was developed by Gillespie and Nyholm in 1957. This theory, 
known as VSEPR (abbreviation of valence shell electron-pair repul- 
sion) theory, predicts the shape of a molecule by considering the 
most stable configuration of the bond angles in the molecule. The 
guiding rules of this theory are as follows. 

1, Electron pairs in the valence shell of the central atom of a mol- 
ecule, whether bonding or Ione pairs, are regarded as occupying local- 
ized orbitals. These orbitals arrange themselves in space so as to 
minimize the mutaal electronic repulsions. 
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2. The magnitude of the different types of electronic repulsions 

follow the order given below. 
lone pair—lone pair > lone pair—bonding pair 
> bonding pair—bonding pair 

According to the first rule, the electronic repulsion between two pairs 
of electrons will be minimum if they are as far apart as possible. Based 
on this fact, the geometrical arrangements of pairs of electrons around 
the central atom are given in Fig. 6.4. 


ti) tii) (iii) (iv) (v) 

Fig. 6.4 Arrangement of electron pairs, (i) 2-electron pairs, linear, bond 
angle 180°; (ii) 3-electron pairs, triangular plane, bond angle 120°; (iii) 4- 
electron pairs, tetrahedron, bond angle 109°28’; (iv) 5-electron pairs, 
trigonal bipyramide; and (v) 6-electron pairs, octahedron, bond angle 90°. 


The description of the geometrical arrangements shown in Fig. 6.4 
1 22 the corresponding examples of molecules are given in 
able 6.2. 


Table 6.2 Description of geometrical arrangement of electron 
pairs around the central atom. 


Figure Example Number of valence Basic shape 
electrons electron bonding lone pairs 
around the pairs pairs 
central atom 
G) — BeCh 4 2 2 0 Linear 
Gi) BCls 6 3 3 0 Triangular 
planar 
Gii) CH4 8 4 4 0 Tetrahedron 
NH: 8 4 3 1 
H:0 8 4 2 2 
Gv) PFs 10 5 5 0 Trigonal 
SF. 10 5 4 1 bipyramid 
CIF; 10 5 3 2 
(0 SE 12 6 6 0 Octahedron 
IFs 12 6 5 1 
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The actual shape of the molecules containing lone pairs is a little 
distorted from the basic shape. This is primarily due to rule 2 men- 
tioned above. Taking the examples of CH4, NH; and H20 molecules, 
we find that the basic shape of these molecules isa tetrahedron. Ex- 
perimentally, it is found that the bond angles in CH;, NH; and H,O 
are approximately equal to 109°, 107^ and 105°, respectively. This 
progressive decrease in bond angle is due to the fact that CH;, 
NH; and H,O contain 0, 1 and 2 lone pairs, respectively. Since 
the lone pair is under the influence of only the central atom, its orbit- 
alis more spread out in space in comparison tothe bonded orbital 
which is under the influence of two atoms. Consequently, the lone 
pair exerts more repulsion to the bonded pair as compared to that 
between bonded-bonded pair of electrons. The net result is that the 
lone pair causes the three N—H bond pairs to be pushed closer, there- 
by decreasing the bond angle. In H,O molecule, there are two lone 
pairs of electrons. Owing to the larger repulsion between them, the 
bonded pairs are drawn closer to each other resulting in a further 
decrease in bond angle. 


Valence Bond Theory 


The representation of molecules by Lewis structures give an impres- 
sion that the electrons in the molecules can be precisely located. In- 
fact, itis not so. The electrons in molecules are subject to the same 
laws (or constraints) as followed by electrons in atoms, i.e. they are 
subject to the wave-particle duality as suggested by de Broglie and 
the uncertainity principle of Heisenberg. So the behaviour of electrons 
in molecules is described in terms of probability distribution and to 
describe these, one has to follow the quantum mechanical methods. 
The Lewis concept of locating a pair of electrons between the bond 
or sharing of the electron pair by the two involved atoms should be 
interpreted in terms of building up of significant electron density be- 
tween the bonded atoms. For the bond involving identical atoms, this 
building up of electron density is symmetrical with respect to both 
atoms and this should be taken as the explanation for the fact that 
the electron pair lies in the centre of the bond and is shared equally 
by both the atoms. For the bond involving different atoms, the build- 
ing up of electron density is nearer to the more electronegative atom 
and thus sharing is uneven. 

The first quantum mechanical method to explain the stability of the 
molecule was developed by Heitler and London in 1927 and was sub- 
sequently developed by Pauling and Slater. This method, known as 
the valence-bond method, is very similar to the classical chemical con- 
cept of a valence bond between two atoms and to the electron-pair 
bond postulated by Lewis. In this method, the molecule.is considered 
to be a collection of atoms and then the interactions between different 
atoms are considered. The interactions to be considered are those ex- 
isting between electrons-nuclei, electrons-electrons and nuclei-nuclei. 
For a molecule to be stable, the electrostatic attractions must predom- 
inate over the electrostatic repulsions. The difference in these two 
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is released in the form of heat when a molecule is formed from atoms. 
Thus, a molecule is energetically more stable than the individual 
atoms. 

The stability of a diatomic molecule with respect to the individual 
atoms can be explained qualitatively on the similar lines as described 
above. The shared electron pair generates more electron density in the 
bonded region. This arrangement, besides decreasing the electrostatic 
repulsion between the two nuclei, results in the maximum interaction 
between the nuclei and electrons. Consequently, in a molecule the 
electrostatic attraction terms predominate over the repulsion terms 
which results in the decrease of energy when a molecule is formed from 
the two atoms. 

The basic theory behind the valence-bond method may be qualita- 
tively described by taking an example of hydrogen molecule. This 
molécule is made up of two hydrogen atoms. The main points of the 
theory may be mentioned in four steps described as follows. 


Step I 


Consider a situation in which two hydrogen atoms (say, H4 and Hy) 
are separated from each other by a large distance. Because of the large 
distance, there will not be any interaction between the two atoms and 
the total energy of the system will be just the sum of the energies of 
the individual atoms, i.e. 


Eott = Eisma) + Eiss) (6.1) 
where E;,q14) and Ersa) are the energies of the electron in there- 


spective 1s orbitals of atoms Ha and Hg. 
The potential energy of interaction which is defined as 


7 V interaction z Eora Ti {Esaa F Ey) (6.2) 
will be zero. Such a situation is represented by the point a in Fig. 6.5. 


Step II 


Letthe two atoms be brought close together to a distance slightly 
greater than the stable bond distance (point b in Fig. 6.5). Because of 
the fact that the two atoms lie close together, the electrostatic inter- 
actions between electron-electron, proton-proton and clectrons-pro- 
tons start operating. Out of these the electrostatic attractions between 
electrons-protons predominate over the electrostatic repulsions be- 
tween electron-electron and proton-proton with the. result that the 
energy of the system is lowered, i.e. 


Eja < Esam + Eisem 
Consequently, the potential energy of the system is decreased, i.e. 


Vinetaction = Boum iea + Exam} 
= negative 


(6.3) 
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In other words, the situation shown by pointb in Fig. 6.5 becoties 
more stable than that shown by point a. 


+ 
One 
opp------------------ d 
: Os 
; CoM 
c 
74pm 
Internuclear distance —- 
Fig. 6.5 Variation of Potential energy of interaction 
between two hydrogen atoms 
Step III 


As the atoms are brought closer to each other, the attractive terms 
predominate because of the larger contribution from the electrostatic 
attractions as compared to the electrostatic repulsions, This continues 
right up to the point c shown in Fig. 6.5, 


The distance R at point ¢ gives the stable internuclear distance be- 


form a hydrogen molecule, The distance at point c is found to be 74.1 
pm and the value of V is found to be — 433 KJ. 


Step IV 


As the distance of the two protons is further reduced, the electrostatic 
repulsions predominate Over the attractions, with the result that the 
potential energy of the system starts increasing (see, point d in Fig, 
6.5), The Increase in potential enegry is quite rapid as the distance 
between the atoms is decreased, This indicates that the molecule be- 
comes rapidly less stable as compared to the stable internuclear dis- 
tance. 


Note that at point d, the molecule is still more Stable as compared 
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Mathematical Analysis of Potential Energy Curve 


The potential energy curve shown in Fig. 6.5 may be analysed quali- 
tatively, described as follows. 


The potential energy of interaction at any point on the potential 
energy curve may be represented as 
V = Viuraction + Veepitsion È (6.4) 


The change of potential energy with the change in distance will be 
represented as 
A c) D ein } i dis (6.5) 


The following three main features of the potential energy curve 
may be highlighted here. 


Case I For an internuclear distance R > A, (say, at point b shown 
in Fig. 6.5), the slope dV/dR of the potential energy curve is positive. 
Hence, Eq. (6.5) in this case may be written as 


AV attraction + dr ngon >0 
d 


dR 
or Turpion e apis (6.6) 


If dR is negative (i.e. the atoms are brought nearer to cach other by 
distance dR), then it follows that, 


OV atiraction zi QV repulsion 


: - à = (6.6) 
negative value negative value 
ob aud tac AV epu'sion 
positive value ~ positive value 
or — dV action > AV reputsion (6.7) 


that is, the decrease of potential energy due to attraction terms is 
greater than the increase of potential energy due to repulsion terms. 
Hence, there occurs a net decrease of potential energy as the distance 
between the two atoms is decreased by an infinitesimal value. This 
decrease of potential energy is continued right upto the stable inter- 
nuclear distance (i.e. up to the point c in Fig. 6.5). 


Case II For an internuclear distance R < R.g (say, at point d shown 
in Fig. 6.5), the slope dV/dR of potential energy curve is negative. 
Hence, Eq. (6.5) in this case may be written as 


d Vatécaction d V &putsion < 0 


dR dR 


or p era es eps (6.8) 
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If dR is negative (i.e. the atoms are brought nearet to each other 
as compared to the stable internuclear distance), then it follows that 


GV atiraction RN WV repulsion. 
negative value negative value 
or = WV attraction dV eputiion 
positive value positive value 
or a dV acto x di reonsion (6.9) 


that is, the decrease of potential energy due to attraction terms is 
smaller than the increase of potential energy due to repulsion terms. 
Hence, there occurs a net increase of potential energy as the distance 
between the two atoms is decreased by an infinitesimal value. 


Case III For an internuclear distance R = Req (i.e. at point c shown 
in Fig. 6.5) the slope dV/dR of the potential energy curve is zero. 
Hence, Eq. (6.5) in this case may be written 


V attraction fi QV, putsion =0 


dA f dR 
or e d pitis (6. 10) 


For an infinitesimal change (either positive or negative) in R at the 
stable internuclear distance, the above expression will give 


71d atrain = Ch eerie (6.11) 


that is, the decrease (or increase) in potential energy due to attraction 
terms is equal to the increase (or decrease) in potential energy due to 
repulsion terms as the distance between the two atoms is decreased 
(or increased) infinitesimally from the stable internuclear distance. 
Consequently, there occurs no change in potential energy at this stage 
of the potential energy curve. 

The reasons for the fact that the potential energy has a minimum 
value at R = AR, and it increases on both sides may be highlighted 
by taking the following arbitrary values. 


At R> Reg let K= — 9k 4+ 1.5kI = — 7.5kI 

At R= Ra let V —(-—9 — 1) kJ + (1.5 + 0.5) kJ 
= = 8.0 kJ 

At R< Ra let V=(— 10 — 1) kJ + (2.0 + 1.5) kJ 
--1k 


where the first and second terms within the brackets in the above ex- 
pressions represent Vatracrion and Veeputsions respectively. In going from 
R > Rq to R = Reg, the value of — dVettraction (which is 1 kJ) is 


Bonding and Molecular Structure 203 


larger than that of dV,eputsion (which is 0.5 kJ), whereas in going from 
R = Ra to R < RA, the value — dV attraction (which is again 1 kJ) is 
smaller than that of dV,epuision (Which in this case is 1.5 kJ). As a con- 
sequence of these changes, the value of V at Raq is minimum as com- 
pared to the other two values. 


Force Acting on Nuclei 


The force acting on the nuclei in the three typical cases discussed 
above may also be described here. By definition, we have 


dV 
F= JR (6.12) 


that is, the force acting on the nuclei isthe negative value of the 
change of potential energy with distance. Hence, we have; 


Case I From Eq. (6.6), it follows that 
m Fettcaction >F, 


repulsion 


that is, during the infinitesimal decrease in the bond distance, there 
exists a larger force of attraction between the two atoms in compari- 
son to the force of repulsion. Consequently, the two atoms experience 


a net force of attraction which tries to bring them more close to each 
other. 


Case II From Eq. (6.8), it follows that 
T. Fast < Frepaision 

that is, during the infinitesimal decrease in the bond distance, there 

exists a larger force of repulsion between the two atoms in compari- 

son to the force of attraction. Consequently, the two atoms experience 

a net force of repulsion which tries to bring them back to the stable 

internuclear distance. 


Case III From Eq. (6.10), it follows that 
p Fraction, = Prepulsion 
that is, during the infinitesimal change (decrease or increase) in the 
bond distance from the stable internuclear distance the two atoms ex- 
perience equal forces of attraction and repulsion. Consequently, the 
net force acting on the atoms is zero. This indicates that the arrange- 
ment of the two atoms at the stable internuclear distance is the most 
stable configuration of the molecule. 


The three cases discussed above may be summarized as follows. 

l. Fora distance largerthan the stable internuclear distance, the 
two atoms experience a net attractive force which tries to bring them 
towards the stable configuration. 

2. On the other side, for a distance smaller than’ the stable inter- 


nuclear distance, the two atoms experience a net repulsive force which 
tries to bring them back to the stable configuration. + 
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3. At the stable internuclear distance, the atoms experience ho net 
force, hence, represent the most stable molecular configuration. 


Quantum Mechanical Explanation of Chemical Bonding in 

Hydrogen Molecule 

The hydrogen atom in the ground state has one electron in its 1s orbit- 
al. The effective size of this orbital is about 53 pm from the nucleus. 
As mentioned earlier, the stable internuclear distance of the hydrogen 
molecule is found to be 74.1 pm. This means that the two Is orbitals, 
centred respectively on atoms H4 and Hg, partially overlap with each 
other in the bonded region. This is shown in Fig. 6.6. 


-~ T NON 
ONE TRE RE) 
1s (H) Is(H) H2 


Fig. 6.6 Overlap of 1s orbitals in He molecule 


Through this overlap, electrons previously associated with atoms 
Hg can go to the atom Hy and vice versa. This exchange of electrons 
is primarily responsible for the stability of the hydrogen molecule. So 
one of the essential criteria for the formation of a molecule is that the 
involved orbitals should overlap as much as possible. The greater the 
overlap, the greater is the stability of the molecule. i.e. the stronger is 
the resulting bond. 

The overlapping of atomic orbitals in the bonded region implies 
that there exists some probability of finding together both the valence 
electrons in the common region. This, according to Pauli’s exclusion 
principle, is possible if the two valence electrons have opposite spins. 
This is the second criterion which electrons must satisfy to form a 
chemical bond. For a system in which the two valence electrons have 
parallel spins, the potential energy curve does not possess any mini- 
mum. In fact, the energy goes on increasing as the distance of the two 
hydrogen atoms is decreased. Such a situation is also shown in Fig. 6.5 
by the dotted curve. 

The two conditions to form a stable chemical covalent bond may be 
mentioned once again. These are: 

1. The two involved atomic orbitals must overlap with each other. 


2. Each of the two involved atomic orbitals must possess one un- 
paired electron with an opposite spin, so that the two electrons in- 
volved in the bonding have opposite spins. 

If any of the above two (or both) conditions are not satisfied, the 
bonding between two atoms does not take place. One of the examples 
to illustrate the above criteria is provided by helium atom which does 
not form a diatomic molecule like hydrogen. The electronic configura- 
tion of helium is 1s". Since it does not possess any unpaired electron, 
it is an unreactjve atom. 
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The essential criteria for the formation of a coordinate covalent 
bond will be as follows. 

1. One of the atoms must possess an orbital containing a lone pair 
of electrons. 

2. The second atom must possess an empty atomic orbital. 

3. The two atomic orbitals mentioned in the above two conditions 
should have a positive overlap at the stable internuclear distance. 

Coordinate bonds are involved more in transition metals as these 
atoms possess empty d orbitals. The complexes of transition elements 
are collectively known as coordination compounds. 


A Few More Examples of Diatomic Molecules 
Now we mention a few molecules involving different types of orbital- 
overlapping. ' 
1. s-s overlap As mentioned above, the example involying this 
type of orbital-overlap is the hydrogen molecule, The bonding in this 
molecule is represented schematically in Fig. 6.6. 
2. s-p overlap The example involving this type of orbital overlap 
is hydrogen flouride, which may be schematically represented as 


(OD CXODI XD 


Is (H) 2p,(F) HF 


3. p-p overlap Two types of overlapping between p and p orbitals 
are possible. These involve (a) end-to-end overlap leading to the for- 
mation of a ø bond, and (b) side-ways overlap leading to the formation 
of a 7 bond. The example of end-to-end overlap is . the fluorine mol- 
ecule, which may be schematically represented as 


CO CGE «b c 


2p,(F) 2p,\F) F; 


The side-ways overlap. may be represented as 


56-05 
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Anexample of side-ways overlap is provided by the O, molecule. 
In fact, this molecule involves both types of. overlap mentioned above. 
This may be represented as 


T bond 


€ bond 


The molecule of nitrogen also involves both types of orbital overlap. 
This involves two side-ways and one end-to-end type of overlap as 
Shown in the following diagram. 


Orbital Diagram of Ammonia Molecule 

The electronic configuration of nitrogen is 1s?, 2s^, 2p!, 2p!, 2p!. It 
contains one upaired electron in each of the three 2p orbitals. So, it 
is capable of forming three bonds. On combining with three hydrogen 


atoms, it gives a molecule of ammonia which may be schematically 
represented as follows, 
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The expected bond angle HNH is 90° as the p orbitals are oriented 
perpendicular to each other. However, the experimental bond angle is 
107°. This has been explained on the basis that each hydrogen atom 
acquires a slight positive charge as it is attached to the more electro- 
negative nitrogen atom. These slight positive charges on hydrogen 
atoms, in turn, repel each other resulting in the widening of the bond 
angle from 90 to 107°. 


Orbital Diagram of Water Molecule 

The electronic configuration of oxygen atom is 1s”, 2s?, 2p!, 2p}, 2p?. 
It contains two unpaired electrons; one in p, orbital and the other in 
p, orbital. So, it is capable of forming two bonds. On combining with 
two hydrogen atoms, it gives a molecule of water which may be 
schematically represented as follows. 


The expected bond angle HOH is 90° as the two 2p orbitals are 
oriented perpendicular to each other. However, the experimental value 
is about 105°. This has been explained on the basis that each hydrogen 
atom in water acquires a slight positive charge as it is attached to the 
more electronegative oxygen atom. These slight positive charges on 
hydrogen atoms, in turn, repel each other and this results in the wide- 
ning of the bond angle from 90° to 105°. 


Hybrid Orbitals 


The electronic configuration of beryllium atom is 1s*, 2s?, According 
to the valence-bond theory, beryllium is expected to be an inert atom 
as it does not possess any unpaired electron. However, the beryllium 
atom forms compounds with valency equal to two. In order to explain 
this bivalence, one electron from the 2s orbital may be promoted to a 
vacant 2p orbital. The energy required for this purpose may be consi- 
dered to be recoverable from the bonding which beryllium atom enters 
with other atoms. Now the beryllium atom contains two unpaired elec- 
trons; one in the nondirectional 2s orbital and the other in the direc- 
tional 2p orbital. So, the atom of beryllium is expected to form two 
different types of bonds. But in actual practice, both the bonds formed 
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by this atom are found to be equivalent with bond angle equal to 180°. 
2 order to explain this fact, the concept of hybridization is intro- 
uced. 

The process of hybridization involves the mixing of two or more than 
two atomic orbitals centred on the same atom to give an equivalent 
number of completely identical degenerate orbitals (i.e, all orbitals 
have the same shape, size and energy). These orbitals are termed as 
hybrid orbitals. The process of hybridization does not involve any gain 
or loss of energy, i.e. the sum of the energies of hybrid orbitals is 
equal to the sum of the energies of orbitals which are being mixed to 
get hybrid orbitals. 

Thus, the orbitals 2s and 2p of beryllium atom may be mixed to 
give two hybrid orbitals which have identical shape, size and energy. 

ince only one s and one p orbital is involved in mixing, the resultant 
orbitals are known as sp hybrid orbitals. Each sp hybrid orbital will 
have half s and half p character and, unlike 2p orbital, has one lobe 
larger than the other (Fig. 6.7). The total energy of the two hybrid 
orbitals is equal to the sum of the energies of 2s and 2p orbitals. Since 
both the hybrid orbitals are identical, they will be oriented at an angle 
of 180° with respect to each other. 


OF 
2p 


Fig. 6.7 The formation sp hybrid orbitals 


The two valence electrons of beryllium may be considered to occupy 
these two degenerate sp orbitals, According to Hund’s rule, each hybrid 
orbital will contain one electron with parallel spins. Now, according to 
the valence-bond theory, beryllium will form two bonds as each orbit- 
al contains one unpaired electron. The schematic representation of 
BeH; is shown in Fig. 6.8. 

The trivalency of boron and tetravalency of carbon in the com- 
s pounds of boron and carbon have also been 
| us explained on the basis of hybrid orbitals. 


* 

A z H Hybrid Orbitals of Boron 
 ~-*" The electronic configuration of boron is 1s?, 
2s*, 2p'. Thus the atom is expected to be 
univalent on the basis of the valence-bond 
Fig. 6.8 The formation ete a in its Drs ese boron x tri- 

f beryllium hydrid valent. The compounds of boron are planar 
VERSA A with each bond angle equal to 120. This 
has been explained on the basis of the formation of three sp? hybrid 
orbitals from the mixing of one 2s orbital and two 2p orbitals 
of the boron atom. The criterion of identical nature of the hybrid 
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orbital leads to the fact that these orbitals lie in a plane with bond 
angle equal to 120° with respect to each other (Fig. 6.9), The three 


t ‘a 
sp? 
2 | 
tij s 
2py 


Fig. 6.9 The formation of sp* hybrid orbitals 


valence electrons of boron atom are distributed over these three degen- 
erate sp? hybrid orbitals. According to Hund's rule, each one will con- 
tain one electron with parallel spins. Hence, as per the valence-bond 
theory, the atom of boron forms three bonds with the overlapping of 
each of the sp? hybrid orbitals with the orbitals of other atoms, One 
of the examples is BCl, which is shown in Fig. 6.10. 


Fig. 6.10 Schematic representation of the molecule of BCl; 


Hybrid Orbitals of Carbon 

Three types of hybridisation, namely, sp, sp? and sp’, are important 
while diouniog the chemistry of carbon compounds. These are de- 
Scribed below: 


sp hybridisation The mixing of 2s orbital with a 2p orbital leads to 
the formation of two sp hybrid orbitals, These orbitals are directed at 
an angle of 180° with respect to cach other. In ethyne molecule (CH3, 
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both the carbon atoms undergo sp hybridisation. Its structure is repre- 
sented in Fig. 6.11. 


T bonds 


o bond 


Fig. 6.11 Schematic representation of ethyne 
molecule which contains one o bond and two 
7 bonds between the two C atoms 


sp? hybridisation The mixing of 2s orbital with two 2p orbitals leads 
to the formation of three sp? hybrid orbitals. These orbitals lie in the 
same plane with each bond angle equal to 120°. In an ethylene mole- 
cule (C;H4), both the carbon atoms undergo sp? hybridisation. Its 
structure is represented in Fig. 6.12. 


Fig.6.12 Schematic representation of ethylene molecule which 
contains one o bond and one 7 bond between the two C atoms 


, The molecular structure of graphite also involves the sp? hybridisa- 
tion of carbon atoms. 


sp? hybridisation The mixing of one 2s orbital with three 2p orbitals 
leads to the formation of four sp? hybrid orbitals. These orbitals point 
towards the corners of a regular tetrahedron with bond angle equal to 
109°28’ each (Fig. 6.13). In methane molecule and other alkanes, each 
carbon atom involves sp? hybridisation. The structure of methane 
is given in Fig. 6.14. 
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The giant molecular structure of diamond also involves the sp? 
hybridisation of carbon atoms. 


Fig. 6.14 Schematic structure of methane 


The structures of H,O and NH; have also been explained on the 
basis of sp’ hybridisation of the central oxygen and nitrogen atom, 
respectively (Figs 6.15 and 6.16). The presence of lone pair repulsion 
in these molecules forms the basis of an explanation for the change in 
bond angle from 109°28’ (of regular tetrahedron) to 105° in water 


molecule and to 107° in ammonia molecule. 


Fig. 6.15 Bonding in water using sp? Fig. 6.16 Bonding in ammonia using 
hybrid orbitals of oxygen sp? hybrid orbitals of nitrogen 
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6.55 MOLECULAR ORBITAL THEORY 


An alternate theory to explain bond formation of a chemical bond was 
developed by Hund and Mulliken. This theory, known as molecular 
orbital theory, describes the behaviour of electrons in a molecule the 
way their behaviour is described in atoms. In atoms, there exist quan- 
tized atomic orbitals of varying energy levels in which electrons are 
distributed following the aufbau principle, Pauli's exclusion principle 
and Hund's rule. The atomic orbitals of an atom are represented by 
mathematical equations (also known as wave functions) and are 
obtained by solving the appropriate Schródinger equation. The square 
of the wave function evaluated at a given point gives the probability 
of finding the electron at that point. On a similar line, the electrons 
in a molecule are distributed amongst the various quantized molec- 
ular orbitals (also known as molecular wave functions) of varying 
energy following the aufbau principle, Pauli's exclusion principle and 
Hund's rule. The square of molecular wave function (which is nothing 
but a mathematical equation) evaluated at a given point gives the prob- 
ability of finding the electron at that point. The atomic orbitals are 
monocentric (exist around a single nucleus), whereas molecular orbitals 
are multicentric (exist around more than one nucleus). The molecular 
orbitals, like atomic orbitals, can be represented by drawing contour 
diagrams or in terms of probability distributions. The shape of a molec- 
ular orbital, like an atomic orbital, is the region around the nuclei of 
molecules where there exists 90-95% probability of finding the electron. 

There is one basic difference in the valence-bond method and the 
molecular orbital method. In the valence-bond method, the atoms are 
brought together to the stable equilibrium internuclear distances, and 
then their interactions in terms of overlap of atomic orbitals and the 
sharing of valence electrons between the two involved atoms are consid- 
ered. The various atoms retain their identity in this method. On the 
other hand, the molecular orbital method begins with the nuclei along 
with inner shell electrons of the bonded atoms (stripped of all their 
valence electrons) placed at their equilibrium internuclear distances. 
For this geometry, the various molecular orbitals surrounding all nuclei 
with increasing  egiens energies are constructed. These orbitals are 
- filled with the available number of valence electrons in the mol- 
ecule, 

One of the methods of constructing molecular orbitals is the method 
of linear combination of atomic orbitals (the abbreviation is LCAO). 
This method may be illustrated by taking an example of hydrogen 
molecule, written as H4 — Hg. As mentioned above, its molecular 
orbitals surround both the protons. If the probability distribution of a 
molecular orbital is such that it has maximum share around one of the 
protons, then the molecular orbital must resemble the atomic orbital 
ofhydrogen describing that particular probability distribution. In 
other words, the molecular orbital must be reducible to this atomic 
orbital in the extreme case where the electron is associated with the 
concerned hydrogen atom, 


I" 
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Alternatively, it may be said that the molecular orbital should be 
such that it has characteristics possessed separately by the atomic orbit- 
als to which it is reducible in the extreme cases. To satisfy this criterion, 
the molecular orbitals is written as the linear combination of the 
appropriate atomic orbital. Taking an example where the molecular 
orbital is reduced to 1s orbital of the two hydrogen atoms, we can 
write the molecular orbital as 


Vo = C, Yuma + Ca Vang) 
In the extreme cases, we will have 


Puo = V gay ie. Cy = 1 and C; = e wr 
4 ^ 


Vo = Ynap» ie. Cz = 1 and C, — 0 when the elec- 
tron is near 1s(Hg) 


In any other situation, C, and C; may have identical or different 
values depending upon the involved atomic orbitals in the linear com- 
bination. X 

There are a few guidelines about the types of orbitals which can 
mix up to form a molecular orbital, These are given below. 

1. The energies of atomic orbitals must be comparable. 

2. There should exist maximum overlap between the atomic orbitals 
at the stable internuclear distance. 

It can be shown that the combination of two atomic orbitals gives 
two molecular orbitals; one involves positive combination, whereas the 
other involves negative combination. Of these, one is more stable than 
the stabler of the two atomic orbitals and the other is less stable than 
the lesser stable atomic orbital, The term ‘more stable’ implies that 
the molecular orbital has lesser energy than the energies of the two 
involved atomic orbitals and term ‘lesser stable’ implies that the molec- 
ular orbital has larger energy than the energies of the two involved 
atomic orbitals, These characteristics are represented schematically by 
the diagram such as shown in Fig. 6.17. 
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Fig. 6.17 The energies of molecular 
orbitals relative to the energies of 
involved atomic orbitals 
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Bonding Molecular Orbital 
'The molecular orbital having lesser energy is known as bonding molec- 
ular orbital since the addition of electrons to this orbital lowers the 
energy and adds to the stability of the molecule. The stability in this 
case is due to the fact that the probability distribution of this molecular 
wave function has a relatively high value in the bonded region. In 
other words, the probability of finding the electron between the two 
nuclei is relatively bigh. The electrons in this region interact with both 
the nuclei and hence the electrostatic attraction hasa larger negative 
value. This attraction is larger than the nuclear repulsion which results 
in the lowering of interpotential energy and hence releases energy in 
the form of heat. 

The shape of the bonding molecular orbital formed from two Is 
orbitals is shown in Fig. 6.18. This molecular orbital is designated as 


als orbital. 


1s(H) — Is(H) c-1s 


Fig. 6.18 The shape of a bonding molecular 
orbital formed from two 1s orbitals 


Antibonding Molecular Orbital 


The molecular orbital having higher energy is known as the antibond- 
ing molecular orbital because the addition of electrons to this orbital 
increases the energy and thus causes instability of the molecule. The 
instability in this case is due to the fact that the probability distribution 
of this molecular wave function has zero value at some point in 
between the bond region. In other words, the probability of finding 
the electron between the two nuclei has a relatively low value and it 
also has a zero value on a point (known as nodal point) somewhere in 
the bonded region. Because of low electron density in the bonded 
region, the electrostatic repulsion between the two nuclei predominates 
over the attzaction terms with the result that the interpotential energy 
is increased". 

The shape of the antibonding molecular orbital formed from two 1s 
orbitals (one from each of the two atoms involved in the bond) is 
shown in Fig. 6.19. This molecular orbital is designated as o*1s. 


*If the energy of a molecular orbital is the same as that of an atomic orbital, 
then the molecular orbital is said to be a nonbonding molecular orbital. The 
addition of an electron in this orbital does not cause any stability as far as 
energy is concerned. 


For homonuclear dia 
period (namely, Li, Be, 
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COME OS 


is(H)  1s(H) ois 


Fig. 6.19 The shape of antibonding molecular 
orbital formed from the two 1s orbitals 


tomic molecules involving atoms of the second 
B, C, N, O, F and He), one can construct the 


following linear combinations. 


and 


Combination involving 2s(A) and 2s(B) 

Combination involving 2p,(A) and 2p,(B) 
Combination involving 2p,(A) and 2p,(B) 
Combination involving 2py(A) and 2p,(B) 


where A and B refer to the two atoms and z-axis is taken as the inter- 


nuclear axis. 
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Fig. 6.20 Schematic diagram exhibiting the relative energies of molecular 
orbitals involving 2s and 2p orbitals 
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The decrease in energy for a bonding molecular orbital and increase 
in energy for an antibonding molecular orbital depend on extent of 
overlapping between the involved atomic orbitals. The larger the over- 
lapping, the greater are the stability and unstability of bonding and 
antibonding orbitals, respectively. The overlap between 2p and 2p 
orbitals are of two types: one involving end-to-end overlap, whereas 
the other involves side-ways overlap. Since, end-to-end overlap is 
larger than side-ways overlap, the stabilisation of the bonding mol- 
ecular orbital and destabilisation of the antibonding molecular orbital 
will be larger in the first case. Guided with this principle, and the fact 
that 2s orbitals have lower energies than 2p orbitals, one can schema- 
tically draw the energy level diagram for the molecular orbitals involv- 
ing 2s and 2p orbitals. This is shown in Fig. 6.20. The shapes of the 
resultant molecular orbitals are shown schematically in Fig. 6.21. 


Fig. 6.21 The schematic shapes of orbitals formed from 2s and 2p orbitals 
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From Fig. 6.20, it is obvious that the relative order of increasing 
energies of molecular orbitals formed from the mixing of 2s and 2p 
orbitals of homonuclear diatomic molecules are as follows. 


E (02s) < E (o*2s) < E (2p) < E(#2p,) 
= E(n2p,) < E (w*2p) = E (a*2p,) < E (s*2p) 


Electronic Configuration of Diatomic Molecules 


The various molecular orbitals formed from 1s and 1s, 2s and 2s, and 
2p and 2p orbitals have been described above. Now, following the 
aufbau principle, Pauli’s exclusion principle and Hund’s rule, the 
valence electrons of the two atoms involved in the molecule can be 
distributed over the resultant molecular orbitals. These are described 
in Table 6.3. 


Table 6.3 Electronic configurations of diatomic molecules from 
Ha to Fa 


Molecule Number of valence 
electrons Electronic configuration* 


in each atom in molecule 


Ha 1 2 (c 1s)* 

Hes 2 4 (c 1s)*, (o* 1s)? 

Lis 3 6 KK (o 2s)? 

Bes 4 8 KK (s 23)*, (o* 2s)? 

Bi 5 10 KK (¢ 23)*, (c* 2s), (v 2p)? 

€: 6 12 KK (c 2s)*, (o* 2s)*, (c 2p)* (v 2px)" 
(7 2py)* 

N: 7 14 KK (c 2s)*, (o* 25)*, (c 2p)? (7 2px)* 

: (7 2py)? 

O: 8 16 KK (e 23), (o* 2s)*, (¢ 2p)* (v 2p:)° 
(7 2py)® (7* 2px)? (7* 2py) 

F: 9 18 KK (02s)? (c*2s) (c2p) ("7 2px)" 


(7 2py)* (7* 2p3)* (7* 2py)* 


*The symbols KK represent the inner shells (principal quantum number 1) of 


ue ed atoms as only valence electrons are distributed amongst the molecular 
orbitals. 


The explanation of the above configuration along with the expected 
molecular behaviour is described as follows. 
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Electronic Structure and Molecular Behaviour 


On the basis of electronic configuration of the molecul many useful 
characteristics of the molecule can be deduced. The Plowing facts 
help in predicting molecular behaviour. 

1. The strength of a bond depends on the net excess of electrons in 
bonding orbitals over those of antibonding orbitals. Larger the bond 
strength, larger is the dissociation energy of the molecule. 

2. The number of bonds in a molecule is one half of the net excess 
of bonding electrons. The parameter defining the number of bonds is 
given the name of bond order. Hence, we have 


Bond orden Number of (bonding 5 antibonding) electrons 

3. Addition of an electron in the bonding orbital makes the mol- 
ecule more stable, whereas that in the antibonding orbital makes it less 
stable. : 

4. Paramagnetism in a substance is due to the presence of unpaired 
electrons in its molecules. 

Keeping in mind the above characteristics, the molecular character- 
istics of diatomic molecules are deduced in the following way. 


Hydrogen Molecule 

Each hydrogen atom contains one valence electron in the 1s orbital. 
The relative energies of molecular orbitals formed from two 1s orbit- 
als (one from each atom) have 
CTT already been described earlier. For 
P Y clarity, this is also shown in Fig. 
Ag M: 6.22. There are two valence elec- 
is(H) 5 ," is(H) trons to be distributed and accord- 
M t ing to the aufbau principle and 
H-— Pauli's exclusion principle, these are 
assigned to ols molecular orbital. 
cis The occupancy of the orbital by an 
electron is shown by an arrow 
(vertical arrow for «-spin and an 
arrow pointing downwards for f- 
i spin). Thus, the occupancy of ols 
orbital by two electrons is shown by the two opposite arrows as the 
two electrons have opposite spin. The molecule of hydrogen will be 
more stable than the two hydrogen atoms taken separately as the two 

electrons in bonding molecular orbital decrease the energy. 


Helium Molecule 

Each helium atom contains two valence electrons in 1s orbital. The 
relative energies of molecular orbitals formed from two 1s orbitals (one 
from each atom) is shown in Fig. 6.17. There will be four valence 
electrons in helium molecule. According to the aufbau principle and 
Pauli’s exclusion principle, two electrons will be alloted to bonding 


Fig. 6.22 The electronic configu- 
ration of hydrogen molecule 
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inolecular orbital cls and two to antibonding molecular orbital o*1s. 
The resultant electronic configuration is els? o*1s?. The stability 
achieved by putting two electrons in bonding cls orbital is annulled 
by putting two electrons in the antibonding o*ls orbital with the 
result that no decrease in energy takes place during the formation of 
He, molecule. Hence, such a molecule is expected to be unstable and 
experimentally too it is found to be so, i.e. the molecule He, does not 
exist in nature. 

Unlike He; molecule, the He ion has been found to exist under 
certain conditions. The electronic configuration of Hey is els? o* ls. 
Since this configuration contains more bonding than antibonding elec- 
trons, the bond between He} is stable. 


Li, Molecule 


The lithium molecule contains a total of two valence electrons; one 
from each atom. These two electrons go to the molecular orbital o2s 
with opposite spin (Fig. 6.23). This molecule is expected to be quite 
stable as both electrons occupy bonding molecular orbital. The mol- 
ecule is expected to be diamagnetic as there exists no unpaired electron 
in the molecule. The bond order of the molecule is 


Number of (bonding — antibonding) electrons 


Bond order 


=f=1 


Hence, the lithium atoms are bonded together by a single bond. 


Be; Molecule 


The beryllium molecule contains a total of four valence electrons; two 
from each atom. These electrons will be assigned to molecular orbitals 
92s and o*2s, each containing two electrons with opposite spin, i.e. 
two electrons are present in the bonding molecular orbital whereas two 
electrons are present in its counterpart antibonding molecular orbital 
(Fig. 6.23). The stability achieved by putting two electrons in the 
bonding molecular orbital is annulled by putting two electrons in the 
antibonding orbital with the result that no decrease in energy takes 


place during its formation, Moreover, the bond order of the molecule 
is 


Number of (bonding — antibonding) electrons 
Bond order 


2 


Lft5120 


Hence, the beryllium molecule is expected to be not stable. Experi- 


mentally, it is found to be so, i.e. the molecule Be; does not exist in 
nature. 
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B, Molecule 

The boron molecule contains six valence electrons; three from each 
atom. The first four electrons occupy o2s and o*2s and the other 
two electrons will be assigned to o2p orbital (Fig. 6.23). The bond 
order of the molecule is 1 


Number of (bonding — antibonding) electrons 
2 


Bond order = 
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Fig. 6.23 Electronic configurations of diatomic molecules from Li: to Nes 


C; Molecule 

The dicarbon contains eight valence electrons, four from each atom. 
Out of these, two electrons go to o2s, two to o*2s and two to o2p 
orbitals. The remaining electrons will be assigned to 72p, and 72py 
orbitals, each containing one electron as these are degenerate orbitals 
(Hund’s rule). The bond order of the molecule is 


ing — antibonding) electrons 
fond sidan Number of (bonding ; antibo ) 


Out of these bonds, one will be of o nature and the other of 7 nature. 
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N, Molecule 

The molecule of nitrogen contains 10 valence electrons, five from each 
atom. The first eight electrons occupy molecular orbitals as in the case 
of C, molecule. The remaining electrons will go to 72p, and 72py 
orbitals (Fig. 6.23). Hence, its bond order is 


Bond orders Number of (bonding 3 antibonding) electrons 


28-216. 
iu. -2573 


2 


that is, the two nitrogen atoms are attached together by a triple bond, 
out of which one is c and two are 7 bonds. The nitrogen molecule 
contains maximum number of bonds between its atoms. Thus, it is 
quite stable with maximum bond energy. 


O, Molecule 

The molecule of oxygen contains 12 valence electrons, six from each 
atom. The first 10 electrons occupy molecular orbitals as in the case 
of N; molecule. The other two electrons will go to antibonding 7*2p, 
and 7*2p, orbitals, each containing one electron as tnese are degen- 
erate (Fig. 6.23). Hence, its bond order is 


Bond ord em Number of (bonding 3 antibonding) electrons 
8—4 


4 

-————2-—2 
2 2 

that is, the two oxygen atoms are attached together by a double bond. 

The molecule contains two unpaired electrons, hence it is. expected to 

be paramagnetic. Experimentally too, it is found to be so, 


F, Molecule 

The fluorine molecule contains 14 valence electrons, each atom contri- 
butes seven electrons. The first 12 electrons are distributed like in the 
oxygen molecule. The last two electrons will go to 7*2p, and m*2py 
orbitals to complete the quota of two electrons in each orbital (Fig. 
6.23). The bond order of the molecule is 


Number of (bonding — antibonding) electrons 
2 


Bond order = 


that is, the two fluorine atoms are attached together by a single bond. 


Neon Exists as only Atoms 


If we consider the neon molecule (Ne), we find that it will have 16 
valence electrons. The first 14 electrons will be distributed as in the 
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case of fluorine molecule. The last two electrons will go to o*2p orbit- 
al (Fig. 6.23). The bond order of the molecule will be 


Bond order — Number of (bonding s antibonding) electrons 


8-8 


alt Pao 


2 


that is, there exists no bond formation between neon atoms. In other 
words, neon atoms are not expected to form the neon molecule and 
exist only as atoms. 


The charge in molecular characteristics like bond length and disso- 
ciation energy of homonuclear diatomic molecules can be correlated 
with the change in bond order as one goes from one molecule to the 


other. Table 6.4 describes these characteristics along with bond orders 
of molecule from H, to F;. 


Table 6.4 Correlation of bond lengths and dissociation energies with bond 


orders 
Molecule Number of valence Bond Bond Dissociation 
electrons in order length|pm ^ energy/kJ mol 


bonding antibonding 
orbital ^ orbital 


Lis 2 0 1 267 110.0 

Bey 4 2 1 159 289.5 + 48.2 
Ca 6 2 2 124 598.2 

N: 8 2 3 109 941.7 

0: 8 4 2 121 490.2 

Fy 6 1 


144 154.4 + 33.8 


From the data in Table 6.4, we find the following facts. 

1. Bond length is inversely related to bond order. This is expected 
as the bond length decreases with the increase in the number of bonds 
between the atoms. 

2. The dissociation energy follows the same pattern as that of bond 
order. This is expected as the bond becomes more stable with an in- 
crease in the number of bonds between the two atoms, 


(p SERRA 
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6.6 RESONANCE 


The structure of sulphur dioxide may be represented as 


in which each atom has eight electrons around it (octet rule). In the 
structure, there is one double bond and one single bond. It means that 
their bond lengths are different (double bond is shorter than single 
bond because of more complex bonding involved in the former). Ex- 
perimentally it has been found that both S and O linkages are of the 
same length. Moreover, from the given structure, it may be concluded 
that one oxygen is more negative than the other. It is, however, found 
that both the O atoms are equivalent. To explain such type of struc- 
tures, the concept of resonance is introduced. The molecule is said 
to be a resonance hybrid of the following two structures, (a) and (b) 
(known as resonance structures or canonical forms): 


SM Px 
—— 
o? o o o0 


(a) (b) 


The actual structure is in between the two forms. The sign +> repre- 
sents the resonance between the two resonance structures. This con- 
cept is particularly useful in explaining the structures of unsaturated 
compounds in organic chemistry. Another example of resonance struc- 
ture is given below. 


79s -—— s 
o (0) o o 


Fig. 6,24 Resonance structure of ozone, Os 
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EXERCISES 


1. (a) Taking a suitable example, explain the formation of a covalent bond 
as suggested by G.N. Lewis. 
(b) What are the essential criteria of forming a covalent bond? 
(c) Draw the Lewis structures for Fs, PHs, SiCl,, H:S and H:O: mol- 
ecules. 


2. What do you understand by the term polar covalent bond? Illustrate 
your answer with a suitable example. 

3. What do you understand by the dipole moment of a molecule? How does 
it arise and what is its unit? 

4. The dipole moment of a molecule is helpful in ascertaining its molecular 
geometry. Discuss this by taking the examples of CO», BCls, CH; and 
SFs. 

5. What do you understand by the term electronegativity of an atom? How 
is it measured? 


6. Taking a suitable example, explain the formation of a coordinate bond. 


7. What do you understand by an ionic bond? Explain this by taking the 
example of sodium chloride. 


8. What type of bond exists between the following types of atoms? 
(a) electropositive atom and electronegative atom 
(b) electronegative atom and electronegative atom 
(c) electropositive atom and electropositive atom 
9. Explain the term metallic bond. Explain the following properties of 
metals in terms of metallic bond. d 
(a) high thermal and electrical conductivity 
(b) malleability and ductility 
(c) shiny appearance 
(d) wide variation in melting point 
10. What is the correlation between melting point and the strength of the 
metallic bond? What is the effect of temperature on the electrical conduc- 
tivity of metals? 


11. Describe the main characteristics of covalent bonded solids and compare 
these with those of an ionic-bonded solid. 

12. Give a brief account of the VSEPR theory, What are the geometries of 
molecules in which the central atoms have two, three, four, five and six 
pairs of electrons, respectively? Give at least one example of each. 

13. Describe the essential features of valence-bond theory, 

14. Draw a schematic plot depicting the variation of potential energy of 
interaction of two hydrogen atoms with the distance between the two 
atoms, Give a brief account of the typical characteristics of this curve. 

15. What is an overlap of orbitals? How does it account for the stability of 
the bond between the two atoms? 


16. 


17. 


25. 
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Give an example for each of the following types of orbital overlap. Also 
sketch the corresponding diagram leading to the bond formation. 

(a) s-s orbital overlap 

(b) s-p orbital overlap 

(c) side-ways p-p orbital overlap and 

(d) end-to-end p-p orbital overlap. 

What do you understand by hybrid orbitals? By taking suitable examples, 
explain the concepts involved in 

(a) sp hybridisation 

(b) sp? hybridisation, and 

(c) sp? hybridisation. 


. What do you understand by the term molecular orbital? What is the 


method of linear combination of atomic orbitals to build a molecular 
orbital? How does it differ from the valence-bond method? 


. Write the electronic configurations of Hz, Lis, Bs, Cs, Ns, Os and F: 


molecules in the molecular orbital framework. 


. What is bond order? How is it related to the bond distance and bond 


dissociation energy of the bond? 


. From the molecular orbital viewpoint, explain why the molecules Hes, 


Be: and Ar are not formed. 


. Explain the bonding involved in the water and ammonia molecules from 


the viewpoint of orbital overlap involving (a) pure atomic orbitals and 
(b) hybrid orbitals of oxygen and nitrogen atoms. 


. One of the successes of the molecular orbital theory is that it can explain 


the paramagnetic behaviour of oxygen molecule. Comment upon this. 


. Explain the following facts from the molecular orbital viewpoint. 


(a) Hz is more stable than Hy. 
(b) Ha has a shorter bond length than Hj. 
(c) He, is not stable but Hef has been observed experimentally. 
(d) Be: is not found to exist in nature. 
(e) The oxygen molecule has larger bond distance than nitrogen mol- 
ecule. 
(f) The bond dissociation energy of nitrogen is larger than that of 
oxygen. 
(g) The dissociation energy of Hf is almost the same as that of Hey 
(h) N£ is a paramagnetic substance. 
(i) In going from Nz to Nj, the bond energy weakens and bond length 
increases. 
(j) Oxygen is a paramagnetic substance. 
(k) In going from O: to OF, the bond energy increases and bond length 
decreases. 
You are given the electronic configurations of four neutral atoms—A, B, 
D and E. 
A 1s*, 2s?, 2p*, 3s? 
B 1s?, 2s*, 2p*, 3s! 
D 1s? 2s?, 2p* 
E 1s%2s%, 2p* 
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26. 


27. 


(a) Write the empirical formula for the substances containing (i) A and 

D, (ii) B and D, (iii) only D, and (iv) only E. 
(b) What type of bonding exists between (i) A and D, (ii) B and D, (iii) 

B and B, and (iv) D and D. 

[Ans. (a) (i) AD», (ii) BD, (iii) D» (iv) E 
(b) (i) ionic, (ii) ionic, (iii) metallic, (iv) covalent] 
The molecule of CO: has a zero dipole ‘moment whereas SO: has a net 
dipole moment. What are the geometries of these molecules? 
(Ans. CO: linear, SO: nonlinear) 


What do you understand by resonance? Write down the resonating 
structures of (a) SOs, (b) CO$-, and (c) benezene. 


Multiple-Choice Questions 


Tick (^) the correct choice. 


is 


6. 


How many bonded electron pairs are present in SF; molecule? 


(a) 2 (b) 4 
(c) 6 (d) 8 


. Which of the following molecules does not follow the octet rule? 


(a) Cla (b) NaCl 
(c) BCls (d) MgCls 


. According to the VSEPR theory, what will be the arrangement of lone 


pairs of an atom containing a total of four such pairs? 


(a) linear (b) tetrahedron 
(c) octahedron (d) square planar 


. Hybridisation involves 


(a) the mixing up of atomic orbitals centred"on different atoms 
(b) the mixing up of atomic orbitals centred on the same atom 
(c) removal of an electron pair 
(d) addition of an electron pair 


. Ethyne molecule contains 


(a) 5 o bonds 

(b) 4 o bonds and 1 7 bond 
(c) 3 0 bonds and 2 7 bonds 
(d) 2 o bonds and 3 7 bonds 


The bonding of S with Cl in SCl, molecule involves 

(a) sp orbitals (b) sp? orbitals 

(c) sp* orbitals (d) pure orbitals 
. The bond order of Os molecule is 

(1 (b) 2 

(c) 2.5 (d) 3 


The number of molecular orbitals obtained by mixing one atomic orbital 
from each of the two atoms is 

(a) 1 (b). 2 

(c) 3 (d) 4 
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9. Molten sodium chloride conducts electricity because it contains 


(a) free electrons (b) free ions 
(c) free molecules (d) free atoms 
10. Which of the following molecules has zero dipole moment? 
(a) NHs (b) SO; 
(c) COs (d) H:O 


Answers (Multiple-Choice Questions) 


1, (c) 2. ©) 3. (b) 4. (b) 5. (c) 
6. (c) 7. (b) 8. (b) 9. (b) 10. (c) 
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Carbon is one of the most familiar elements. It ranks seventeenth 
in order of abundance among the elements present in the earth's crust. 
It is so important to human life that it can be placed at position one. 
Carbon compounds are found in all living things. Carbohydrates, 
proteins, fats and oils all contain carbon. Itis one of the most 
important elements known today and forms several million. com- 
pounds. The number of carbon compounds is larger than the com- 
pounds formed by other elements. 

Allliving systems contain several types of compounds of carbon. 
Life would be impossible without carbon and its compounds. 


7.3 ELEMENTAL CARBON 


Carbon occurs in nature in both the free and combined states. In the 
free state it is found in the crystalline as well as amorphous forms. 
While in the crystalline form it occurs as diamond and graphite, in the 
amorphous form it is found as coal. In the combined state it occurs in 
the atmosphere as carbon dioxide to the extent of about 0.3-0.47;. It 
is present in rocks as carbonates of calcium, magnesium, etc. It is 
one of the main constituents of petroleum and natural gas. It is also 
found in all substances of animal and vegetable origin (it is present 
in carbohydrates, fats and oils and proteins) in the combined state. 


Allotropic Modifications of Carbon ` 


Carbon exhibits allotropy because it exists in different forms like dia- 
mond, graphite, coke, coal, carbon black, lamp black, bone charcoal, 
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petroleum coke, etc., which have different physical properties but the 
same chemical properties. (When any of these forms is strongly heated 
in air it gives carbon dioxide.) 

The various allotropic modifications of carbon can be grouped under 
two types—the crystalline form which includes diamond and graphite 
and the amorphous (without definite shape) form which includes coke, 
coal, carbon black, lamp black, bone charcoal, petroleum coke, etc. 
In fact, all the amorphous varieties of carbon contain microcrystals 
of graphite. 


Crystalline Allotropes of Carbon 


Diamond and graphite are the only crystalline allotropes of carbon as 
they have a definite shape throughout. 


Diamond 

It is the purest and hardest form of carbon which occurs naturally. 
Each carbon atom is surrounded by four other carbon atoms at an 
angle of 109° 28’ and is present at one of the vertices of a regular 
tetrahedron (Fig. 7.1), thus making it a giant molecule. The four 
covalent bonds formed by neighbouring carbon atoms utilize the four 
valence electrons which are present on each carbon atom. 


e-c 


154p. 


Fig. 7.4 Structure of a part of diamond crystal 


Properties of Diamond 

l. It is very hard because of the uniformity of the carbon-carbon 
covalent bond. 3 

2. Its density is very high (3.51 g/cm?) as the C—C bond length is 
very small. 

3. Because of the strong C—C bonds, it does not melt. 


4. It vaporises at 3773 K. 
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5. It possesses a very high refractive index (2.45). j 

6. It does not conduct electricity as all the four valence electrons 
are used up in forming covalent bonds with other carbon atoms. 

7. It is insoluble in all ordinary solvents. 

8. Itis inert and burns in oxygen only at red heat (1173 K) giving 
carbon dioxide. 

9. It is not attacked by acids and alkalies. 

10. It reacts with flourine at high temperatures forming carbon 

tetrafluoride (CF4). 


Uses of Diamonds 

1. Because of their hardness they are used in cutting instruments 
such as glass cutters and drilling equipment. 

2. Diamond dies are used for drawing thin wires. Very thin tung- 
sten wires of diameter less than one-sixth the diameter of human hair 
have been drawn. 

3. They are also worn as jewellery because of their ability to reflect 
and refract light. 


Graphite 
It occurs naturally and is also manufactured artificially from coke in 
an electric furnace. Its structure is very different from that of dia- 
mond. It has four valence electrons of 
which only three form covalent bonds 
with three other carbon atoms, forming 
hexagonal rings which form thin sheets of ` 
one atom thickness. The structure of 
graphite crystals is shown in Fig. 7.2. This 
structure shows that all four valence elec- 
trons are not used up in the formation 
of covalent bonds. One electron of each 
of the atoms is free, which makes these 
thin sheets slide over one another. This 
structure also accounts for the lubricating 
power and softness of graphite. Thin sheets 


of graphite are held up by weak attractive e-c 
forces. 

Fig. 7.2 Structure of a part 
Properties of Graphite of a graphite crystal 


1. It is a dark, opaque substance. 

2. It is very soft and is greasy to touch because there are no cova- 
lent bonds between the adjacent planes. 

3. Its density is 2.25 g/cm’, 

4. It is a good conductor of heat and electricity because of one free 
electron in each carbon atom. 

5. Although a nonmetal it has got a metallic lustre. 

6. It is insoluble in ordinary solvents. 
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7. it burns in air at 970 K to 1070 K giving carbon dioxide, 
8. It is not attacked by acids (except nitric acid) and alkalies. 


Uses of Graphite 

1. Graphite is used as a dry lubricant. 

2. For making crucibles for the casting of metals. 

3. For making electrodes in electric furnaces. 

4. In making ‘lead’ pencils. 

5. For making a nonconducting surface, a conductor of electricity 
in electroplating and electrotyping—wax or plaster models are dusted 
with graphite so that they can be metal-plated electrolytically. 


7.2 CARBON COMPOUNDS 


Compounds of carbon can be broadly classified as organic and inorga- 
nic compounds. Compounds of carbon with elements like oxygen, 
nitrogen and metals are known as inorganic compounds of carbon. 
For example, CO, CO», carbonates, bicarbonates, cyanides, metal 
carbides, etc. 

Compounds of carbon and hydrogen and their derivatives are known 
as organic compounds. Most organic compounds have a carbon-car- 
bon bond. 


Inorganic Compounds of Carbon 


Carbon forms binary compounds with oxygen, halogen and electro- 
positive elements to give oxides, halides and carbides respectively. 
Carbonates and bicarbonates are the salts of carbonic acid (H,CO;). 
Carbonic acid is an unstable compound and readily decomposes to 
give carbon dioxide and water. 


Oxides of Carbon 

When carbon reacts with oxygen two oxides are formed—carbon mon- 
oxide (CO) and carbon dioxide (CO;). Carbon monoxide is formed 
when carbon is heated in a controlled supply of oxygen. 


2C + 0, — 2CO 
If carbon is heated in excess of air (oxygen), carbon dioxide is formed. 
C + O, — CO; 


Carbon Monoxide It can be prepared by any of the following 
methods: 

1. By the oxidation of carbon When carbon is heated in a limited 
supply of oxygen, carbon monoxide is formed. 


2C + 0, — 200 
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2. By the reduction of carbon dioxide Carbon monoxide is formed 
when carbon dioxide gas is passed over heated carbon. 
CO; + C — 2CO 


3. By the reduction of metallic oxides Carbon monoxide is formed 
when metallic oxides like zinc oxide, iron oxide, etc., are heated with 
carbon. 


ZnO + C —— Zn + CO 
Fe,0; + 3C —— 2Fe + 3CO 


4. By the dehydration of formic acid Formic acid (HCOOH) when 
heated with concentrated sulphuric acid gives carbon monoxide 


conc. H3SO, 
HCOOH — — C 


—Hu' 

5. By heating oxalic acid or oxalates with concentrated sulphuric 
acid When oxalic acid (HOOC—COOH) is heated with concentrated 
ae acid, a mixture of carbon dioxide and carbon monoxide is 

ormed. 


COOH conc. H;SO,, heat 
————-—-—-* CO + CO, 


COOH —H:0 
Carbon monoxide is freed from carbon dioxide when the mixture of 
gases is passed through a concentrated solution of sodium hydroxide 
(sodium hydroxide absorbs carbon dioxide). 
This method is used for preparing carbon monoxide gas in labo- 
ratory. 
Properties and uses of Carbon Monoxide. 
i As $ fuel in the form of producer gas (N; + CO) and water gas 
(+ C 
2C + (2, + 4N;) ——> 2CO + 4N, 
air) (producer gas) 


Cc is ——> CO + H, 
(water gas) 


2. In the manufacture of synthetic petrol and methanol. 


Heat 
CO --2H, — CHOH 
Catalyst methanol 


3. In metallurgy as a reducing agent. 


Note Carbon monoxide gas is very poisonous. Even 1 part of it in 2,000 parts 
of air causes death in about four hours. 
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Fe,0; + 3CO —— 2 Fe + 3CO; 


4. In metallurgy of nickel for its purification. 


5. In the manufacture of phosgene (COCI;), used in warfare and 
the dye industry. 


Sunlight 
CO + Cb ———-- COCI, 
6. In the manufacture of formic acid and formates. 
CO + NaOH ——-- HCOONa 


Carbon Dioxide Carbon dioxide can be prepared by any of the 
following methods: 
1. By the oxidation of carbon When carbon is heated in excess of 
air, carbon dioxide is formed. 
C + 0; —» CO; 


2. By heating heavy metal carbonates Metal carbonates like magne- 
sium carbonate, calcium carbonate, etc., when heated give carbon 
dioxide. 


" Heat 
MgCO; ——> MgO + CO; 


3. By heating alkali metal bicarbonates Alkali metal bicarbonates 
on heating form carbon dioxide. 


Heat 
2NaHCO; ——> Na;CO; + H20 + CO; 


4. By the action of dilute acids on bicarbonates Bicarbonate salts 
when treated with dilute acids, form carbon dioxide. 


2NaHCO; + H;SO, —-> Na,SO, + H20 + 2CO; 


5. By the action of dilute acids on carbonates Carbonates are de- 
composed by dilute acids forming carbon dioxide, 


Na,CO; + H;S0, ——> Na,SO, + H,0 +CO, 
CaCO; + 2 HCl —- CaCl, + H,0 + CO; 


In the laboratory, carbon dioxide is generally prepared by the action 
ar dilute hydrochloric acid'on marble chips (calcium carbonate 
aCO;). 


Physical properties of carbon dioxide 

1. It is a colourless gas. 

2. It possesses a faint pungent odour. 

3. Itis about 1.5 times heavier than air. ! 

4. It dissolves in water under pressure. Its solubility increases on 
increase of pressure. Soda water and other aerated soft drinks like 
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soda, campa cola, limca, etc, are the solutions of carbon dioxide in - 


water under pressure. (Some sweetening, flavouring and colouring 
agents are also added.) 

“5. It is not poisonous. (It is fatal in the absence of oxygen). 

6. It can be easily liquefied under pressure and solidified. Solid 
carbon dioxide is known as dry ice. Dry ice on heating is directly con- 
verted into gas. 


Table 7.1 Some physical properties of CO and CO; 


: 


Property Carbon Carbon dioxide 
monoxide (CO) (CO:) 
Melting point 68 K 216.4 K (at 5.2 atm) 
Boiling point 81.5K 194.5 (sublimes) 
Density, e/g dm ^? at 273 K 1.250 1.977 
Carbon-oxygen bond length, //pm 112.8 116.3 


AHi[kJ mol-* —110.5 —393.5 


Chemical Properties of Carbon Dioxide 


1, Incombustible and nonsupporter of combustion It .is very stable 
and inert. It is neither combustible nor it is a supporter of combus- 
tion, but some active metals like magnesium continue to burn: 


2 Mg + C0; — 2MgO + C 


2. Reduction Tt is reduced to carbon monoxide when passed over 
red hot coke, 


CO, +C — 2CO 
3. Acidic nature It dissolves in water forming carbonic acid. 


CO, + H50 —> H;CO; 
(carbonic acid) 


and, hence, turns moist blue litmus paper red and neutralises alkalies 
to give two salts—normal salts (carbonate) and acid salt (bicarbonate). 


2. NaOH + CO; —— Na,CO, + HO 
Na,CO; + H,O + CO, —> 2 NaHCO, 


4, Action with lime water The gas when bubbled through lime 
water, Ca(OH), turns it milky due to the formation of insoluble cal- 
cium carbonate. 


Ca(OH), + CO; ——— nO; HO 
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When more carbon dioxide is bubbled through it, the milkiness dis- 
appears due to the formation of water soluble calcium bicarbonate. 


CaCO; + H20 + CO; —~-+ Ca(HCO;), 


milky water soluble 


If the above clear solution is heated, the milkiness reappears because 
calcium bicarbonate decomposes and forms calcium carbonate again. 


Heat 
Ca(HCO;), —- CaCO; + H20 + CO; 


(This is used as a test for the presence of carbon dioxide.) 
5. Action with basic oxides Being an acidic oxide it reacts with 
basic oxides like sodium oxide and calcium oxide to form salts, 


Na,O + CO; —-> Na;CO; 
CaO + CO, —— CaCO; 


6. Photosynthesis Chlorophyll, the green colouring matter in 
plants, converts carbon dioxide into glucose, starch and cellulose in 
the presence of sunlight. This process is known as photosynthesis, 


Chlorophyll 
—-* CoH 1206 + 60; 
Sunlight glucose 
Chlorophyll 
6xCO; + 5 xH;O ——— => (CoH 00s), + 6x0; 
Sunlight starch or 
cellulose 


6CO, + 6H,0 


This process purifies air by removing carbon dioxide and giving out 
oxygen or it can be said that it is the reverse process of respiration 
where oxygen is taken in and carbon dioxide is given out. 

Uses of Carbon Dioxide 
l. In the manufacture of carbonated water, for example, soda 
water. 

2. Solid carbon dioxide (dry ice) is used in refrigeration. 

3. For extinguishing fires. 

4. In the manufacture of sodium carbonate and sodium bicarbonate 
by Solvay’s process. 

5. Plants inhale carbon dioxide during day time. 

6. Carbogen (a mixture of oxygen with 5-10% carbon dioxide) is 


used for artificial respiration by pneumonia patients and in case of 
carbon monoxide poisoning. 


Carbonic acid Carbonic acid (H,CO,) is a solution of carbon dioxide 
dissolved in water. It is a dibasic acid as it has two replaceable hy- 
drogen atoms. It forms two series of salts like hydrogen carbonates 
(bicarbonates) HCO;, and carbonates CO}. For example, sodium 
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bicarbonate NaHCO; aud sodium carbonate Na;CO; are the salts of 
sodium hydroxide and carbonic acid. 


NaOH + H;CO; ——> NaHCO; + H,0 
NaOH + NaHCO, ——- NaCO; +H,0 


In aqueous solution both carbonates and bicarbonates are alkaline 


due to hydrolysis, 
CO} + H,O ——> OH- + HCO; 
HCO; + HO —> OH- + H,CO; 


Some salts of carbonic acid are commercially important. For exam- 
ple, washing soda (NazCO;-10H,0), K3CO;, CaCo,, NaHCO, (bak- 
ing soda), etc. 

Carbonates of several metals are known, but only alkali metals 
form bicarbonates. Bicarbonates of calcium and magnesium exist 
only in aqueous solution, Bicarbonates of calcium and magnesium are 
responsible for temporary hardness, 


Halides 

Compounds of carbon and halogen are known as halides. All the four 
tetrahalides of carbon are known, for example, CF4, CCly, CBr, and 
Ch, mixed halides like CFCl;, CF5Cl, and CCIjBr are also known. 
Compounds of carbon with chlorine and fluorine are inflammable, 
chemically inert and are gases or low boiling liquids. Halides of carbon 
find a variety of uses in industry. For example, carbon tetrachloride 
(CCL) is used as a solvent and as a fire extinguisher, while CF,Cl, is 
used in a refrigerant. 


Carbides 


CaC, + 2 H,O ——> CH, + Ca(OH), 
calcium acetylene 
carbide 


7.3 ORGANIC CHEMISTRY AS THE CHEMISTRY 
OF ORGANIC COMPOUNDS 


Organic chemistry is a branch of chemistry which deals with the com- 
pounds of carbon. About 150 years ago, matter was classified as 
Inorganic and organic depending upon the source. The matter which 
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was obtained from minerals was called inorganic and the matter ob- 
tained from living systems, such as animals, plants, etc., was called 
organic. It was Lavoiser (1743-1794) who showed that all organic 
compounds contain carbon, hydrogen and frequently oxygen and nitro- 
gen. Organic compounds had several typical properties, such as low 
melting points and combustibility, which were quite different from 
compounds obtained from minerals. 


Vital Force Theory 


Berzelius (1779-1846), a Swedish chemist, proposed that organic com- 
pounds are only produced by animals and plants. They have a myste- 
rious or some vital force which enables them to synthesize organic 
compounds. Organic compounds cannot be synthesized in the labora- 
tory as the apparatus do not have the vital force needed to synthesize 
organic compounds. The vital force theory had no scientific logic but 
was widely believed till a few organic compounds were synthesized in 
laboratories from inorganic compounds. 

In 1828, a German chemist, F Wholer synthesized urea from ammo- 
nium cyanate which is an inorganic compound. 


Heat 
NH,CNO ——-> N;N:CO-NH; 
ammonium urea 
cyanate 


Later,more organic compounds were synthesized. For example, 
me acid was synthesized from carbon and hydrogen by Kolbe in 
1845. 


H:S0,/H:0 [o] 
2C + H —> CH=CH — CH;CHO ——> CH;COOH 
H3504 


Oxalic acid was synthesized from cyanogen (CN); which is an in- 
organic compound. 


CzN COOH 
| --4E,0 — | + 2 NH; 
C=N COOH 
cyanogen oxalic acid 


Now, thousands of organic compounds of plant and animal origin 
have been synthesized in laboratories, without the help of the vital 
force. Therefore, as such there is no difference in organic and inorgan- 
ic compounds. However, this classification is still used and the com- 
pounds of carbon are called organic compounds. However, com- 
pounds, such as carbonates, bicarbonates, carbon monoxide, carbon 
dioxide, etc,, though containing carbon, are not included as organic 
compounds, 
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Organic Chemistry as a Separate Branch of Chemistry 


Compounds of carbon are treated 4s a separate class because there 
are several properties which make them quite different from the com- 
pounds of other elements. Therefore, these are studied separately as 
organic compounds. Some of the properties which make them different 
from the compounds of other elements are: 

1. Large number The number of organic compounds is very large, 
more than a million. It is much more than the compounds of all other 
elements put together. 

2. Fewer constituent elements Organic compounds are formed 
from a smaller number of elements, such as carbon, hydrogen, oxygen, 
nitrogen, sulphur, phosphorus, etc. 

3. Catenation It is a property possessed by a carbon atom to link 
with another carbon atom, forming long chains and rings of different 
sizes. This is the reason why carbon forms a large number of com- 
pounds. 

4. Covalent nature Organic compounds are formed by covalent 
linkages. For this reason organic compounds have low melting and 
boiling points. Organic compounds have low solubility in polar sol- 
vents but are soluble in organic (nonpolar) solvents. à 

5. Inflammability Most organic compounds are inflammable while 
inorganic compounds are noninflammable. 

6. Slow reaction When organic compounds reacts with other com- 
pounds or reagents, their reactions are quite slow and form several 
Side-products. That is why yields of organic reactions are generally low. 

7. High molar mass Many of the organic compounds have a very 
high molar mass. 

8. Less stable Most organic compounds are less stable and de- 
compose on heating. s. 

9. Isomerism The phenomenon of isomerism is quite common in 
organic compounds. Isomerism is the phenomenon of the existence of 
different compounds having the same molecular formula. 

10. Homologous series Organic compounds form well-defined groups 
of compounds having similar properties, the same functional group 
and the same general formula. The next group in the homologous 
series contains one CH, group more than the previous one. ; 

The members of a homologous series can be prepared by their gen- 
eral methods of preparation. These show a regular gradation in their 
physical properties, such as melting point, boiling point, solubility, 
density, etc. 

By studying one member of homologous series, one can know 
methods of preparation and properties of all other members of the 
series. It makes the study of organic chemistry easy and simple, 
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7.4 NOMENCLATURE OF ORGANIC COMPOUNDS 


LJ 


Farlier, names were given to organic compounds on the basis of their 
history or the source from which they were obtained. For example, 
wood spirit was the name given to methyl alcohol as it was obtained 
by the destructive distillation of wood. Similarly, acetic acid derives 
its name from the Latin origin, acetum, meaning vinegar (which means 
containing acetic acid). Such names are called common names or tri- 
vial names. 

Common names generally do not indicate the structure of the com- 
pound. Moreover, the same compound may be called by different 
names by different chemists. With time, the number of known organic 
compounds increased to over a million. Therefore, there was a need 
for systematizing the nomenclature of organic compounds. 

An international conference was held in Geneva, in 1892, for evol- 
ving a systematic method for naming organic compounds. This method 
is referred to as the Geneva System. This was later improved by the 
International Union of Chemists (IUC) and International Union of 
Pure and Applied Chemists (IUPAC). The IUPAC laid down rules 
for naming organic compounds and also. revised the rules from time 
to time, if the need arose. 


Hydrocarbons 


Compounds of carbon and hydrogen are called hydrocarbons. They 
are classified as saturated and unsaturated hydrocarbons. Saturated 
hydrocarbons have only carbon-carbon single bonds. Saturated hydro- 
carbons are known as paraffins (latin word meaning little affinity) and 
their IUPAC name is alkanes. Unsaturated hydrocarbons are those 
which have at least one carbon-carbon double or a triple bonds. Alke- 
nes and alkynes are unsaturated hydrocarbons. Hydrocarbons are 
classified as straight chain, branched chain or cyclic hydrocarbons 
depending upon the nature of the skelton of carbon atoms. 


Nomenclature of Alkanes 


Alkanes or paraffins are saturated hydrocarbons. The general formula 
of alkanes is C,H;,,:2 where (n = 1,2,3,..., and so on). In alkanes 
the carbon-carbon linkage is through a single bond. 

In the homologous series of alkanes each member differs by a-CH; 
group from its next or previous member. These have the same. general 
formula (C,H;,.;). The chemical properties of alkanes are quite simi- 
lar and their physical properties show a gradation. Each individual 
member of a homologous series is called a homologue. 


Representation of a Molecule 


A compound may be represented by different types of formulae. For 
example, molecular formula, structural formula, graphic formula, etc. 
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For example, propane can be represented as: 


He D] 
C;Hg CH;—CH,—CH; Jue eur 
| 
H HH 
Molecular Structural Graphic formula 


formula formula 


The Straight-Chain Alkanes 

In straight-chain alkanes, carbon atoms are linked to each other in a 
straight fashion or head-to-tail linkage. Names of such alkanes end 
in “-ane”’, The prefix in the name of an alkane indicates the number 
of carbon atoms in the alkane. The prefixes of alkanes CH, to C4Hio 
are derived from older common names (Table 7.2). 


Table 7.2 IUPAC names of some alkanes 


Molecular Number of IUPAC name 


formula carbon atoms 

CH4 1 methane 
C:He 2 ethane] 
C;Hs 3 propane 
CiHio 4 butane 

CsHis 5 pentane 
CsHi4 6 hezane 

C:Hie 7 heptane 
CiHis 8 octane 

C3H0 9 nonane 

CioHa2 10 decane 


In branched alkanes, all the carbon atoms are not present in a linear 
portion. Some may be present as a branch to the main (parent) chain. 
Such compounds are also alkanes as they have the same general 
formula C,H»,,;. 

In order to name such alkanes, names of suitable alkyl groups are 
added before the name of the straight chain alkane. An example of a 
branched-chain alkane is; - 


Cee ENSE E 
CH; CH; 
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Alkyl Groups Alkyl groups are monovalent radicals. They are deriv- 
ed from alkanes by the removal of a hydrogen atom. In general, 
alkyl groups are represented as R—(where R—H is the alkane). 

The formulae of some common alkyl groups and their names are 
given in Table 7.3 


Table 7.3 Some common alkyl groups 


Formula Name 
CHs— methyl 
CH,CH:—or C2Hs— ethyl 
CH;CH:CH:—or C3H;— normal propyl 
or n-propyl 

CHa, ! 

JOR isopropyl 
CH: 
CH;CH:CH3CHa—or C;H;— normal butyl 

or n-butyl 

CH 

"ye-cu— isobutyl 
CH’ | 

H 

CH; 

~~ 
CH;—C— tertiary butyl 

7 or tert-butyl 
CHs 

H 

cmon- secondary butyl 


or sec-butyl 
CH: 


Rules for the IUPAC System of Nomenclature 


The rules are as given below: 

1. Longest chain rule The longest continuous chain of carbon 
atoms is selected as the parent hydrocarbon. The compound is named 
as a derivative of the parent hydrocarbon. For example, out, of the 
following two ways of numbering, second one is correct as it involves 
more long carbon chain. 


1 2 3 4 ej 6 p 
GHI CH OH oH EE wrong 
CH; 


| 
CH; 
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3 4 5 6 7 
hugs 5 sata Rien Sena ata tight 
2 p 
1 CH; 

2. Lowest number rule The parent carbon chain is numbered in 
such a way (beginning from either end)so that the other side-chains 
or substituents linked to the parent carbon chain are indicated by the 
lowest possible number. For example, II is correct as the methyl sub- 
stituent gets numbered 2, but I is incorrect as it is 4. 

1 2 3 4 5 
Vii Mene CHE OBS I (wrong) 


CH; 

S X04 073 QURE 
CH;—CH;—CH,—CH—CH; H (right) 

j CH; 


IUPAC names are assigned to alkanes by adding the suffix “-ane” 
to the root name of the parent hydrocarbon (Table 7.4). The side 
chains and substituents are also indicated by their names. 


Table 7.4 Root name and name of the corresponding hydrocarbon 


Number of carbon atoms Root Corresponding 
in parent chain name alkane 
1 meth methane 
2 eth ethane 
3 prop propane 
4 but butane 
5 pent pentane 
6 hex hexane 
7 hept heptane 
8 oct octane 
9 non nonane 
10 dec decane 


Carbon and its Compounds 243 


3: Suitable prefix Incase there are two or more identical substi- 
tuents, a suitable prefix, di-(for two) and tri-(for three), is placed be- 
fore the name of the compound, e.g. 


CH; 
1 ET N E 1 |2 3 4 
CH;—CH—CH-—CH; CH;,—C—CH;—CH; 
CH; CH; CH; 
2, 3-dimethylbutane 2, 2-dimethylbutane 


4. Alphabetical order In case there is more than one different sub- 
stituent, then the names of the substituents are written in alphabetical 
order, e.g. 3-ethyl-2-methylpentane. The following two examples are 
wrongly named. 


1 2 3 4 5 5 4 3 2 1 
CH;—CH;—CH-—CH-—CH; CH DIU FREUT 


C;Hs CH; C,H; CH; 
3-ethyl-4-methylpentane 2-methyl-3-ethylpentane 
(wrong because lowest (wrong because alphabetical 
number rule ignored) order rule ignored) 


Problem 7.1 Name the alkane 
CH;—CH—CH,—CH—CH, 


CH; CH; 


There are five carbon atoms in the longest chain. So it will be 
named after pentane. Carbon 2 and 4 have one methyl group each. 
So it is a dimethylpentane. The methyl groups are positioned at car- 
bon atom number 2 and 4. Thus its IUPAC name will be 2, 4-dime- 
thyl pentane 

1 2 3 4 5 " 
CH;—CH—CH,—CH—CH, if 
CH; CH; Wa 

2, 4-dimethylpentane 


Cycloalkanes 


Cyclic alkanes are named by fixing a_prefix-“‘cyclo” before the name 
of corresponding alkane, The general formula of cycloalkanes is CH. 
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Table 7.5 Names of some cycloalkanes 


Formula Structural IUPAC name 
formula 


CHa Cyclopropane 
ENS 
CH:—CH: 
aaia Cyclobutane 
CH:—CH: 
CH: Cyclopentane 
/N 
CsHio H:C CH: 


H.C — CH: 
CHa Cyclohexane 


C:He 


CiHs 


/ 
CHi: CH: CH: 


Names of side chains, if present, in cyclic compounds are prefixed to 
the name of the cycloalkane. 


CH3 CH3 
k (pe jam 
£53 57Y CHj-CH2 -CH3 
1, 2-dimethylcyclopentane 1-methyl-3-propyl-cyclohexane 


Functional Groups 


Functional groups provide centres of chemical reactivity in molecules. 

: The properties of an organic compound depend largely on its func- 
tional group. Compounds having the same functional groups have 
similar properties because they contain the same group; which is the 
cause of their reactivity. In a homologous series all the members have 
the same functional group. Therefore, it is convenient to study organic 
chemistry by studying the properties of a functional group. These 
properties will also be the properties of all other compounds contain- 
ing the same functional group. Some of the common functional groups 
are shown in Table 7.6. The nomenclature of organic compounds be- 
comes similar since compounds having the same functional groups will 
have the same beginning or ending in their IUPAC names. 
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For example, names of all alcohols will end in ‘-ol’ and those of 
ketones will end in ‘-one’. 


Table 7.6 Some common functional! groups 


Name Formula Prefix or Name Example 
suffix 
Double bond 7€ =c -ene ethene CH: = CH: 
Triple bond —CeC€— -yne ethyne CH = CH 
Chloro —Cl chloro- chloro- CH3;CI 
methane 
Bromo —Br bromo- bromo- CHsBr 
methane 
Todo -=I iodo- iodomethane CHI 
Ketone 7€ =O -one propanone CH3;COCH; 
Aldehyde Wi Bo -al ethanal CH;CHO 
H 
Alcohol —OH -ol ethanol C:H;OH 
Carboxylic —COOH -oic acid ethanoic acid CHCOOH 
Acid —CO -oic ethanoic CH:CO.. 
anhydride 70  anbyd- anhydride 79 
—Cco ride CH3CO 
Amide —CO—NH. -anamide ethanamide CH3CONH; 
Acylhalide —COX -oyl halide ethanoyl halide CH3COX 
Amino —NHa amino- aminomethane CH3NH: 
Nitro —NO: nitro- nitromethane CH3NO: 


Naming of an Organic Compound 
It is easy to assign IUPAC names with a knowledge of the root names 
of alkanes and prefixes and suffixes due to functional groups. 

The following steps are followed to name an organic compound. 
Step I Identify the functional group in the structure. It enables 
selection of the suitable prefix or suffix. 


Step II Select the longest straight chain of carbon atoms containing 
the functional group. It helps to know the root name of the alkane 


from which the name is to be derived. 
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Step III Number the chain to assign the lowest possible number to 
the functional group. 


Step IV Write the names of substituents and sides chains in alpha- 
betical order. Prefixes which are used to indicate number of groups 
(like di, tri-, tetra-, etc., are not considered while deciding the alpha- 
betical order). 


Problem 7.2 Write the structural formula of 5-chloro-3-methyl-2- 
hexanone. 

The root name is ‘hex’ so the parent chain has six carbon atoms 
linked in a straight chain. The second carbon has a keto group, a 
methyl group at the third carbon and a chloro group at the fifth car- 
bon. Thus, the structural formula is, 


6 5 4 3 2.1 
CH;—CH—CH,—CH—C—CH, 
I 
cl CH; O 


5-chloro-3-methyl-hex-2-one 


Problem 7.3 Assign a structural formula to 1, 1-dimethylcyclobutane. 
The parent hydrocarbon has four carbon atoms in a cyclic ring. 
There are two methyl groups at carbon atom 1. The structure is, 


= 
CH,—C—CH; 


| 
CH;—CH,; 
1, 1-dimethylcyclobutane 


Problem 7.4 Assign the IUPAC name to the following 


O 


There are six carbon atoms arranged in a cyclic fashion, thus it is a 
cyclo compound. Its parent alkane is cyclohexane. The functional 
group is a double bond so‘-ene’ is a suitable suffix. The numbering is 
done in such a manner to assign the least possible number to the car- 
bon of the double bond. Its IUPAC name will be cyclohex-1-ene or 
simply cyclohexene. 
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Problem 7.7 Write the structural formula of 3-chloro-5-nitro-cyclo- 
hex-1-ene. 


The parent alkane is cyclohexane. It has to be numbered in such a 
way to assign number 1 to the carbon of the doube bond. At the 
third carbon there is a chloro- group and a nitro- group at the fifth 


carbon atom. 
AŽ 
5 3 
02N Cl 


4 
3-chloro-5-nitro-cyclohex-1-ene 


7.5 SOME COMMON ORGANIC COMPOUNDS 


Organic compounds are very important for all aspects of our lives. All 
living beings like plants, animals, etc. get energy from organic com- 
pounds like carbohydrates (sugar, starch, etc.) and fats. Proteins and 
amino acids which are also organic in nature are essential for proper 
growth and well-being of a living being. Nucleic acids carry genetic 
information from one generation to another. 

Organic compounds include fibres like cotton, wool, silk, etc. Syn- 
thetic fibres like nylon, polyester, etc., are also organic in nature. Most 
drugs, dyes and pesticides are organic compounds and energy sources 
like coal and petroleum, are of organic origin. Wood, paper, 
rubber, plastic, etc., are also organic in nature. 

It is impossible to list all the uses of organic compounds, however, 
pone uses of the important classes of organic compounds are discussed 

elow. 


Alkanes 


Petroleum and natural gas are the source of alkanes. Petroleum, on 
refining, gives several useful fractions like, liquefied petroleum gas 
(LPG), petrol, kerosene, diesel, furnace oil, lubricating oil and waxes. 
Most of these fractions are used as fuel in homes, industries and 
automobiles. 


Alkenes 


Lower alkenes containing two to four carbon atoms are obtained as a 
by-product of the petroleum industry. Alkenes are used for making 
polymers like polyethylene (from ethene), polypropylene (from pro- 
pene), polyvinyl chloride (from vinyl chloride), synthetic rubber (from 
1, 3-butadiene). Alkenes are also used for the manufacture of several 
alcohols, aldehydes, ketones, etc. 
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Alkynes 


The most important alkyne is acetylene. It is obtained by the action 
of water on calcium carbide. It is mainly used for the cutting and 


welding of metals. 
° 


Arenes 


: Arenes are also known as aromatic compounds. They have a cyclic 
system and alternate double and single bonds. Simple arenes like ben- 
zene, toluene and xylene are used in the manufacture of synthetic deter- 
gents, synthetic fibres and explosives trinitrotoluene (TNT). Naphtha- 
lene is used as a moth repellant. Naphthalene and anthracene are used 
to manufactures dyes. 

The main source of aromatic compounds is coal. Many aromatic 
compounds are obtained as a by-product of the coke industry. 


Alcohols 


Alcohols are the hydroxy derivatives of alkanes. Methanol (CH;OH) 
and ethanol (C,H;OH) are the two important alcohols. Methanol is 
manufactured from petroleum feedstock. Ethanol is manufactured by 
fermentation of sugar or starch and can also be obtained from ethene, 
Ethanol and methanol are used as solvents. Ethanol is used as fuel. 
It is a renewable source of energy as itcan be produced from sugar- 
cane. 2-Ethylhexanol is derived from ethanol which is used as a softner 
in plastics. 1, 2-Ethanediol (ethylene glycol) is a raw material for 
polyester fibre. 1, 2, 3-Propanetriol (glycerol), is used in cosmetics, 
confectionary and for making explosives like trinitroglycerine. 


Aldehydes and Ketones 


Methanal (HCHO) and ethanal (CH;CHO) are the two important 
aldehydes. An aqueous solution of methanal is called formalin, which 
is used as a preservative. Methanal (formaldehyde) and ethanal (ace- 
taldehyde) are the raw materials for the plastic industry. 

Propanone (acetone, CH;'CO-CH;) and 2-butanone (CH,:CO: 
CH;'CH; methyl ethyl ketone, MEK) are important solvents. Cyclo- 
hexanone is an intermediate used in the manufacture of nylon. 


Halides 


Chlorinated compounds of methane, ethane and ethene are important 
industrial solvents. Some of them are dichloromethane (CH,Cl,), tri- 
chloromethane (CHCI,, chloroform), carbon tetrachloride (CCl,), etc. 
1,2-Dibromomethane (Br CH,-CH,Br) is used as a fumigant against 
insects in food storage godowns. Many chlorine containing compounds 
are powerful insecticides, for example, DDT (dichloro-diphenyl trich- 
loroethane), BHC (benezene hexachloride or Grammaxene; lindane), 
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etc. 1-bromo-1-chloro-2, 2, 2-trifluoroethane is used as an anaesthetic. 
Triiodomethane (CHI, iodoform) is used as a mild antiseptic. Freon 
(CCIF, dichloro-difluoromethane) is used in refrigeration. 


Acids 


Acids are the carboxy derivatives of alkenes. These have a -COOH 
group. Methanoic acid (HCOOH, formic acid) is present in red ants. 
Ethanoic acid (CH;COOH, acetic acid) is present in vinegar. Ethanoic 
acid is used in the rayon, plastic, and paint industries. Sodium and 
potassium salts of higher fatty acids (containing 12 to 18 carbon 
atoms) are used as soaps. Vegetable oils and fats are the glycerides of 
higher fatty acids. 


Nitro Compounds 


Nitro derivatives of alkanes have a -NO; group in them. Many nitro 
compounds are powerful explosives. For example trinitroglycerol, 
nitro-cellulose (gun cotton) and trinitrotoluene are explosives. 

Nitromethane, nitroethane and nitrobenzene are useful industrial 
solvents. 


Amines 


Amino compounds have a -NH; group. Amines are used in the manu- 
facture of nylon. Aromatic amines are used as intermediates in the 
dyestuff industry. Compounds containing carboxyl as well as amino 
groups are called amino acids. These are the building blocks of 
proteins. 


EXERCISES 


1. Define allotropy. Name the allotropes of graphite. 

2. Why are the properties of graphite and diamond different? 
3. What are the uses of the following? 

(a) graphite (b) diamond 

What are the inorganic compounds of carbon? 

What are the uses of 

(a) carbon monoxide (b) carbon dioxide? .. 
How are producer gas and water gas prepared? 

Name three important metal carbides. Give their uses. 
What are organic compounds? 

Why are the compounds of carbon studied as a separate branch of 
chemistry? 

10. Why are the compounds of carbon very large in number? 


eel 
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1. 


12. 
13. 


14. 


15. 


16. 


Ans. 


17. 


Ans. 


Explain the following terms: 

(a) catenation (b) isomerism 

(c) homologous series (d) functional groups 

Give the rules for the IUPAC system of nomenclature. 

Write the names and molecular formulae of the first ten straight-chain 
alkanes. 

What are alkyl groups? Write the names and structural formulae of five 
different alkyl groups. 


What are the important uses of the following? 

(a) alkanes (b) alkenes 

(c) alkynes (d) methanol 

(e) ethanol (f) formaldehyde 
(g) acetone (h) ethanoic acid 


Write the structural formulae of: 


(a) 2, 4-dimethylheptane 
(b) 2-bromo-3-chlorohexane 
(c) 3-methylhexanal-1 

(d) 4-bromobutanoic acid. 


125.3 4 5 6 7 
(a) ET DATE Cha 


CH: Ha 


-T 25.259 1 ME 5 6 
(b) Fe oer ee 


Br Cl 


6 5 fied 2 1 
(c) CH;—CH;—CH—CH;—CH;—CHO 
| 


CHs 


4 3 2 1 
(d) ED ae —CH:—COOH 
Br 


Write the structural formulae of: 
(a) 3-bromo-1-pentyne 
(b) 1, 4-diaminobutane 
(c) 2-chloro-2-methylpentanol 
(d) 4-bromo-hex-3-enoic acid. 

1. 289 74 5 
(a) CH bh aa tea 


Br 


1 2 3 4 
(b) H1N—CH:—CH:—CH:—CH:—NH: 


18. 


Ans. 
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Cl 
5 4 cathe tidseai | 
(c) CHs—CH;—CH;—CH—CHB:0H 
CHs 


6 5.7453 2 1 
(d) C MESE H—CH:—COOH 


Br 


Write the IUPAC names of the following. 
(a) CHs—CH:—CH-—CH:—CHO 


cl 
NH: 

(b) CH.—cH,—C—CH.—cooH 
— 

(c) CH;—CO—CH:;—CO— CH; 

(d) CH;—CO—CH —CH—CH; — Br 


(a) 3-Chloropentanal, (b)3-amino 3-methoxy-pentanoic acid, (c) pen- 
tane-2, 4-dione, (d) 5-bromo-2-one-3-pentene 


Multiple-Choice Questions 
Tick (v) the correct choice. 


is 


4. 


Graphite and diamonds are 


(a) isotopes (b) isomers 
(c) isobars (d) allotropes. 


Which of the following is sp? hybridised and is a bad conductor of elect- 
ricity? 


(a) graphite (b) diamond 

(c) coke (d) coal 
. Which of the following turns lime water milky? 

(a) CO (b) CO: 

(c) Hs (d) graphite 

Carbon dioxide is used for 

(a) extinguishing fires (b) making acetylene 

(c) burning fuel (d) none of the above. 
. Which of the following carbides is used for making acetylene? 

(a) WC (b) ALC; 

(c) CaCa , (d) SiC 

Dry ice is used for 

(a) cooling (b) heating 


(c) as a fuel ` (d) manufacture of CaCOs. 
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7. Which of the following organic compounds was first synthesised by Woh- 
ler in a laboratory? 


(a) acetic acid (b) oxalic acid 
(c) ammonium cyanate (d) urea 
8. Butane and isobutane are 
(a) allotropes (b) isomers 
(c) elements (d) alkenes 
9. Acetylene belongs to the class of 
(a) alkane (b) alkene 
(c) alkyne (d) alcohol 
10. The longest chain of carbon atoms in the following compound is 
CHs 
cii ci d coon 
CiH; 
(a) 3 (b) 4 
(c) 2 (d) 5 
11. The functional group in CHs—CH:—CH=CH; is 
(a) methyl group (b) ethyl group 
(c) double bond (d) single bond 
12. The functional group in HCHO is 
(a) ketone (b) alcohol 
(c) carboxylic acid (d) aldehyde 
13. Ethanoic acid is the IUPAC name of 
(a) COH (b) C:H;OH 
(c) CHCOOH (d) HCOOH 
14. Methanal is the IUPAC name of 
(a) HCOOH (b) HCHO 
(c) CH;CI (d) CH;OH 
15. The IUPAC name of CH;CO-CH:s:CHi; is 
(a) ethyl methyl ketone (b) acetone 
(c) 3-butanone (d) 2-butanone 
16. The main source of alkanes is 
(a) coal (b) coke 
(c) petroleum (d) calcium carbide 
17. The main source of aromatic compounds is 
(a) coal (b) natural gas 
(c) kerosene (d) wax 
18. Which of the following is an insecticide? 
(a) methyl alcohol (b) acetaldehyde 


(c) formaldehyde (d) DDT 
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19. Formalin is an aqueous solution of 
(a) formic acid 
(c) acetaldehyde 

20. Vinegar is a dilute aqueous solution of 
(a) acetic acid (b) formic acid 


(b) formaldehyde 
(d) acetic acid 


(c) formaldehyde (d) acetaldehyde 
Answers (Multiple-Choice Questions) 
1. (d) 2. (b) 3, (b) 4. (a) 5. (c) 
6. (a) 7. (d) 8. (b) 9 (c) 10. (d) 
11. (c) 12. (d) 13. (©) 14. (b) 15. (d) 


16. (c) 17. (a) 18. (d) 19. (b) 20. (a) 
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Energetics 


Objectives Energy and its Conservation O Processes Occurring at Constant 
Volume and at Constant Pressure O Enthalpy Change in a Chemical Reaction 
O Conventional Values of Standard Molar Enthalpies O Hess's Law of 
Constant Heat Summation O Various Types of Enthalpies of Reaction O 
Criterion for the Spontaneity of a Chemical Reaction 


8.1 ENERGY AND ITS CONSERVATION 


The topic of energetics deals with the transfer of heat between a system 
and its surroundings when a physical or chemical process takes place 
within the system. Before proceeding further, it is worth considering 
the specific meanings of the terms system and surroundings. 


System The system is any region of space which is under investi- 
gation 


Surroundings The surroundings are considered to be all other things 
which can interact with the sytsem. 

Anything which separates the system and surroundings is called 
boundary. The system may be classified into three categories depen- 
ding upon its characteristics. These are (1) clsoed system (matter can 
neither be added nor removed from it), (2) open system (matter can 
be added or removed), and (3) isolated system (neither energy nor 
matter can be added or removed). 

A system under study may include one substance or more than one 
substance in any of the three states of matter. The state of the system 
can be prescribed by stating the values of state variables such as 
amount of substance, pressure, volume, temperature, composition, etc. 

Every system has a fixed quantity of energy, known as the internal 
or intrinsic energy (symbol: U as per IUPAC recommendations). The 
internal energy of a system can be changed in two modes. These are 
(1) transfer of heat and (2) in the form of work. Whenever there isa 
temperature difference between the system and surroundings, energy 
in the form of heat is exchanged if the two are in thermal contact. 


LSS 


LS 
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Heat flows from a body of higher temperature to the one at lower 
temperature. The internal energy of the body receiving heat is increased, 
whereas that losing heat is decreased (Fig. 8.1). 


Fig. 8.1 Change of internal energy Fig. 8.2 Change in internal 

of a system brought about by the energy of a system brought 

transfer of heat about by the work done on/by 
the system 


The second mode of changing internal energy is in the form of work. 
This may be illustrated by a system shown in Fig. 8.2. A given amount 
of gas is enclosed in a cylinder with a movable piston. The boundary 
of the cylinder is an adiabatic one (heat can neither enter nor leave 
the system). Now, if the pressure of the gas within the cylinder is 
greater than the external pressure on the piston, the latter is pushed 
out by the gas till the pressures inside and outside become equal. In 
moving the piston, the system (gas within the cylinder) does some work 
against the external pressure. In doing so, it loses an equivalent amount 
of energy, thus a decrease in its internal energy takes place. On the 
other hand, if pressure on the piston is greater than the pressure of 
the gas, the piston moves down and the work is done on the system. 
This work done by the surroundings on the system appears in the form 
of an increase in the energy of the system (i.e. gas within the cylinder), 
__ The internal energy of an isolated system remains constant as no 
interactions, either in the form of heat transfer or work done on/by 
the system, with the surroundings can take place. For a closed system, 
where interactions with the surroundings are allowed, energy is merely 
transferred from system to surroundings or vice versa in the form of 
heat or work, or a combination of these two. Thus, the total energy 
of the system plus surroundings is preserved. This statement is known 
as the /aw of conservation of energy. According to this law, energy 
may be transformed from one form to another but the total energy 
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of the universe always remains constant. In other words, energy can 
neither be created nor destroyed. 


The Sign Convention 


According to IUPAC recommendations, an increase in internal energy 
of a system is assigned a positive sign, whereas the decrease in internal 
energy is assigned a negative sign. Since an increase in energy of the 
system can be brought about in two ways, namely, (1) heat added to 
the system and (2) work done on the system, both these modes of 
transfer of energy are assigned positive values. The converse of these 
two ways, namely (1) heat withdrawn from the system and (2) work 
done by the system, decrease the internal energy of the system and, 
hence, are assigned negative values. Thus, we havet 


dq or q is positive if heat is added to the system 

dq or q is negative if heat is removed from the system 
dw or w is positive if work is done on the system 

dw or w is negative if work is done by the system 


State and Path Properties 


Both q and w are not the properties of the system, They depend on 
how exactly we carry out the transfer of energy. For example, we may 
transfer heat quickly or slowly and carry out the work involving finite 
or infinitesimal pressure difference inside and outside the piston. We 
may carry out a given change in internal energy solely via heat trans-e 
ier or via work done or a combination of both. Thus, for a given 
change in internal energy (dU), dg and dw may have varying values 
but the sum of these two will be equal to dU. In other words, dU is 
the state property (i.e. the property of the system as it hasa fixed 
value for a given change in the system), whereas dg and dw are not 
the state properties (they are path properties). 


Mathematical Expression for Law of Conservation of Energy 


Whatever be the path used to carry out the given transformation, we 
can write the law of conservation of energy as 


dU = dq + dw 
AU —q--w (8.1) 


+ Throughout, for infinitesimal changes, we use the symbol d. Examples are dq, 
dw, dU, etc. 
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8.2 PROCESSES OCCURRING AT CONSTANT VOLUME 
AND AT CONSTANT PRESSURE CONDITIONS 


For a process occurring at constant volume condition, the system does 
not involve any work due to the volume change (i.e. expansion or 
compression) and, hence, dw or wis equal to zero. Thus Eq. (8.1), in 
this case, can be written as 


dU = dqy 
or AU — qy (8.2) 


that is, the exchange of heat at constant volume merely changes the 
internal energy of the system. For a process occurring at constant pres- 
sure, the system may involve the work due to the volume change and, 
hence, dw or w is not equal to zero. The expression for work due to 
volume change can be derived as follows. 


By definition, work is defined as 
work — force x distance (8.3) 


In Fig. 8.2, if A is the area of cross section of the piston, then total 
force acting on the piston will be 


force = pressure x area 
= Pa 4 


If d/is the distance through which the piston moves against pres- 
sure Pau then according to Eq. (8.3) the work involved will be 


dw = (p. A) dl 
= pa dV 


where dV is the volume change which the system undergoes. Now, 
according to IUPAC recommendations, the above expression 1$ written 
as 


dw = — p, dV (8.4) 


where the negative sign has been added in order to account for the 
following facts. 

1. Expansion process dV is positive and dw is negative as the 
work is done by the system. 

2. Compression process dV is negative and dw is positive as the 
work is done on the system. 


Note For finite changes, we have written AU for internal energy, whereas heat 
and work are simply represented as q and w. This follows from the fact that AU 
is a path-independent property, whereas q and w are path-dependent proper- 
ties. The quantity AU depends only on the two states, namely, initial and final, 
of the system, whereas q and w may or may not be so. 
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In the light of Eq. (8.4), we can write Eq. (8.1) as 
dU — dq — pdV 
or dq — dU + pdV 
Adding and subtracting Vdp on the right-hand side of the above 
expression, we get 
dq = dU + pdV + (Vdp — Vdp) 
= dU + (pdV + Vdp) — Vdp 
= dU + dpV — Vdp 
= d(U + pV) — Vdp 


or dq = dH — Vdp (8.5) 
where the symbol H has been used for U + pV, i.e. 
H —U 4 pV (8.6) 
For a process at constant pressure, Eq. (8.5) can be written as 
dq, — dH 
or q, — AH (8.7) 


that is, the heat involved in a process at. constant pressure is equal to 
the change in the value of H of the system. The symbol Æ, like internal 
energy U, is also a state property and is given the name enthalpy. 
Hence, heat involved in a process at constant pressure is interpreted 
as the change in the enthalpy of the system. Every system, like inter- 
nal energy, has a fixed quantity of enthalpy. A change in its value can 
be brought about by adding or removing heat from the system at con- 
stant pressure. 


8.3 ENTHALPY CHANGE IN A CHEMICAL REACTION 


In the laboratory, the majority of chemical reactions are carried out 
under the condition of constant pressure. Therefore, the heat trans- 
ferred is equal to the change in enthalpy of the system. Since the 
enthalpy of a system can also change due to the variation of tempera- 
ture and pressure, it is, therefore essential that while dealing with the 
enthalpy change in a chemical reaction, the reactants and the products 
must have the same temperature and pressure. For example, in the 
reaction 


ZnO(s) + CO(g) —-> Zn(s) + COx(g) 
the change in enthalpy is equal to the quantity of heat transferred 


between the system and surroundings when | mole of zinc oxide in 
the solid state and 1 mole of carbon monoxide in the gaseous state 


Oam- C 
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completely combine to give 1 mole of zincin the solid state and 1 
mole of carbon dioxide in the gaseous state. This reaction is carried 
out at constant temperature and pressure conditions, i.e. the tempera- 
ture and pressure of products must be the same as those of reactants. 


The heat effect associated with a process is shown in terms of change 
of enthalpy (or energy if the reaction occurs at constant volume) of 
the system, defined as 


AH = YA(product) — YA(reactant) 


where Y'H(product) and }}H(reactant) are the sum of the enthal- 
pies of the substances present in the products and reactants, respec- 
tively. For example, for the chemical reaction 
Fe,0;(s) + 3H2(g) —- 2Fe(s) + 3H,0(1) 
we have, 
YA(product) = 2H,,(Fe, s) + 34,,(H,0, 1) 
LACreactant) = H,(Fe;O;, s) + 3H,(H;, g) 
where Hm stands for the molar enthalpy. The change in enthalpy 
(AH) for the reaction is 
AH = Y H(product) — YH (reactant) 
= 2H,,(Fe, s) + 3H,,(H20, 1) — {H,,(Fe20s, 8) 
+ 3H,,(H2, g)} 
We may distinguish the two cases as described below. rh 
1. When YjZ(product) > Y/reactant), then AH is positive. 
This implies that when reactants are converted into products, there 
occurs an increase in the enthalpy of the system. This increase is 
brought about by the absorption of heat by the system from the sur- 


roundings and the reaction is said to be an endothermic reaction, Figure 
8.2 describes such a situation schematically. 


2M1 (9) 
f (product) 


AH°= Positive 
252.5kJ 


Enthalpy —* 


———— - Hlg) +1, (g) 
(reactants) 


Fig. 8.3 Enthalpy diagram for an endothermic Low 


260 Chemistry for Class XI 


2. When YjH(product) < YjH(reactant), then AH is negative. 
In this case, there occurs a decrease in enthalpy when reactants are 
converted into products. This decrease is brought about by the release 
of heat from the system and the reaction is said to be an exothermic 
reaction. Figure 8.4 describes such a situation schematically, 


— Chig) +2049) 


| . (reactants) 
LI 
= | OH°= Negative 
£ | =-890-4kJ 
c ' 
w 1 
pA NET. MEN CO,(g) +2H,0 (1) 
(products) 


Fig. 8.4 Enthalpy diagram for an exothermic reaction 


It should be noted that the sign of AZ is the same as that of the 
accepted sign of heat changes, e.g. in an exothermic reaction, heat is 
released, q is negative and AH is also negative, while for an endo- 
thermic reaction, heat is absorbed, q is positive and AH is also posi- 
tive. 


Origin of Enthalpy Change in a Reaction 


A chemical reaction involves the rearrangement of bonds between the 
reacting species. We can say that the various bonds involved in reac- 
tants are broken and the new ones involved in products are formed. 
Thus, the enthalpy change in a reaction can be interpreted as follows. 


AH = Enthalpy required in breaking bonds of reactants 
— Enthalpy released in forming bonds of products 


Taking an example of the reaction 
H,(g) + Ch(g) —> 2HCI(g) 
we have 
AH = «H—H) + «(CI—CI) -2«(H -C 
where «(H — H), «(CI—CI) and «(H—CI) are enthalpies required to 
break the corresponding bond mentioned within the brackets. Experi- 


mentally, these values are found to be 437 kJ, 244 kJ and 433 KJ, re- 
spectively. Hence, we have 


AH = (437 + 244 — 2 x 433) kJ 
= — 185 kJ 
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that is, 185 kJ of enthalpy is decreased in this process and this is re- 
leased in the form of heat. 


84 CONVENTIONAL VALUES OF STANDARD MOLAR 
ENTHALPIES 


The molar enthalpy of any substance depends upon its temperature 
and pressure. The pressure dependence is, however, removed by defin- 
ing the standard molar enthalpy H$, which is, by definition, the enthal- 
py of the substance at a standard pressure of 101.325 kPa (— 1 atm). 

Itis not possible to find the absolute value of enthalpy of a sub- 
stance. However, based on the following convention, the relative values 
of standard molar enthalpies of various substances can be built. 


“The enthalpy of every element in its stable state of aggregation at 1 
atm and 25 °C is assigned a zero value". 


Taking an example of 
1 H,(g) + 4 Br(l) —— HBr(g) 
we have 
AH* = H,(HBr, g) — (3 Hg(Ho. g) + 3 Hm(Br,, 1)} 
Now according to the accepted convention described above, we have 
H (B3, g) = 0 
He(Br;, 1) = 0 
Hence, 
AH? = H$(HBr, g) 
that is, the enthalpy change in the given reaction is equal to the molar 
enthalpy of HBr(g). Proceeding similarly we can determine the stand- 


ard molar enthalpy of other substances. Table (8.1) includes the values 
of molar standard enthalpy for a few substances. 


Table 8.1 Standard molar enthalpies* of a few substances 


at 298 K. 
Substance Hajk) mol Substance [Hz|kJ mol-* 
H:0(1) — 285.84 NO(g) 90.37 
H:O(g) — 241.83 NO(g) 33.85 
HCl(g) — 167.46 N:O4(g) 9.66 
Bra(g) 30.71 NHs(g) — 46.19 
HBr(g) -- 36.23 C@iamond) ^ 1.896 
S(monoclinic) 0.297 CO(g) — 110.52 
SO,(g) — 290.06 CO.(g) — 393.51 


*These are also known as enthalpy of formation, see Sec, 8.6. 
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Enthalpy Change of a Given Reactiori 


The enthalpy change of any reaction (conventionally known as heat 
of reaction) can be determined by consulting the table of standard 
molar enthalpies of the appropriate substances. For example, for the 
reaction 


ZnO(s) + CO(g) —-> Zn(s) + COxg) 
we have, 


AH? 28x = Ha(Zn, s) + Hg(CO», g) — {Hm (ZnO, s) 
+ H$(CO, g)} 


= 0 — 393.51 KJ —(—347.98 kJ— 110.52 kJ) 
= 64.99 kJ 


The obtained value of AZ? is independent of the above convention, 
since it involves only the difference of molar enthalpies. 


8.5 HESS’S LAW OF CONSTANT HEAT SUMMATION 


Since the molar enthalpies of reactants and products involved in 
a chemical reaction have definite values, it is obvious that the enthalpy 
change of the reaction would also have a definite. value, irrespective 
of the way the reaction is carried out. Thus, if we transform a speci- 
fied set of reactants to a specified set of products by more than one 
sequence of reactions, the total enthalpy must be same for every se- 
quence. This rule, which is a consequence of the law of conservation 
of energy, is known as Hess’s law of constant heat summation. Hess’s 
law can be stated as follows: 

“The heat involved in a given chemical reaction is the same whether 
the process occurs in one step or several Steps". 

In support of Hess's law, we cite below two methods of preparing 
carbon dioxide gas from carbon and oxygen. 


Method I. C(s) + Oxg) ——> CO,(g) AH, = — 393.5 kJ 
Method I: C(s) + 40,(g) ——> CO(g) AH, = — 110.3 kJ 
CO(g) + 40,(g) — COXg) AH, = — 283.2 kJ 


Obviously, AH, = AH; + AH. This relationship is also illustrated in 
Fig. 8.5. 

The chemical reactions can be the treated as ordinary algebraic 
expressions and can be added or subtracted to yield the required reac- 
tion. The corresponding enthalpy changes are also manipulated in the 
same way to give the enthalpy change for the desired reaction. 

Since AH stands for the change of enthalpy when reactants (sub- 
stances on the left-hand side of the arrow) are converted into products 
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(substances on the right-hand side of the arrow) at the same tempera- 
ture and pressure, it follows that if the reaction is reversed (ie. pro- 
ducts are written on the left-hand side and reactants on the right-hand 
side), then the numerical value of AH remains the same but its sign 
changes. This statement is known as Lavoisier and Laplace law. 


Cis) +0,(9) 


Fig. 8.5. Demonstration of Hess's law of constant heat 
summation 


One of the important applications of Hess’s law is that the change 
of enthalpy of a chemical reaction, which is difficult to determine 
experimentally, can be obtained by using this law. For example, AH, 
cited above is difficult to determine experimentally. Obviously, accord- 
ing to Hess's law, it is equal to AZ, — AH». 


8.6 VARIOUS TYPES OF ENTHALPIES OF REACTION 


We can name the enthalpy change in a reaction according to the type 
of reaction involved. A few examples are listed below. 


Enthalpy of Formation 


The enthalpy of formation of a given compound is defined as the en- 
thalpy change when 1 mole of a given compound is formed, starting 
from the elements in their stable states of aggregation, 


A few examples are 
H,(g) + 4 O(g) —> H;O(1) AH*(H;O, 1) = — 285.77 kJ 
C(s) + Og) —> COA) AA (CO2, g) = - 395513 
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Problem 8.1 From the following thermochemical equations, calcu- 
late the enthalpy of formation of cane sugar (C;.H20),). 


(a) Cy2H320;;(s) + 120,(g) —— 12CO,(g) + 11H,0(1) 
AH = — 5.644 MJ 


(b) C(s) + Ox(g) — CO,(g) AH = — 0,393 MJ 
(c) H»(g) + à O(g) —> H,0(1) AH — — 0.286 MJ 
Multiplying Eq. (b) by 12 and Eq. (c) by 11 and adding them, we get 
12 x [C(s) + O(g) — CO,(g)] AH — —12x 0.393 MJ 


11 x [H,(g) + 1 Oxg) —> H,0(1)] AH — —11x0.286 MJ 


12C(s) + 11H;(g) + 5 O(g) —> 12CO;(g) + 11H;0(1) 
AH = — 7.862 MJ 


Subtracting Eq. (a) from the above resulting equation, we get 
12C) + 11H) + 9 049) — 12C0,(g) + 111,00) 
AH = — 7.862 MJ 


= [Ci Ho;01(s) + 120,(g) —- 12CO,(g) + 11H50(1)] 
AH = + 5.644 MJ 


12C(9) + 11H(g) + $f 038) — Cn EnO nl); 
AH = — 2.218 MJ 


Enthalpy of Combustion 


Enthaply of combustion of a given substance is defined as the enthal- 
py change when one mole of this substance combines with the requi- 
site amount of oxygen to give products in their stable states of aggre- 
gation. A few examples are 


CH,(g) + 202(g) — COX(g) + 2H)0(1) AH omp—=—74.85 kJ 
C(graphite) + O(g) ——> CO,(g) AH? m= — 393.51 kJ 


Problem 8.2 Calculate the enthalpy of combustion of glucose from 
the following data; 
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(a) C(graphite) + 0,(2) ——> CO4(9) AH = — 395.0 kJ 
(b) H,(g) + à Ox(g) —> H,0(1) = — 269.4 kJ 
(c) 6C(graphite) + 6H;(g) + 302(g) —> CoH 206(8) 

AH = — 1169.8 kJ 


We have to determine the enthalpy change for the reaction 
CeH20¢(s) + 602(g) —> 6CO,(g) + 6H;O(1) 
This equation can be obtained by carrying out the following mani- 
pulations a 
6 x Eq. (a) + 6 x Eq. (b) — Eq. (c) 
Hence, carrying out the same manipulations on the corresponding 
enthalpies changes we get 
AH = 65H, + 6AHo) — AH) 
— 6(— 395.0 kJ) 4-6(—269.4 kJ)—(— 1169.8 kJ) 
= — 2816.6 kJ 


Enthalpy of Fusion 

Enthalpy of fusion of a given substance is defined as the enthalpy 
change when one mole of the given substance in the solid form is con- 
verted into liquid form at the said temperature. A few examples are 


H,0(s) ———- H,0(1) AH, = 6 kJ 
373.15 K 
MgCl,(s) ——> MgCl,(1) AH®,, = 43.0 kJ 
1260 K 
Enthalpy of Vaporization 


Enthalpy of vaporization of a given substance is defined as the enthal- 
py change when one mole of the given substance in liquid form is con- 
verted into vapour form at the said temperature. A few examples are 


H,0(1) ——> H20(8) AH, = 40.6 kJ 
373.15 K 
CH1) —-> CeHé(g) AH?,p = 30.5 kJ 
353K 
Enthalpy of Sublimation 


Enthalpy of sublimation of a given substance is defined as the enthalpy 
change when one mole of the given substance in solid form is convert- 
ed into vapour phase at the said temperature. One of the examples is 


L() —> Le) AH? sı = 62.39 kJ 
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According to Hess’s law, the enthalpy of sublimation will be equal 
to sum of the enthalpy of fusion and enthalpy of vaporization, i.e. 


AH = AH fas AH, 


Enthalpy of Neutralization 


Enthalpy of neutralization is defined as the enthalpy change when one 
mole of H* in dilute solution combines with one mole of OH' to give 
undissociated water, i.e. 


H*(aq) + OH"(aq) —> H,O(l) ^ AH, e — 57.3 KJ 


In this reaction, there is always release of heat because of bond for- 
mation, H-::OH. Whenever one mole ofa strong monoprotic acid 
(HCI, HNOs) is mixed with one mole of a strong base (NaOH, KOH), 
the above neutralization reaction takes place, since, these acids and 
bases are present in the completely dissociated form in dilute solutions. 


Enthalpy of Ionization 


When a weak acid (or base) reacts with a strong base (or acid), the 
release of heat is less than 57.3 kJ. It is because of the fact that these 
acids or bases are not completely ionized in solution. Some of the heat 
is consumed in ionizing these acids and bases. This energy is known 
as enthalpy of ionization. Examples are 


HCN -- Na^OH- —» Nat + CN^ + H,0 AH°=— 12.13 kJ 
CH;COOH + Na*OH” —-> Nat + CH,COO- + H,O 
AH°= — 55,23 kJ 
Obviously, according to Hess’s law 
AH? = NH, + Ag 
Hence 
AH iz = AH — AF rent 
Thus 
A oni HON) = => 12.13 kJ — (— 57.3 kJ) = 45.17 kJ 
AH'S(CH;COOH) = — 55.23 kJ — (— 57.3 kJ) 
= 2.07 kJ 


Problem 8.3 Enthalpy of neutralization of HCI by NaOH is 
— 57.32 kJ per mole and by NH4OH is — 51.34 kJ. Calculate the 
enthalpy of dissociation of NH4OH. 


Given that 


H*(aq) + NH,OH(aq) —> NHi (aq) + H,O(1) 
AH = — 51.34 kJ 
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We may consider neutralization in two steps: 


(a) Ionization 
NH,OH(aq) —— NH? (aq) + OH (ag) AH, =? 


(b) Neutralization 
H*(ag) + OH-(aqg) —> H,0(1) AH, = — 57.32 kJ 


Thus, AH = AH, + AH; 


Therefore, 
AH, = AH — AH, = — 51.34 kJ + 57.32 kJ = 5.98 kJ 


Enthalpy of Transition 


Enthalpy of transition is the enthalpy change when one mole of one 
allotropic form changes to another. For example, 


C(graphite) —— (diamond) AH® = 1.90 kJ 


Enthalpy of Solution 


Enthalpy of solution may be defined as the enthalpy change when one 
mole of the solute is dissolved in a definite quantity of solvent to pro- 
duce a solution of a particular concentration. A few examples are 


MgSO,(g) + ad —> MgSO.(aq) AH — — 91.2 kJ 
MgSO,-7H5O0(s) + aq —* MgSO,(aq) AH = — 18.8kJ 


where aq stands for a very large quantity of water. The resultant 
solution is known as infinite dilute solution. 


Bond Enthalpies 


Bond enthalpy of a given bond is defined as the average of enthalpies 
required to dissociate the said bond present in different gaseous com- 
pounds into free atoms or radicals in the gaseous states. The bond 
enthalpy may be distinguished from the term bond dissociation enthal- 
py which is defined as the enthalpy required to dissociate a. given 
bond of some specific compound. : 
Bond enthalpies can be obtained from data on enthalpies of com- 
bustion and enthalpies of dissociation. Taking an example of the bond 
enthalpy of C—H, we have í 


Chie) — Ce) + 4H) uy 
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The value of AH for above reaction can be obtained as follows: 
CH4(g) + 20g) —> CO,(g) + 2H,0(1) AH = — 890.36 KJ 
CO,(g) —-> C(graphite) -+ O(g) AH? = 393.51 kJ 
2H;0(1) —- 2H;(g) + O,(g) AH? = 571.70 kJ 
2H,(g) —> 4H(g) AH? = 871.86 kJ 
C (graphite) ——- C(g) AH? = 716.68 kJ 


On adding, CH,(g) —-> C(e) + 4H(g) AH? = 1663,39 kJ 


Hence ecu 


E: 1688-38 KI 415.85 1g 


Data on the bond enthalpies can be employed to calculate the appro- 
ximate enthalpy of formation of a substance of known structure by 
adding the appropriate bond enthalpies. Similarly, approximate esti- 
mate of enthalpy of a reaction can be determined from the bond 
enthalpy data. Taking an example of the reaction 


H,(g) + 40,(g) — H;O(g) 


we have, 
Breaking of H—H bond, AH — 433 kJ 
Breaking of } O—O bond, AH = 492 KJ) 
Making of two O—H bonds, AH = — 2(464 kJ) 


Adding these, we get 
AH = 433 kJ + 1492 kJ) — 2(464 kJ) 
= — 249 KJ 


The above changes in enthalpies are shown in Fig. 8.6. For the 
reaction 


GH,(g) + H(g) —> C;H«(g) 


we have, 
Breaking of 1 C—C bond AH — 606.68 kJ 
Breaking of 4 C—H bonds AH = 4 x 410,87 kJ 
Breaking of 1 H—H bond AH — 431.79 kJ 
Making of 1 C—C bond AH — — 336.81 kJ 


Making of 6 C—H bonds ` AH = — 6 x 410,87 kJ 
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2H(g) + Olg) 


AH-246kJ 


2H (9)- V4 0219) 


gRO|A"- AHz -2(464kJ) 
A 433kJ 
P 
= 
w 
d H3(g) +%02(9) 


AHz-249kJ 


H,0(g) 
Fig. 8.6 


Adding these, we get 
AH = — 120.08 kJ 


Problem 8.4 Calculate the C—C bond enthalpy from the following 


data. 
(a) 2C(graphite) -+ 3H,(g) —> CoH¢(g) AH = — 84.67 kJ 
(b) C(graphite) ——- C(g) AH = 716.7 kJ 
AH = 435.9 kJ 


(c) Hx(g) ——> 2H(g) 
(d) «cu = 416 kJ mol" 
First, we calculate the enthalpy change for the reaction 
2C(g) + 6H(g) —> C;H«(g) 
This can be obtained by carrying out the following manipulations 
Eq. (a) — 2 Eq. (b) — 3 Ea. (c) 
Thus, carrying out the same manipulations on the corresponding 
enthalpy changes, we get M 
AH = AH = 2A wy E 3AH ey 
= — 84.67kJ — 2 x 716.7 KJ —3 X 435.9 kJ 


= (— 84.67 — 1433.4 — 1307.7) KJ. = — 2825.77 kJ 


5 
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Now, the above enthalpy change is due to the formation of one C—C 
bond and six C—H bonds. Hence, we will have 
= €o-c — 6 €c_y = AH 
~ AH 6 eca 
+ 2825.77. kJ — 6 x 416 kJ 
= 329.77 kJ 


or €c-c 


8.7 CRITERION FOR THE SPONTANEITY OF A 
CHEMICAL REACTION 


In this section, we will learn about the driving force behind a chemical 
reaction, i.e. the factors which are responsible for converting reactants 
into products in a chemical reaction. 


help of external agencies such as a water pump, where electrical energy 
is used up to provide potential energy to water. From this observation 
we derive at once the general principle that, in spontaneous change, 
there occurs a net decrease in potential energy. By analogy, we may, 


(a) C(graphite) + 0,(g) —+ CO,(g) AH = — 393.3 kJ 
(b) N2(g) + 3H;(g) ——> 2NH;(g) AH — — 92.05 kJ 
(c) 2H;(g) + O(g) — 2H,0(1) AH — — 2,391 kJ 


(d) Zn(s) + CuSO,(aq) —-» Cu(s) + ZnSO4(aq) 
AH = — 210.04 kJ 
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(e) C(graphite) + H4O(g) ——> CO(g) + Hog) AH = 128.34 kJ 
(f) Ho(g) + (s) —> 2HK(g) AH — 53.56 kJ 
(g) C(graphite) + 280) —- CS,() AH — 128.03 kJ 


From the above reactions it follows that, the decrease in enthalpy 
may be a contributing factor to the driving force behind a reaction, 
but it is not a sufficient one for all cases. 

Besides exothermic nature, there may exist some other criterion 
which overpowers the endothermic nature of a chemical reaction. The 
clue to this criterion is provided by the diffusion of two gases into 
each other. Consider, for example, the arrangement as shown in Fig. 
8.7. The left-hand compartment contains molecules of gas A, whereas 
in the right-hand compartment are molecules of gas B. The two gases 
are separated from each other by a movable partition. If this partition 
is removed, the gases begin to diffuse into each other and after a 
period of time diffusion will be complete. After the diffusion is com- 
plete, the process cannot be reversed on its own, indicating that diffu- 
sion is a spontaneous process. The heat involved in the diffusion pro- 
cess is almost negligible (zero when the gases are ideal in nature). 
So here spontaneity is not due to the heat effect but because of some- 
thing else. 


Fig. 8.7 The process of mixing of two gases 


In the above diffusion process, the degree of disorder of the system 
has increased. Before the removal of the partition, a given molecule of 
A is definitely in the left-hand compartment, whereas after removal of 
the partition, it can be in either of the compartments, i.e, the molecule 
of A is more disordered. The two gases mix with each other because 
molecules of either gas get the opportunity to become more disorder- 
ed and thus this proposition would appear to become the criterion of 
spontaneous change. The increase in disorder is termed as increase in 
entropy of the system. The entropy of the system is a definite property 
of the system just like its internal energy and enthalpy. The entropy 
of the system will be a measure of its disorder and its value is expect- 
ed to decrease as the system becomes more ordered. A gas, which is 
composed of particles moving in random motion, will tend to have a 
relatively high entropy; whereas a solid, with a regular crystalline struc- 
ture, will tend to have a low entropy. A pure crystalline substance at 
zero kelvin is expected to be perfectly ordered and will have a mini- 


mum value of zerc for its entropy. So our criterion for spontaneity is, 
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for spontaneous change in an isolated system there must occur an in- 
crease in entropy. Entropy is given the symbol S and, therefore, AS 
must be positive for a spontaneous change*. 

For the chemical reaction, the entropy change is due to the rear- 
rangement of atoms or ions from one pattern (in the reactants) to 
another (in the products). If the structure of the products is more 
disordered than that of the reactants, an increase in entropy will be ob- 
served, and vice versa. This increase in entropy may be the motivating 
force behind the reaction especially when the reaction is of endothermic 
nature. Thus, the two factors which seem to govern the spontaneous 
nature of a reaction are as follows. 


1. Decrease in the enthalpy content Products should have lower 
enthalpy than the reactants, i.e, AH should be negative. The difference 
in enthalpy is released in the form of heat, from system to surround- 
ings. 


2. Increase in entropy of the system Products should have larger 
entropy (i.e. the more disordered) than the reactants (i.e the less disor- 
dered), i.e. AS should be positive. As a rough guideline, the products 
should include species of higher entropy (such as gaseous species) than 
the reactants (such as solid or liquid species). 

Depending upon the values of AH and AS, four cases may be dis- 
tinguished. 


1. AH negative and AS positive Both these factors favour spon- 
taneity, and thus the reaction is always spontaneous. 


2. AH positive and AS negative These factors do not favour spon- 
taneity, and thus the reaction is never spontaneous. 


3. AH positive and AS positive Enthalpy change does not favour 
spontaneity, whereas entropy change favours it. The nature of reac- 
tion depends on the factor which dominates to a greater extent. 


4. AH negative and AS negative Enthalpy change favours, whereas 
entropy change disfavours spontaneity. The nature of reaction depends 
on the factor which is more dominating. 

Looking back into the chemical reactions cited earlier, we find that 
for each of reactions (a) to (d), AH is negative, whereas AS has either 
a larger negative value (reaction b) or a small positive or negative 
value. Thus, here enthalpy change dominates over the entropy change 


*For a transformation taking place at constant temperature, it can be shown 
that the associated entropy change is given by the expression 
darev 
s = Ce 
“ T 


rey 


n 
The unit of entropy is J K~. 


or AS — 
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in deciding the spontaneous nature of a chemical reaction. For each of 
the reactions (e) to (g), AZ has a positive value and AS has a large 
positive value as the products contain more number of gaseous species 
than the reactants. Here entropy change dominates over the enthalpy 


change to decide the spontaneous nature of the reaction. 


A Composite Function to Predict Spontaneity 


From the examples cited above, it is obvious that the changes in the 
functions H and S cannot be separately taken as the criterion of spon- 
taneity. One has to use both these changes together to predict the 
spontaneous nature of a chemical reaction. These two criteria, viz., 
the decrease in enthalpy and increase in entropy, can be combined into 
one composite criterion called the free energy change of the reaction. 
This is given by the expression 


AG — AH — T AS (8.8) 


The decrease in enthalpy (ie. AH = — ve) and increase in entropy 
(ie. AS = --ve) make AG negative, and, hence, the only criterion for 
a reaction to be spontaneous is that the change in Gibbs (free energy) 
function (G = H — TS) accompanied a reaction should be negative. 
The other three cases discussed earlier are: 


1. AH positive and NS negative Both these factors make AG posi- 
tive and, hence, the reaction can never be spontaneous under any con- 
dition of temperature and pressure. 


2. AH positive and AS positive Here the contribution of AH in AG 
js positive, whereas that of AS is negative. The value of AG will be 
negative if TAS is greater than AH, i.e. the entropy change multiplied 
by temperature is larger than the enthalpy change (i.e. the heat absorb- 
ed at constant pressure). This fact will be more predominant at higher 
temperatures which make TAS larger than at lower temperatures. 
In other words, if for a reaction AG has a small positive value (i.e. 
AH > TAS) it may be made negative at higher temperature. Hence, a 
reaction with these characteristics (AH positive and AS positive), if 
nonspontaneous at lower temperatures, may be made spontaneous at a 
higher temperature. 


3. AH negative and AS negative Here the contribution of AH in AG 
is negative, whereas that from AS is positive. The value of AG will be 
negative only if |AZ7] > TAS. This fact will be more predominant at 
lower temperatures which make the value of TAS smaller than at a 
higher temperatures. In other words, if for a reaction AG has a small 
positive value (i.e. |AH] < TAS), it may be made negative ata lower 
temperature. Hence, a reaction with these characteristics (AH negative 
and AS negative), if nonspontaneous at higher temperatures, may be 
made spontaneous at a lower temperature. 
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Thus, in brief, we have 
AG negative: Reaction is spontaneous in nature 


AG positive: Reaction is nonspontaneous in nature. 
The above characteristics are described in Table 8.2. 


Table8.2 The main characteristics of chemical reactions 


AH AS AG — AH — TAS Remarks 
negative positive negative Reaction is spontaneous at all 
temperatures 
positive negative positive Reaction is nonspontaneous 
at all temperatures 
positive positive negative if Reaction is spontaneous 
TAS > AH (favourable at high tempera- 
ture) 
positive if Reaction is nonspontaneous 
TAS < AH (favourable at low tempera- 
ture) 
negative negative negative if Reaction is -spontaneous 
lAH|- TAS (favourable at low tempera- 
ture) 
positive if Reaction is nonspontaneous 
lAH|-« TAS (favourable at high tempera- 
ture) 


Criterion of a Reaction at Equilibrium 


We have seen that AG can be used to predict the spontaneity of a 
reaction. If AG is negative, the reaction is spontaneous in nature, 
whereas it is nonspontaneous if AG is positive. For a reaction, if AG 
= 0 it is neither spontaneous nor nonspontaneous. At this point, the 
reaction exists at equilibrium. It can proceed in either direction. For 
AG = 0, we will have 


AH — T, AS =0 
AH 
or T4 = AS (8.9) 


that is, when temperature of the system is equal to AH/AS, the reac- 
tion will exist at equilibrium. If Eq. (8.9) is applied to the four cases 
shown in Table 8.2, we get the results which are described as follows. 
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1. AH negative and AS positive Here, we have 


T4 = AH. nep negative 


Since negative T is meaningless, the reaction is never at equilibrium. 
In fact, the reaction is spontaneous at all temperatures since AG of 
the reaction is always negative. 


2. AH positive and AS negative Here, we have 


AH positive i 
Ta = AS) newative negative 

Again the reaction is never at equilibrium. In fact, the reaction is 
nonspontaneous at all temperatures as AG of the reaction is always 
positive. 


3. AH positive and AS positive Here, we have 


Ta = A ee pM N positive 


For T > T,,, AG is negative. On the other hand, for T < Toq, AG is 
positive. Thus, at T > T,,, the reaction is spontaneous, whereas at T 
< T, the reaction is nonspontaneous. To support the above facts, we 
cite below some calculated data on the values of AH and AS for the 
physical transformation solid water — liquid water. 


TIK AH] AS[J K^* TAS/J AG/J 


263.15 5614 20.5 5392 +219 
273.15 6009 22.0 6009 0 


283.15 6391 


23,4 6622 7235 


Thus, solid water and liquid water exist in equilibrium with each other 
at 273.15 K (— 0 *C). At T — 273.15 K, AG is negative and thus con- 
version of solid water to liquid water is; spontaneous. On the other 
hand, at T < 273.15 K, AG is positive indicating that the conversion 
of solid water to liquid water is nonspontaneous. In fact, the reverse 
reaction (i.e. liquid water—-solid ater) for which AG is negative will 
be spontaneous in nature. 


4, AH negative and AS negative Here, we have 


AH _ negative 


Tea = SS ~ negative 


= positive 
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For T > T, AG is positive. On the other hand, for T < T4, AG is 
negative. Thus, at T < Teq, the reaction is spontaneous, whereas at 


T > T, the reaction is nonspontaneous. 


Problem 8.5 For the transformation at 1 atmospheric pressure, 
H20(1) —> H;O(g) 
answer the following: 
(a) At t = 90°C, AH = 41.1 kJ mol! and AG = 1.193 kJ mol", 
find out the values of AS and TAS. 
(b) At t = 100 °C, AH = 40.7 kJ mol and AS = 109 J K^! 
mol, find out TAS and AG. 
(c) Att = 110°C, AH = 40.1 KJ mol! and AG = — 0.979 kJ 
mol, find out TAS and AS. 


(a) Since AG = AH — TAS, we have 
TAS = AH — AG 
= 41.1 kJ mol — 1.193 kJ mol-! 
= 39,907 kJ mol-! 
Now ASS bal uL e = 0.1099 kJ K-! mol"! 
= 109.9 J K~! mol 


(b) At 100 °C, the transformation H,0(1) —— H,0(g) is at equilib- 
rium. Hence, its AG = 0. Thus, AG = 0 = AH — TAS gives 


TAS = AH = 40.7 kJ mol 


(o) TAS — AH — AG 
= 40.1 kJ mol-! — (— 0.979 kJ mol!) 


= 41.079 kJ mol 


__ 41.079 kJ mol! SW 
AS — 7 88315K = 0.1072 kJ K-! mol $ 


= 107.2 J K-! mol 


Problem 8.6 Calculate the entropy change AS per mole for the 
following reactions. 
(a) Combustion of hydrogen in a fuel cell at 298 K. Given that AH 
and AG for the reaction H,(g) + 3 O(g) ——> H,O(g) are 
— 241.6 kJ and — 228.4 kJ, respectively. 
(b) Vaporization of methanol at its normal boiling point. Given that 
— 23.9 kJ and boiling point — 338 K. 


mvap 
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We havé 
(a) Since, AG = AH — TAS, therefore 
AH — AG 
as = BE A 
— = 241.6 kJ — (— 228.4 kJ) 
S 298 K 


= — 443 x 102 kJ K~! = — 44.3 J K- 
(b) Since AS = q,.,/T, we get 


_ 23.9 kT mol! _ a a St 
AS e mex eros Ul x 1077 kJ K^! mol 


= 70.7 J K^! mol"! 


Problem 8.7 Culculate the change in molar Gibbs function for the 
following reactions. 


(a) CaCOs(s) ——- CaO(s) + CO,(g) at 298 K. Given: AH = 117.9 
kJ and AS = 160.4 J K!. 


(b) 2NO;(g) ——- N3O,(g) at 298 K. Given: AH = — 57.2 kJ and 
AS = — 1756 J K“. 


Since AG = AH — TAS, we have 


(a) AG = 117.9 kJ — (298 K) (160.4 x 107? kJ K^!) 
= 70.1 kJ 

(b) AG = — 57.2 kJ — (298 K) (— 175.6 x 10? kJ K^") 
= — 4.87 kJ 


Problem 8.8 For the reaction 
Ag;O(s) —-> 2Ag(s) + 4 Ox(g) 


calculate the temperature at which the reaction is at equilibrium. At 
T < T, predict the direction in which reaction proceeds spontaneous- 
ly. Given: AH = 30.56 kJ mol! and AS = 66 J K^! mol. Assume 
these to be temperature independent. 


For the reaction at equilibrium, AG = 0. Hence, AH — T,,AS = 0 
which gives 
AH 
Tim AS 
30.56 kJ mol 


7766 x 103 kJ K~” molt 


= 463.0 K 
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If T < T4, then AG = AH — TAS will be positive. Thus, the for- 
ward direction as shown in the reaction is nonspontaneous direction. 
The reaction will have a tendency to proceed in the backward direc- 
tion, 


8.8 ENERGY CONSUMPTION AND CRISIS 


The energy requirements of human beings are met by fossil fuels 
(kerosene, petrol, natural gas, cooking gas, etc., which are understood 
to be formed from the remains of extinct life when subjected to high 
pressures and high temperatures in the interior of the earth), thermal 
power stations (where heat is used to convert water into steam 
which is, in turn, used to run turbines that generate electricity) and 
hydroelectric power stations (where kinetic energy of fast moving 
water is used to run turbines that generate electricity). Modern tech- 
nology has developed nuclear power stations where energy is obtained 
from the stored energy in the nucleus of the atom. In addition to these, 
some of the conventional sources of energy in rural areas are the 
burning of wood, charcoal, cow dung and gobar gas. The principle of 
conservation of energy is preserved during the utilization of the above 
energy sources, i.e. energy is transformed from one form to other but 
the total energy remains constant. However, the consumption of ener- 
gy by human beings is a one-way process. For example, the products 
obtained during the combustion of fuels cannot be readily recombined 
to give back the fuel so that it may be utilized once again. A general 
rule regarding the reversibility of a spontaneous process has been estab- 
lished. This rule states that energy required to reverse a spontaneous 
process would be much larger than the energy which is made available 
when the process proceeds in the spontaneous direction. During the 
combustion of fuels, energy is conserved. A part of this energy is avail- 
able in the form of heat and rest of the energy is carried by the prod- 
ucts of combustion which cannot be recycled and, hence, will not be 
available for consumption. Thus, the net available energy is smaller 
than the energy we would have got otherwise. 

The man-made machines which convert one form of energy into 
another (for example, heat into mechanical energy in a steam engine) 
have an efficiency of conversion less than one. This is because the 
working substance in the machine when recycled requires more energy 
than the energy it converts while operating in the forward direction. 
Similarly, the products obtained during the burning of wood, coal, 
etc., require much larger energy to convert them back into the orig- 
inal fuel (fortunately, nature helps us in this direction via living plants 
through photosynthesis). 

The above facts are best covered by the expression, AG — AH — 
TAS, where AG is the net useful energy which can be obtained in a 
process and it is smaller than AH by a factor TAS which represents 
the part of energy which cannot be recycled for utilization. Hence, it 
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can be stated that the energy of the universe remains constant but it is 
being converted by the natural processes into forms which cannot be 
utilized fruitfully. In other words, it is going to be more expansive as 
more energy will have to be spent to convert the resultant products 
to a form that can be used conveniently by human beings. 

Fossil fuel is the main source of energy for human beings and this 
is being used ata rate much faster than the rate of formation. It is 
estimated that man will run out of fossil fuel before the middle of the 
twenty-first century. So, we must consume fuel with caution and at the 
same time explore other unconventional sources of energy. Much re- 
search is being done in this direction. 


Problem 8.9 Given that 
(a) C(s) + Og) —— CO,(g) AH = — 394 kJ mol" 
(b) C(s) + 40,(g) —— CO(g) AH = — 111 kJ mol 


nnswer the following. 


(i) In an oven using coal (containing 80% carbon by mass), insuffi- 
cient oxygen is supplied such that 60% carbon is converted to 
CO, and the remaining to CO. Find the heat generated wl cn 10 
kg of coal is burnt in this fashion. 


(ii) Calculate the heat generated if a more efficient oven is used so 
that only CO, is formed. 

(iii) Calculate the per cent loss in heating value for the inefficient 
oven. 

(i) In the given 10 kg of coal, the carbon content will be 8 kg as 
coal contains 80% by mass of carbon. Of this, 4.8 kg (60% of 8 kg) 
is converted into CO», whereas 3.2 kg into CO. Now the amounts of 
carbon in these will be as follows. 


Amount of carbon converted to CO, 


ux 4.8 kg 
^ 0.012 kg mol! 


Amount of carbon converted to CO 


i2 3.2kg 
= 0.012 kg mo! 


Now the quantity of heat generated, will be 
q, = (400 mol) (AH,) + (266.9 mol) (AH,) 
= 400 x 394kJ + 266.9 x 111 kJ 
= 157600 kJ + 29625.9 kJ 
= 187225.9 kJ 


= 400 mol 


= 266.9 mol 
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(ii) Quantity of heat generated when all the carbon is converted 
into CO,, 
qa = (400 mol + 266.9 mol) (AH) 
= 666.9 mol x 394 kJ mol! 
= 262758.6 kJ 
(iii) Per cent loss in heating value for the inefficient oven, 


geg 262758.6 kJ — 187225.9 kJ 
qoe 262758.6 kJ 


= 28.75 


x 100 


Problem 8.10 Gobar gas obtained by bacterial fermentation of ani- 
mal refuse contains mainly methane. The enthalpy change for the re- 
action 


CH,(g) + 20,(g) ——> CO,(g) + 2H,O0(g) 
is — 809 kJ mol'. How much gobar gas would have to be produced 
per day for a small village community of 100 f: milies, if we assume that 


each family has to be supplied 2.0 x 10* kJ of heat per day to meet 
all its needs and that the methane content in gobar gas is 80% by mass? 


Total heat needed for the village — 2.0 x 10* x 10? kJ 
Quantity of heat supplied per mole of methane burnt 


= 809 kJ mol"! 
Amount of methane needed to require 2.0 x 10° kJ of 
1902.0, 6 ROSIE - 
heat — 809 kJ mor! ^ 2472.19 mol 


Mass of methane required will be 
= (2472.19 mol) (16 g mol!) = 39555.04 g 
Since gobar gas contains 80 mass per cent of methane, 
mass of gobar gas needed — m x 39555.04 g 


= 49443,8 g = 49.44 kg 


Problem 8.11 If a man submits to a diet of 9500 kJ per day and ex- 
pands energy in all forms to a total of 12000 kJ per day, what is the 
change in internal energy per day? If the energy lost was stored as 
Mes (1632 kJ per 100 g), how many days should it take to lose 
g? 
Change in internal energy = (12000 kJ — 9500 kJ) day-! 
= 2500 kJ day 
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To lose 1 kg of sugar, 


energy to be consumed — 1632 x 10 kJ 


Hence, 


Number of days required to lose this much energy 


1632 x 10 kJ 


= sooo dart t 


EXERCISES 


What do you understand by the internal energy of a system? Explain the 
two modes through which the energy of a system can be changed. 


. What do you understand by the law of conservation of energy? Interpret 


the expression AU =q + w in terms of this law. 

Show that heat exchanged by a system at constant volume is equal to the 
change in its internal energy, whereas that at constant pressure is equal 
to the change in its enthalpy. 


. Write an expression for the enthalpy change of a reaction in terms of the 


enthalpies of its constituents. In terms of this, explain exothermic and 
endothermic reactions. 


. What do you understand by the conventional values of standard molar 


enthalpies? 


. Discuss Hess's law of constant heat summation by taking a suitable 


example. 


. Define the following terms 


(a) Enthalpy of formation 

(b) Enthalpy of combustion 
(c) Enthalpy of fusion 

(d) Enthalpy of vaporization 
(e) Enthalpy of sublimation 
(f) Enthalpy of neutralization 
(g) Enthalpy of ionization 

(h) Enthalpy of transition 

(i) Enthalpy of solution 

(j) Bond enthalpies. 


. Describe the essential criterion for a reaction to be spontaneous. 


9. Describe the essential criterion for a reaction to be at equilibrium. 


10. 


In the following changes, state whether the entropy of the system is in- 
creased or decreased. 

(a) Stretching of a rubber band 

(b) Conversion of H:O(1) in HsO(g) 

(c) Changing normal egg to hard boiled egg 
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(d) Na(g) + 3H: —> 2NHs(g) 
(e) N;O«(g) —> 2NO.(g) 
(f) 2SO2(g) + O2(g) ——> 2S0:(g) 
[Ans (a) increase, (b) increase, (c) increase, 
(d) decrease, (e) increase, (f) decrease] 
11. Rank the following in order of increasing entropy. 
(a) 1 mol of H:O(l) at 298 K and 1 atm 
(b) 1 mol of H:O(s) at 273 K and 1 atm 
(c) 1 mol of H:O(g) at 373 K and 0.5 atm 
(d) 1 mol of H:O(g) at 273 K and 1 atm 
(e) 1 mol of H:O(l) at 273 K and 1 atm 
[4ns. (b) < (e) < (a) < (d) < (01 
12. At 25 °C, the enthalpy change for the reaction 
H:S04 + 5H:O —> H3SO,-5H:O (all liquids) 
is — 58.032 kJ. Calculate the temperature change if 1 mole of H»SO, is 
dropped into 5 moles of H;O at 24 °C. Assume no heat loss to the sur- 


roundings and that the specific heat capacity of the solution is 4.184 J 
K g~. [4ns. 73.7 °C] 


13. On the basis of the following data, evaluate the standard enthalpy of 
formation of tungsten carbide WC(s). 


(a) Ws) + 30.0) —+> WO»(s) AHswk = — 837.47 k7 
(b) WCG) + 30x08) —> Wx) + CO.) ^ AHiwk = — 1195.79 IJ 


(c) C(graphite) + O«(g) —- CO:(g) AH = — 393.51 kJ 
(Ans. — 35.19 kJ) 
14, The thermochemical equations for solid and liquid fuels are given below. 


2Al(s) + 30.18) —> Al:03(8) AH = — 1667.8 kJ 
Hs(g) + 3Ox(g) —> H:0() AH = — 285.9 kJ 
If equal masses of Al and Ha are used, which of the above will be a bet- 
ter rocket fuel? (Ans. Hydrogen) 


15. Calculate the bond enthalpy of HCI. Given that «(H—H) = 433 kJ mol-* 
and «(CI—CI) = 242 kJ mol-! and AH;(HCI) = — 91 kJ molt. 
(Ans. 428.5 kJ) 
16. Calculate the enthalpy of formation of benzene from the data 
AHcomw(benzene) = — 3280.1 kJ 
AHcom»(carbon) — 395.0 kJ 
AHcomw( Hs) = —2859kJ (Ans. AH = 524 kJ) 


17. Calculate the normal melting point of KCl if AHrus(KCI) = 7.25 kJ 


mol and ASra(KCI) = 7 J K-! mol-! at this temperature. 
(Ans. 1035.6 K) 
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18. Calculate the entropy change for the following processes. 
H:O(l —- H;O(s)  at0*C and 1 atm 
H:O(l —- HsO(g at 100 °C and 1 atm 


Given that AHtus(H.O) = 6.023 kJ mol and AHvaj(H;O) = 40.668 kJ 


mol-*, 
(Ans. 22.06 J K-!, 108.95 J K~) 


Multiple-Choice Questions 
Tick (v) the correct choice. 


1. In an endothermic reaction 


(a) the enthalpy of reactants is more than that of products 
(b) heat is given out by the system 

(c) AH has a positive value 

(d) AU has a negative value. 


2. When a solid is converted into liquid, entropy will 
(a) become zero (b) decrease 
(c) increase (d) remain same. 
3. Enthalpy of neutralization of a strong acid with a strong base is 


(a) the same as that of a strong acid with a weak base 

(b) the same as that of a weak acid with a strong base 

(c) the same as that of a weak acid with a weak base 

(d) independent of the nature of strong acid or strong base. 


4. The enthalpy change in the reaction 
2CO(g) + Ox(g) —> 2COx(g) 


is termed as 
(a) enthalpy of reaction (b) ethalpy of fusion 
(c) enthalpy of formation (d) enthalpy of combustion 


5. The change in Gibbs function for a reaction at equilibrium 

(a) is negative 

(b) is positive 

(c) is zero 

(d) can ve negative, zero or positive depending upon the reaction, 
6. For the chemical reaction 

2CO(g) + Ox(g) — 2CO:(g) 

the entropy change will be 

(a) negative 

(b) positive 

(c) zero 

(d) negative, positive or zero depending upon the experimental condi- 

tions. 
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7. For which of the following reactions, will AH be equal to aU? 
(a) Hs(g) + 402 —> H:0@ 
(b) Hs(g) + In(g) —> 2Hl(g) 
(c) 2NO2(g) —> N:O«(g) 
(d) 2SOs(g) —— 280:(g) + Ox(g) 


8. The unit of entropy is 


(a) joule (b) joule per mole 
(c) joule per kelvin (d) joule per gram. 
9. For a reversible reaction at temperature T, which of the following is 

true? 
(a) T > AH/AS (b) T < AH[AS 
(c) T = AH/AS (d) T = AG/AS 

10. For a reaction at equilibrium, which one of the following is true? 
(a) AH > TAS (b) AH = TAS 
(c) AH < TAS (d) AH — AS 


Answers (Multiple-Choice Questions) 
1. (9 2. (c) 3. (d) 4. (a) 5. (c) 
6. (a) 7. (b) 8. (c) 9. (c) 10. (b) 
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Chemical Equilibrium 


Objectives Reversible and Irreversible Reactions O Physical Equilibria O 
Chemical Equilibrium O Derivation of Equilibrium Constant O Le Chatelier's 
Principle O Effect of a Catalyst on Equilibrium O Dissolution Process and 
Classification of Electrolytes O Arrhenius Theory of Dissociation O Dissocia- 
tion of Pure Water O PH-Scale © Solubility Product O Some concepts of 
Acids and Bases 


9.1 REVERSIBLE AND IRREVERSIBLE REACTIONS 


Chemical reactions in which reactants are almost converted into prod- 
ucts are well known. Such reactions are called irreversible reactions. 
A few such reactions are given below. 


1. Neutralization reaction of an acid with a base Taking an ex- 
ample of HCI and NaOH, we have 


HCI + NaOH —-> NaCl + H;O 
The neutralization can be simply written as 
H+ + OH- — H,O 


2. Precipitation reaction of a cation with an anion Taking an ex- 
ample of AgNO; and KCl, we have 


AgNO, + KCI ——> AgCl} + KNO; 
or simply written as 
Agt + Cl- — AgCl} 


. 3. Redox reaction of an ion with appropriate oxidizing agent Tak- 
ing an example of FeSO, and KMnO; in acidic medium, we have 


2IKMnO, + 10FeSO, + 8H80, —— 2MnSO, + KSO, 
+ 5Fe,(SO,); + 8H,0 
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or simply written as 
MnO; + 5Fe^* + 8H* —-> Mn?+ + 5Fe* + 4H,0 


Besides the above category, many reactions are known in which reac- 
tants are not completely converted into products. In fact, the reaction 
proceeds only to a certain extent and the resulting mixture contains 
both reactants and products in equilibrium with each other. At the 
final stage, when the properties of the system remain constant with 
time, the reaction is said to be at equilibrium. A few such reactions are 
given below*. 


H(g) + L(g) = 2HI(g) 
Nx(g) + 3H2(g) = 2NH«(g) 
N20,(g) = 2NO,(g) 


At equilibrium, the processes of converting reactant(s) into product(s) 
and vice versa do not cease but both of them occur simultaneously with 
equal rates, i.e. the rate of conversion of reactant(s) into product(s) be- 
comes equal to the rate of conversion of product(s) into reactant(s). In 
other words, the reactant(s) and products(s) are formed as quickly as 
they are destroyed, consequently, their compositions remain constant. 
Thus, at equilibrium, the system involves dynamic equilibrium and not 
static equilibrium. In the latter, all processes taking place in system 
are supposed to cease. 

An equilibrium stage can be reached starting from either reactant(s) 

` or product(s) or both. For example, the equilibrium stage of 


N20,(g) = 2NO,(g) 


can be achieved starting from either reactant (any amount of N2O4 
can be taken) or product (any amount of NO, can be taken) or both 
(any arbitrary amounts of N,Q, and NO, can be taken), Irrespective 
of how the equilibrium is achieved, at equilibrium the rate of forma- 
tion of NO, from N5O, and the rate of formation of N50, from NO; 
are equal. Initially, if we start from NO, the rate of formation of 
NO; is’ fast and steadily decreases with time till it becomes constant 
at the equilibrium stage. On the other hand, the rate of formation of 
N20, from the obtained NO, steadily increases till it also becomes 
constant at the equilibrium stage (Fig. 9.12). Similarly, if we start 
from NO;, then the rate of consumption of NO, to give N5O, is fast 
to start with and steadily decreases with time till it becomes constant 
at the equilibrium stage. On the other hand, the rate of formation of 
N50, from the obtained NO, steadily increases till it becomes constant 


* A symbol = is used to separate reactants and products of a reaction at 
equilibrium. This symbol represents that the reaction can proceed in either 
direction to achieve equilibrium. 
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at the equilibrium stage (Fig. 9.1b). Since the equilibrium position can 
be reached in either direction (reactants — equilibrium <- products), 
such reactions are called reversible reactions. 


N20, — <- 


Reactant Mixture at Product 
equilibrium 


(a) 
Reactant 


Product 


Rate of reaction — 


< 


Time — 


Fig. 9.1 (a) Formation of NO: starting from N:O4 
and (b) formation N:0; starting from NO» 


Types of Equilibrium 


In chemistry, an equilibrium may be classified into two categories, Viz., 
physical equilibrium and chemical equilibrium, depending upon the 
type of change involved in the system. In physical equilibrium, two 
or more than two phases of the same substance exist in equilibrium 
with each other, whereas in chemical equilibrium, different chemical 
species exist in equilibrium with each other. 


9.2 PHYSICAL EQUILIBRIA 


As stated above, in physical equilibrium two or more than two phases 
of the same substance exist in equilibrium with each other. The com- 
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` monly observed two-phase equilibria along with their main characteris- 
tics are described in the following. 


Solid-Liquid Equilibrium 


Consider a system containing solid water(ice) and liquid water. The 
equilibrium set up between the two phases may be represented as 


H,0(s) = H;O(1) 


The following characteristics of the above equilibrium may be 
established. 

1. At 1 atmospheric pressure, the two phases, namely, solid water 
(ice) and liquid water, exist together in equilibrium only when the 
temperature of the system has a constant value of 0 °C. 

2. If the temperature of the system is more than 0 °C, we find that 
all the ice has melted and the system contains only liquid water. 

3. If the temperature of the system is less than 0 °C, we find that 
all the liquid water has solidified and the system contains only solid 
water. 

4. For a completely thermally isolated system at 0 °C, the masses 
of solid water and liquid water remain constant with time. However, 
as stated earlier, the system is at dynamic equilibrium where water 
molecules are being continuously exchanged between the two phases 
at equal rates, i.e. the rate of transfer of water molecules from liquid 
water to solid water is the same as that from solid water to liquid 
water (Fig. 9.2). 


Fig. 9.2 Schematic diagram displaying 
dynamic equilibrium H3O(1) = H:O(s) 


Normal Melting (or Freezing) Point of a Pure Substance We have seen 
above that the solid and liquid phases of a pure substance exist at 
equilibrium only at one particular temperature for a given pressure. 
When the pressure is 1 atmospheric pressure, this temperature is re- 
ferred to as normal melting (or freezing) point of the substance. 


Liquid-Vapour Equilibrium 
For any liquid, there exists an equilibrium of the type 
liquid = vapour 
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Taking an example of water, we have 


H,0(1) = H,0(g) 


The pressure caused by the vapour in equilibrium with its liquid is 
known as vapour pressure of liquid*. 

Let an evacuated vessel fitted with a movable piston be placed in a 
thermostat whose temperature is a little above 0 °C (say, 10 °C) such 
as shown in Fig. 9.3. The position of the piston can be held anywhere 
against a set of stops. Let liquid water be introduced in the vessel. 
The main characteristics of the above system at various stages of tem- 
perature and pressure are described in the following. 


Fig. 9.3 System exhibiting liquid-vapour 
equilibrium of water 


1. When the system has attained equilibrium, it is found that the 
pressure within the vessel attains a constant value. This pressure is 
known as vapour pressure of liquid water at the given temperature. 
At this stage, the rates of transfer of water molecules from liquid to 
vapour and vice versa are identical. 

2. For a given temperature, the liquid-vapour equilibrium exists 
only ata fixed pressure of vapours. If this pressure is increased or 
decreased, the equilibrium adjusts to have the same vapour pressure. 
This may be demonstrated as follows. If the volume of a system is 
increased at constant temperature by moving the position of the piston 
outward it will cause a decrease in the pressure of vapour phase. Since 
at a given temperature the vapour pressure of liquid water has a fixed 
value, a little water will evaporate to keep the vapour pressure to à 
constant value. If the above process of expansion is continued, more 
and more liquid water evaporates till the entire liquid phase disap- 
pears. At this stage, the system. contains only the gaseous phase. The 
expansion of the latter merely causes a decrease in its pressure. Simi- 
larly, if the volume of the system is gradually decreased, more and 


*Sce Sec. 3.6 for the definition and measurement of vapour pressure. 
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more vapour is condensed in order to keep the vapour pressure of . 
liquid water to a constant value. If the compression is continued, 
eventually a stage is reached where the entire vapour phase is con- 
densed and the system contains only the liquid phase. The piston of 
the vessel will be directly in contact with the liquid phase. The pres- 
sure on the liquid phase can be increased by applying more pressure 
on the piston. 

3. The vapour pressure of a liquid is found to increase with increas- 
ing temperature of the system (Fig. 9.4). The expression connecting 
these two has the form given below. 


S AH, va 
log (p/p?) = — 2304 RT Tl 


where AZ, vap is the molar enthalpy of vaporization, p° is the stand- 
ard unit pressure* and J is a constant factor. 


pD-—— 
log (D/po) — 


T—- 1 Vr ——— 
Fig. 9.4 Variation of vapour pressure with temperature 


4. Boiling point of'a liquid On continuous increase of temperature, 
a stage is reached where the vapour pressure of the liquid becomes 
equal to the external pressure on the liquid. At this stage, vapours 
start forming within the liquid and these on rising within the liquid 
disappear in the surroundings. The liquid is said to have started boil- 
ing. The temperature at which this happens is known as the boiling 
point of the liquid. This temperature remains constant till the entire 
liquid is converted into vapour phase. Obviously, the boiling point of 
a liquid can be changed by changing the external pressure. 

S Normal boiling point of aliquid When the external pressure on 
the liquid is the atmospheric pressure (1 atm), the boiling point is 
known as the normal boiling point. Obviously, a liquid with compar- 
ative low vapour pressure would require more heating so as to make 
its vapour pressure equal to the atmospheric pressure and thus such a 
liquid will have higher boiling point. For example, comparing ethanol 


"Division by p° is to make p/p° unitless quantity, 
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(vapour pressure 5.85 kPa at 293 K) and acetone (vapour pressure 
12.36 kPa at 293 K), ethanol is expected to have higher boiling point. 
6. Process of evaporation When the liquid is exposed to atmosphere 
the vapours formed are dispersed to the larger volume of air. In order 
to keep the vapour pressure constant at the surface of liquid, more 
and more liquid is converted into vapour which, in turn, continues 
to disperse in air. This process of continuous conversion of liquid into 
vapour is known as evaporation. During this process, cooling of liquid 
is observed as the energy required to convert liquid molecule into 
vapour molecule comes from the liquid itself. The phenomenon of 
evaporation is faster in hot and airy weather as these factors help in 
evaporating and dispersing the gaseous molecules at a faster rate. 


Solin-Vapour Equilibrium 


The solid phase also exerts its vapour pressure though its value is 
much smaller than the corresponding liquid phase. Its value also 
increases with temperature in accordance with the expression 


S AH sss 
oee = -yart 


where AH sui is the molar enthalpy of sublimation, p° is standard 
unit pressure and J is a constant factor. In some case, vapour pressure 
becomes equal to the atmospheric pressure and the solid is passed 
directly into vapour phase. Such a phenomenon is known as sublima- 
tion. Examples of a solid exhibiting such behaviour are iodine and 
ammonium chloride. 


Solid-Dissolved Solid in Equilibrium 


If we dissolve a solid phase (say, sugar) in a liquid phase (say, water), 
we find that the solid phase stops dissolving after a certain stage. The 
resultant solution is said to be a saturated solution of the given solid 
in the given liquid. At this stage, undissolved solid exists in equilib- 
rium with the dissolved solid and can be represented as 


undissolved solid = dissolved solid 


As usual, this is a dynamic equilibrium. The dynamic nature can 
be demonstrated by adding solute containing radioactive species. After 
sometime, it is observed that the solution as well as the earlier un- 
dissolved solute acquire radioactive species (Fig. 9.5). TUM 

The maximum mass of solid dissolved per unit mass of liquid 
(sometime also expressed as mass per unit volume of liquid) is known 
as solubility of the solid in the said liquid. The process of dissolution 
is associated with the absorption (endothermic) or evolution (exother- 
mic) of heat. The effect of temperature on the solubility depends upon 
whether the dissolution process is exothermic or endothermic. For 
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exothermic dissolution, the solubility decreases with increase in tem- 
perature (for example, anhydrous sodium sulphate), whereas for 
endothermic dissolution, the solubility increases with increase in tem- 
perature (for examples, hydrated sodium sulphate, ammonium nitrite 
and ammonium nitrate). 


Fig. 9.5 Dynamic nature of physical equilibrium 
in a saturated solution 


Gas-Dissolved Gas in Equilibrium 


Gases are soluble in liquids. For a given pair of gas and liquid, solu- 
bility depends on temperature and pressure. For a given temperature 
and pressure, the solubility of a gas increases with the ease of lique- 
faction of the gas. For example, hydrogen and helium are much less 
soluble in water than carbon dioxide and ammonia. Dissolution of a 
gas in a liquid is generally an exothermic process. Consequently, the 
solubility of a gas decreases with increase in temperature. The effect 
of gaseous pressure on its solubility as given by Henry's law is 


mop or m=kp 


that is, ata given temperature, the mass of dissolved gas in a given 
volume of solvent is proportional to the pressure of the gas with which 
it is in equilibrium. There exists an equilibrium between the gas in 
gaseous phase and the gas that has dissolved in the liquid phase, i.e. 


Gas(gaseous phase) = Gas(in liquid phase) 


On increasing pressure of the gas, the dynamic equilibrium is shifted 
to the right and thus more of the gas is dissolved in the liquid phase. 
On the other hand, if the pressure of the gas is decreased, some gas in 
the liquid phase is transferred to the gaseous phase, thus its solubility 
is decreased. One of the practical examples of the above fact is pro- 
vided by the soda bottle. In a sealed bottle, the pressure of carbon 
dioxide is high and thus a larger amount of the gas is dissolved in 
water. On opening the bottle, the carbon dioxide escapes and its pres- 
sure is thus reduced. Consequently, dissolved carbon dioxide escapes to 
reach the new equilibrium condition as required by the low pressure of 
carbon dioxide in the gaseous phase. 
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9.5 CHEMICAL EQUILIBRIUM 


As stated earlier, chemical equilibrium involves different chemical 
species in equilibrium with each other. The chemical equilibrium may 
be classified as homogeneous and heterogeneous depending upon 
whether the reaction involves only one phase or more than one phase, 
respectively. A few examples are listed below. 


Homogeneous Chemical Equilibria 
H,(g) + L(g) = 2HI(g) 
N204(g) = 2NO,(g) 
N,(g) + 3H;(g) = 2NH;(g) 
H,(g) + CO,(g) = H,0(g) + CO(g) 
Fe**(aq) + SCN-(aq) = FeSCN**(aq) 
CH,COOH(aq)-+H,0(1) e CH;COO~(aq)-+-H3;0*(aq) 
Heterogeneous Chemical Equilibria 
Pb?*(aq) + CrO?-(ag) = PbCrO,(s) 
CaCO,(s) = CaO(s) + CO,(g) 
HgO(s) = Hg(1) + 40,(g) 


Essential Characteristics of Equilibrium 


The equilibrium involved in chemical equilibrium is also of a dynamic 
nature, where products are formed from reactants as rapidly as they 
are destroyed to give back reactants. That is, at equilibrium, the rate 
of forward reaction (where reactants are convertcd into products) is 
equal to the rate of backward reaction (where products are converted 
into reactants), 


9.4 DERIVATION OF EQUILIBRIUM CONSTANT 
Law of Mass Action 


The rates of reactions (forward or backward) can be written on the 
basis of the law of mass action proposed by Guldberg and Waage in 
1863. According to this law, the rate of reaction at constant temper- 
ature is directly proportional to the product of molar concentrations 
of reacting species, each raised to a power equal to the corresponding 
stoichiometric coefficient appearing in the chemical reaction. 

Taking an example of the reaction 


N20,(g) = 2NO,(g) 
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we have 
Rate of forward reaction, re oc [N;O4] 

or re = ke [N)04] (9.1) 
Rate of backward reaction, ry oc [NO;P 

or ry = ky [NOP (9.2) 


where kp and Ky are the constants of proportionality. These constants 
depend only on the temperature of the system. 
Expression of Equilibrium Constant 
Since at equilibrium, 

rate of forward reaction — rate of backward reaction 
we will have 

ke [N;O;], = Ks [NO] (9.3) 


where the subscript eq stands for the concentration prevailing at 
equilibrium. The above expression can be rewritten as 


ke _ [NOS 
ky, — [N2O4]eq 64 


Since kç and k, are constants. of proportionality, the ratio k;/k, is also 
constant and is known as the equilibrium constant (symbol: K). Since 
for a given reaction kr and k, depend only on temperature, the equilib- 
rium constant K will also depend only on the temperature of the 
system. Its value will be independent of the concentrations of reactants 
(or/and products) taken at the start of the reaction. A given chemical 
equilibrium may be started by taking either reactants or products or 
a mixture of reactants and products and whatever may be their 
initial concentrations, the reaction at equilibrium satisfies the expres- 
sion of equilibrium constant, i.e. the reaction will be adjusted in such 
a manner to give the same value of equilibrium constant. 


The expression for equilibrium constant can be written directly 
based on the given reaction. In the numerator, we take the product 
of molar concentrations of the right-hand species (i.e. products), 
whereas in the denominator we take the product of molar concentra- 
tions of the left-hand species (i.e. reactants) and each concentration 
term is raised to a power which is the stoichiometric number of the 
species involved in the reaction. Table 9.1 lists the expressions for 
equilibrium constants of a few typical reactions. 
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Table 9.1 Expressions for equilibrium constants of a few reactions 


Reaction Expression for equilibrium 
constant 

Ha(g) + L(g) = 2HI(g) Kea = [HI}*/(H2) [T5] 

Na(g) + 3H2(g) = 2NH:(g) Kea = [NH3}*/[No] [Hel 

2H:0(g) = 2H:(g) + Ox(g) Kea = [Ha]? [O:]/LH3O0]* 

280:(g) + O2(g) = 28Oa(g) Kea = [SOs}*/[SOs]}* [Os] 


N:04(g) = 2NO:(g) Kea = [NO2}*/[N2O«] 


Problem 9.1 If 1 mol of H;O and 1 mol of CO are taken in a 
10 dm? vessel and heated to 725 K, at equilibrium 40 mass per cent 
of water reacts with CO according to the equation 


H;O(g) + CO(g) = H2(g) + CO.(g) 


Calculate the equilibrium constant for the reaction. 

40 mass per cent of water reacted means 40 g of water reacts if 
initially 100 g of water is present. Since initially 18 g (= 1 mol) of 
water was present, we will have 


— 408 ht 
Mass of water reacted — 100 g x 18g— 04 x 18g 


Amount of water reacted — ipa = 0.4 mol 
Hence at equilibrium, we will have 
H,O(g) + CO(g) = H,(g) + CO; (g) 
t=0 1 mol 1mol 0 0 
(1—0.4) (1—0.4) 0.4 mol 0.4 mol 
mol mol 


— [H4] [CO;] 
^ [H0] [CO] 


__ (0.4 mol/10 dm?) (0.4 mol/10 dm’) 
= (0.6 mol/10 dm?) (0.6 mol/10 dm?) 


= 0.444 
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Problem 9.2 At 700K the equilibrium constant for the reaction, 
H,(g) + L(g) = 2HI(g), is 54.8. If 0.5 mol dm^? of HI(g) is present 
at equilibrium at 700 K, what are the concentrations of H,(g) and 
L(g) assuming that we initially started with HI(g) and allowed it to 
reach equilibrium at 700 K? 


We have 


WLR 
K = TH Ul 


Since HI(g) on dissociating produces equal amounts of H,(g) and 
L(g), we will have 


[Hq] = [E] 


Substituting this in the previous expression and rearranging this, we get 
BA [HIP 1/2 
m= (E) 


Substituting the values, we get 


-3 1/2 
[E] = [xum = 0,0675 mol dm~* 


Note that the equilibrium constant of a reaction depends on how 
we write the reaction. Taking, for example, the equilibrium reaction 
involving N;O4(g) and NO,(g), we may consider a few cases which 
are listed below. 

1. If we write the reaction as 


N,0,(g) = 2NO,(g) 


.. INO |? 
then K= INO] (9.5) 


2. If we write the reaction as 
2NO,(g) = N204(g) 


we find that 
; _ N04] 
Kc (NO; (9.6) 
Obviously, on comparing Eqs (9.5) and (9.6), we find that 
E 
KS rd 


that is, if the reaction is written in the reverse order (reactants become 
products and products become reactants), the new equilibrium constant 
is the inverse of the old equilibrium constant. 


Chemical Equilibrium 297 


3. If we write the reaction as 
4N20,4(g) = NO»(g) 


r” — [NO] 
we have K [N04] 
Obviously, 

K'—4/K 


that is, if a reaction is multiplied by a constant, say 7, then the value 
of equilibrium constant of the new reaction is 


Kaew = Koia 


Problem 9.3 The value of K for the reaction 
1H;(g) + 3b(g) = HI(g) 

is 8.32 at 873 K. Calculate Ķ for each of the following reactions 
(a) Ha(e) + L(g) = 2HI(g) 


(b) 2HI(g) = H»(g) + Le) 
For the reaction 


$H,(g) + 3b(g) = HI(g) 


we have 
aoe EU yes 
K= [ES (L2 — 8.32 
(a) For the reaction, H;(g) + L(g) = 2HI(g), we have 
g mP 


= E = 7 = 632 = 69.22 


(b) For the reaction, 2HI(g) = H,(g) + (g), we have 


, STE AS PUE 
K = a E oz 0.01445 


Units of Equilibrium Constant 


The equilibrium constant may or may not have the units depending 

upon the reaction. If Av is change in the stoichiometric number when 

the reactants are completely converted into products (i.e., Av = Ey 

— Y), where summation over p and r stand for product and reac- 
T 


tant, respectively), then the units of K are (mol dm ?)^". A few exam- 
ples of equilibrium reactions are illustrated in Table 9.2. 
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Table 9.2 Units of equilibrium constant for a few reactions 


Reaction Av Units 
(i) Ha(g) + I;(g) = 2HI(g) 0 no units 
Gi) Na(g) + 3Ha(g) = 2NHa(g) 2-4=-2 (mol dm-:)-: 
Gii) H»O(g) = Ha(g) + 40:(2) 3-1-1 (mol dm=)" 


Equilibrium Constant, K, 


For the reactions involving gaseous constituents we can define equilib- 
rium constant in terms of partial pressures of the constituents. Tak- 
ing an example of the reaction 


N204(g) = 2NO,(g) 

we have 
Rate of forward reaction, ry = Kt Pyros 
Rate of backward reaction, ry = ky (puo: 


Since at equilibrium r; = rp, we have 
kt Pros = ki (Pno? 


kt — (Pros) 
4 9. 
or oh os (9.7) 


Relation between K, and K, 
If the gaseous constituents are assumed to behave ideally, we will have 


pV —nRT 
or p = (n/V) RT 
= CRD) 
Substituting the above expression in Eq. (9.7), we get 
eee ([NO;] RT)? 
? — [N20,] RT 
[NO,P 
— R 
Noj D 
or K, = K, RT (9.8) 


General Expression Connecting K, and K, 
For a reaction, if Av, is the change in the gaseous molecules in going 
from reactants to products, i.e. 


Av, = Y, »,(product) — Y, v, (reactant) 


= 
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then the expression connecting K, and K, is 
K, = K, (RT)« (9.9) 


Table 9.3 describes the relation between K, and K, fora few typical 
reactions. 


Table 9.3 Relation between K, and K. for a few reactions - 


Example Avs Relation 
H.(g) + In(g) = 2HI(g) 0 K, =K: 
2H20(g) = 2Hs(g) + Ox(g) +1 K, = KART) 
N,(g) + 3H2(g) = 2NHa(g) 72 K, = K(RT)* 


Problem 9.4 At 700 K, the equilibrium constant K, for the reaction 
2S0;(g) = 2S0,(g) + Ox(g) 
is 1.80 Pa. What is the value of K, at the same temperature? 
The expression connecting K, and K, is K, = K, (RT). 
Hence 
K, = K, (RTy ^» 
For the given reaction 
Av, = Ys (product) — Dy, (reactant) 
=3-2=1 
Hence 
K, = K,[RT 


Substituting the values, we get 


PU ial 
e — (8.3145 K^! mol) (700 K) 
= 3.093 x 10-4 Pa J! mol 

3.093 x 107^ mol m^? - 


3.093 x 1077 mol dm 


Well 


Problem 9.5 A sample of 0.63 g pure $O,(g) is heated to 1100 K in 
a 1.0 dm? flask where the following equilibrium reaction sets in 


280«(g) = 280,(g) + Ox(g) 
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The equilibrium pressure was found to be 1.0133 bar. What is the 
value of K,? 


Amount of SO; taken = MO = Wea 
= 0.0788 mol 
If x is the amount of SO; dissociated at equilibrium, we will have 
2803(g) = 2SO,(g) + O,(g) 
t=0 0.00788 mol 0 0 
iPS, (0.00788 mol—x) x x/2 


Total amount of gas at equilibrium = 0.00788 mol + x/2. Assum- 
ing ideal behaviour, this amount will also be given as 


cs P LET (1.0133 bar) (1 dm) 
‘oral " RT ' (0.08314 bar dm? K^! mol’) (1100 K) 


— 0.01108 mol 
Hence, 0.00788 mol + x/2 = 0.01108 mol 
which gives x = 0.00641 mol 


' Now, 


_ (0.00788 — 0.00641) 
T 0.01108 


x 1.0133 bar = 0.134 bar 

"SO. . 0.00641 
“Tow 7*5 — 0.01108 
— 0.586 bar 


—.^(0) . . 0.00641/2 
P(O) = 7, Pea = 901108 


= 0.293 bar 


PSO;) = "09 p,, 
total 


P(SO3) = x 1.0133 bar 


x 1.0133 bar 


Hence, 
= Bos Po: 
p 
Psos 


_ (0.586 bar)? (0.293 bar) 
FN (0.134 bar)? 


— 5.603 bar 
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Equilibrium Constant K, for a Reaction Involving Condensed Phases 


If a reaction involves condensed phase (solid or liquid) along with the 
gaseous species, the equilibrium constant K, (or K,) includes only par- 
tial pressures (or.concentrations) of gaseous species. The concentra- 
tions of condensed phases being constant are merged along with the 
rate constants. For example, for the reaction 

NH4HS(s = NH;(g) + H,S(g) 
we will have 

r; = ke [NH4HS] = kt 

rs = Ky Pyne Pres 


Hence 


, 


k 
K= c = Pyrs Pras 
b 


Table 9.4 includes the expressions of K, for a few more reactions in- 
volving condensed phases. 


Table 9.4 Expressions for equilibrium constant for a few reactions 


involving condensed phases 
Reaction Expression of K, or Ke 
Pb**(aq) + CrO?-(ag) = PbCrOx(s) K. = 1/{Pb**] [CrO-?] 
CaCO»(s) * CaO(s) + COs(g) K, = p(COs) 
BaCO;(s) «& BaO(s) + CO,(g) K, = p(CO:) 
AK) + 3H^(aq) e Alaq) + 3 Ha(g) K, = [AP] [HAHH 


HPO}-(aq) + H:O(l;e HsO+(aq) + PO?-(ag) K. = [H:0+] [PO-]/(HPO*-1 


Taking an example of physical equilibrium 
H;O(l) = H,O(g) 
we can write its equilibrium constant as 


1,0) 
* [M00] 
Since the concentration of water remains constant (55.56 mol dm-*), 
we can merge this constant with K, to give another constant such that 


K; = K, [H,0())] = [H5O(g)] 
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In terms of vapour pressure, we have 


K; = Poe) 
with K; = K; (RT) 


Since K; depends only on temperature, it follows that vapour pres- 
sure of water depends only on temperature and is independent of the 
amount of liquid water. 


Reaction Quotient and Equilibrium Constant 


For any arbitrary amount of reactants or products or the amount of 
any one (or more than one) species which is different from that pre- 
vailing at equilibrium, we can define a parameter Q the way the equi- 
librium constant is defined. This parameter is known as reaction 
quotient. If the value of Q is different from K, it means that the re- 
action is not at equilibrium and thus the reaction will proceed to 
equilibrium with the variation of Q till it becomes equal to K. Thus, 
we will have 

1. If Q > K, the products (reactants) are present in larger (lesser) 
amounts as compared to those present at equilibrium. The reaction 
will proceed to left-hand side. 

2. If O = K, the concentrations of species are those prevailing at 
equilibrium. The reaction is at the equilibrium position. 

3. If Q < K, the products (reactants) are present in lesser (larger) 
amounts as compared to those present at equilibrium. The reaction 
will proceed to right-hand side. 


S Problem 9.6 Itis required to pass CO and H,O vapour at 1 atm 
and 0.5 atm, respectively, into a reaction chamber at 973 K and to 
_withdraw CO; and H cach at partial pressure of 1.5 atm. Is this 
theoretically possible? K, for the reaction 


CO(g) + H,0(g) = CO,(g) + Hx(g) 


is 0.71. If not, at what partial pressures, CO, and H can be with- 
drawn? 


We have 


Or Pco: Pus _ (1.5 atm) (1.5 atm) 
P — PeoPmwo (latm) (0.5 atm) 
= 4.5 


Since Q, > K,, the above requirement is not theoretically possible. 


The partial pressures at which CO; and H; can be withdrawn, will 
be given by the expression 


Pco: Pg: = Kp Pco Pu:0 
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Since pco: = pg, we have 


Pco: = Pr: = (K, Pco Pro)? 
= [0.71 (1 atm) (0.5 atm)]'2 
— 0.596 atm 


Thermodynamic (or Standard) Equilibrium Constant 


The expression for equilibrium constant can be derived theoretically 
based on the principles of thermodynamics. During the derivation, the 
various terms in the expression for equilibrium constant appear as the 
ratio of concentration (or pressure) and the standard unit concentra- 
tion of 1 mole dm"? (or pressure of atm), and thus the equilibrium 
constant has only numerical value. This equilibrium constant may be 
referred to as thermodynamic (or standard) equilibrium constant 
(symbol: K? or K$). Both the rate constants, namely, derived thermo- 
dynamically and kinetically, have the same numerical value. The only 
difference is that the former carries no units, whereas the latter carries 
the appropriate units. These two constants are related by the expres- 
sions 


Ke = Kf(c)" and K = K,/(p°)*" 


where c° ond p? are the standard unit concentration (1 mol dm ^?) and 
pressure (1 atm), respectively, and Av is the change in the concentra- 
tion or pressure terms when reactants are converted into products. 


9.5 LE CHATELIER'S PRINCIPLE 


When a reaction at equilibrium is subjected to a change of tempera- 
ture, pressure or concentration of one (or more) of the reacting sub- 
stances, then the system adjusts to a new equilibrium stage as dictated 
by the change of variable. These changes can be predicted qualita- 
tively by the general principle known as Le Chatelier’s principle. This 
principle may be stated as follows. 

If a system at equilibrium is subjected to a change, the system adjusts 
to a new equilibrium stage in such a way so as to oppose or reduce the 
said change. 

The applications of the above principle may be discussed one by 
one. 


Effect of Changing the Concentration of Reacting 
Substance on Equilibrium 


If the concentration of one of the reacting substances is increased, 
then according to Le Chatelier principle, the system will adjust in such 
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way so as to decrease the concentration of the said substance. Taxing 
an example of the reaction 


Fe'(ag) + SCN-(ag) = Fe(SCN)**(aq) 


we may discuss the effects of adding more Fe^*(aq), SCN (aq) and 
Fe(SCN)?* one by one. 


Adding More of Fe?*(ag) or SCN-(aq) 

The concentration of the ions Fe** or SCN- is increased. To reduce 
the concentration, the equilibrium is shifted to right-hand side, i.e. 
more of Fe(SCN)?* is formed. This conclusion can also be verified 
from the expression for the equilibrium constant. We have 


(Fe(SCN)**] 
[Fe**] [SCN] 


If concentration of Fe*+ or SCN- is increased, the denominator of the 

above expression is increased. Now since the equilibrium constant has 

a constant value at a given temperature, the only possibility is that 

the value of the numerator (i.e. [Fe(SCN)**]) should be increased, i.e. 

aoe Fe(SCN)** is formed with the consumption of added Fe?* or 
~ ions. 


Adding More of Fe(SCN}+ 

To reduce the concentration of this species, the equilibrium is shifted 
to the left-hand side, i.e. more Fe?* and SCN™ are formed. This con- 
clusion is also in agreement with the expression for the equilibrium 
constant. In this case, numerator is increased and in order to keep the 
equilibrium constant to the same value, the concentration terms ap- 
pearing in the denominator are increased. 

It may be noted down here that the reaction achieves a new equilib- 
rium stage, the new concentrations of Fe*+,SCN~ and Fe(SCN)?*, 
when substituted in the expression for equilibrium constant, yield the 
same value of equilibrium constant, i.e. here equilibrium stage is ad- 
justed and not its equilibrium constant as the latter depends only on 
the temperature of the system. 

On the other hand, if concentration of a reacting species is decreass- 
ed, the equilibrium is readjusted to produce more of this substance. 
For example, in the above equilibrium reaction if we add a little NaF, 
the concentration of Fe** is reducing owing to the formation of more 
stable complexes (FeF?*, FeF7). In this case, the complex Fe(SCNY'* 
dissociates to supply more Fe?* and SCN- ions. This also follows 
from the expression of equilibrium constant of the reaction. 

Since for a gaseous substance, the concentration is directly propor- 
tional to its partial pressure (p = cRT), the effect of changing the 
partial pressure of the gaseous substance involved in a reaction at 
equilibrium can be likewise discussed. Increasing the partial pressure 
of a reacting constituent shifts the equilibrium in a direction so that 


japon 
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its partial pressure is reduced. Taking an example of formation of 
NH,(g) in Haber's process, we have 


No(g) + 3H;(g) = 2NHs(g) 


Here, increasing the partial pressures of N, and H, shifts the equilib- 
rium to the right-hand side, whereas increasing the partial pressure of 
NH, shifts the equilibrium to the left-hand side. These partial pres- 
sures may be increased by adding more of the reacting constituent 
from outside to the reaction already existing at equilibrium. In the 
Haber process, NH; is continuously removed by liquefaction so that 
more and more ammonia is formed as predicted by Le Chatelier’s 
principle. 


Effect of Changing the Temperature on Equilibrium 


The effect of changing the temperature ofa reaction at equilibrium 
depends on whether the reaction is exothermic or endothermic in na- 
ture. When the reactants are. converted into products, heat is evolved 
in exothermic reactions, whereas heat is absorbed in endothermic re- 
action. To increase the temperature of the system we add heat to it. 
According to the Le Chatelier principle, the equilibrium is shifted in 
a direction so as to consume (or reduce) the heat added to the system. 
Thus, for an endothermic reaction, the equilibrium is shifted to the 
right-hand side and for an exothermic reaction, the equilibrium is 
shifted to the left-hand side as these are the directions of consumption 
of heat. These effects may be easily followed if we treat heat as one of 
the constituents of the reaction as described below. 


1. Exothermic reaction 
A+BeC+D+4+9@2 


2. Endothermic reaction 
A+B+Q@2e2C+D 


where A, B, C and D are the reacting constituents and Q is the heat 
involved in the reaction. Now the Le Chatelier principle as discussed 
earlier, in the case of the effect of adding one of the constituents, may 
be used directly. 

If we add Q (or raise temperature), for an exothermic reaction, 
equilibrium is shifted to the left-hand side, whereas in an endothermic 
reaction, equilibrium is shifted to the right-hand side as these direc- 
tions are the directions in which heat is consumed (or reduced), 

We may also use the above way of writing chemical reactions to 
discuss the effects produced when the temperature of the system is 
lowered. Here, we are removing heat and thus reaction moves in a 
direction to produce more heat. Thus, for an exothermic reaction, the 
equilibrium is shifted to the right-hand side, whereas in an endother- 
mic reaction, it is shifted to the left-hand side, 


7 
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Note that the equilibrium in the present case is primarily caused by 
the variation ofthe equilibrium constant ofthe reaction. From the 
conclusions drawn above, the effect of temperature on equilibrium 
constant may be deduced. This is described in Table 9.5. 


Table 9.5 Effect of temperature on equilibrium constant 


Reaction Temperature Concentration of species on 
Right-hand Left-hand Equilibrium 
side side constant 
Exothermic Increase Decrease Increase Decrease 
Decrease Increase Decrease Increase 
Endothermic Increase Increase Decrease Increase 


Decrease Decrease Increase Decrease 


Problem 9.7 The ionic products of water at 273 K and 373 K are 
1.1 x 10755 (mol dm??? and 5.1 x 10-'^ (mol dm™°)?, respectively. 
Predict whether the ionization of water is exothermic or endothermic. 

Since the ionic product increases with temperature, the ionization 
of water will be endothermic in nature. 


Effect of Changing the Pressure on Equilibrium 


If pressure of the system is increased, then according to Le Chatelier’s 
principle, the equilibrium is adjusted to decrease the pressure of the 
system. Since pressure is directly proportional to number of molecules 
present in the system, it folJows that the equilibrium will be shifted in 
a direction where there is a lesser number of gaseous substances. Tak- 
ing the example of 


N,(g) + 3H,(g) = 2NH;(g) 


we find that there are lesser number of gaseous species on the right- 
hand side as compared to the left-hand side. Thus, on increasing pres- 
sure, the equilibrium is shifted to the right-hand side. On the other 
hand, if we decrease pressure, the equilibrium will be shifted towards 
the left-hand side. ; : 

Since the equilibrium constant of a reaction is independent of pres- 
sure, the above shift is not due to the change in equilibrium constant 
but is due to the change in partial pressures (or mole fractions) of the 
constituents. Taking an example of the above reaction, we have 


uel Dus 
P PuPe 


e 
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Writing partial pressures in terms of total pressure (P), we have 


Kis Gags P 
? ~~ (XwsP) Py 
RU Xan 1 
= xaed P (9.10) 


where x represents the mole fractions of the respective constituents. 
Since K, has a constant value for a given temperature, it is obvious 
from the right-hand side that x depends on the pressure of the system. 
If pressure of the system is increased (say, by compressing the total 
volume), the denominator in the above expression is increased. Now 
in order to keep K, constant, the value of the numerator will be in- 
creased. This means more ammonia will be formed, i.e. the equilib- 
rium is shifted towards the lesser number of gaseous species. On the 
other side, if pressure is decreased (say, by increasing the volume of 
the system), the value of Xyp, will also decrease to have the same 
value of equilibrium constant, i.e. the equilibrium is shifted towards 
larger number of gaseous species. 

Por a reaction in which there occurs no change in gaseous mole- 
cules, i.e. 


Av, = Yv,(product) — YLy,(reactant) 
=0 
there will be no effect of pressure on the equilibrium stage of the re- 
action. One of the examples of such reaction is 


H,(g) 4- L(g) = 2HK(g) 


Effect of an Inert Gas on Equilibrium 


The effects produced on the addition of an inert gas on the equilibrium 
of a reaction can be predicted qualitatively as follows. 


Inert gas added keeping pressure of the system constant In this case, 
the addition of an inert gas increases the volume of the system, which 
in turn, causes the equilibrium position of the system to move In the 
direction of larger number of gaseous molecules. Thus, we will have 


Reaction with Direction of shift in 
equilibrium 
Avg positive right-hand side 
Avg negative left-hand side 
remains unaffected 


Avg zero 


Inert gas added keeping volume of the system constant The effect of 
adding inert gas on equilibrium may be discussed by writing Eq. (9.10) 
in terms of amount of substances, i.e. 


> 
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wie Xs T T 
E, te XysXits Jm. 
(ty H10/? ora)” . 1 


(ay2/Morat) (1y42/ Moral)” pi 


nus (Se), 

MyM}, \ P 

Since pressure of the system is directly proportional to Moa) (P = nRT/ 
V), the ratio of 7,,,4!/P will remain constant on the addition of inert 
gas. Since the value of K, is independent of pressure, it follows that 
the amounts of substances at equilibrium remain unaffected by the 
addition of inert gas, i.e. the equilibrium position of the reaction re- 
mains unaffected. 


Problem 9.8 For the exothermic formation of sulphur trioxide from 
sulphur dioxide and oxygen in the gas phase 


2SO,(g) + Ox(g) = 2S0;(g) 


K, = 40.5 atm"! at 900 K and AH = — 198 kJ. 
(a) Write the expression for the equilibrium constant for the reac- 
tion. 


(b) At room temperature (zz 300 K), will K, be greater than, less 
than or equal to K, at 900 K? 

(c) How will the equilibrium be affected if the volume of the vessel 
containing the three gases is reduced, keeping the temperature 
constant? 

(d) What is the effect of adding 1 mol of helium gas to a flask con- 
taining SO, O, and SO; at equilibrium, at constant pressure? 


(a) The expression for equilibrium constant is 


M P$os 
R P202Pos 

(b) For an exothermic reaction, on decreasing the temperature 
the equilibrium position of the reaction is shifted to the right- 
hand side. Hence in the expression for K,, the value of the 
numerator is increased. Thus, the value of K, is increased, i.e. 
K, at 300 K will be greater than K, at 900 K. 

(c) On reducing volume, the pressure of the system will be increased 
and it will effect the equilibrium by causing a shift towards the 
lesser number of molecules. Thus, the equilibrium will be shifted 
towards the right-hand side, i.e. more SO; will be formed. 

(d) The addition of inert gas at constant pressure will cause an in- 
crease in volume and this will shift the equilibrium towards the 
larger number of gaseous molecules. Thus, in the present case, 
the equilibrium will be shifted towards the left-hand side. 


| 
| 
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9.6 EFFECT OF A CATALYST ON EQUILIBRIUM 


There are two aspects ofa chemical reaction. First, whether the 
given reaction is feasible or not, Second, with what speed will the 
reaction proceed to the equilibrium position. The answer to the first 
question is provided by thermodynamics. It is possible to define a prop- 
erty of the system which changes in one direction for a feasible reac- 
tion and changes in an opposite direction for a nonfeasible reaction. 
This property is known as Gibbs free energy or Gibbs function (sym- 
bol: G). For a feasible reaction, Gibbs free energy of the system de- 
creases as the reaction proceeds and at the final (equilibrium) stage of 
the reaction it attains a minimum value. For a nonfeasible reaction, 
Gibbs free energy of the system increases as the reaction is made to 
proceed theoretically. When the reaction reaches the equilibrium posi- 
tion, the free energy increases if it is made to proceed in either direc- 
tion, i.e. AG is positive. At the equilibrium position, if the reactants 
are converted into products, the change in free energy is zero, i.e. the 
total free energy of products is exactly the same as that of reactants. 
This is the essential criterion for any reaction to be at equilibrium. 
The change in free energy of a reaction proceeding to equilibrium 
position is shown schematically in Fig. 9.6. 


EN 
owards 
equilibrium 


Z 


Reactants Equilibrium ` Products 
stage 

Fig.9.6 Free energy change of a reaction proceeding 

towards equilibrium 


The answer to the second aspect of a chemical reaction is provided 
by chemical kinetics, which studies the rate of reaction and its depend- 
ence on experimental condition such as concentration of species, tem- 
perature and pressure.* A given feasible reaction may be observed to 
proceed with very slow or fast or measurable speed. For some feasible 


*See, Unit 11 for details. 


» 
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reactions the speed may be virtually zero, i.e. they may not be ob- 
served ordinarily unless special techniques are used. These techniques 
include the use of a suitable catalyst (a substance which can change 
the rate of a reaction), to carry out the reaction at high temperature, 
the use of electromagnetic radiations and electrical discharge. 


As mentioned above, the use of a suitable catalyst can increase the 
rate of reaction and thus it shortens the time which the reaction would 
take to reach the equilibrium position. For reversible reactions, the 
catalyst not only increases the rate of forward reaction but also the 
rate of backward reaction and thus helps in reaching the equilibrium 
position quickly. A catalyst cannot change the equilibrium position or 
equilibrium constant of a reaction. Thus the relative ratio of concen- 
trations of products and reactants as dictated by the equilibrium con- 
stant is not affected by the use of a catalyst. 

A few examples where a catalyst is used are given below: 


Ha(g)-- 40.(g) = H;O(g; platinised asbestos 
N,(g) + 3H,(g) e 2NHs(g; iron 
2502(g) + O.(g) = 2S0,(g); ^ vandium(V) oxide 


9.7 DISSOLUTION PROCESS AND CLASSIFICATION OF 
ELECTROLYTES 


Most chemical reactions occur in solution. The study of such solutions 
constitutes one of the important branches of physical chemistry. In 
general, if we analyse the solubility of solutes in various solvents, we 
find that polar solutes are more soluble in polar solvents, whereas non- 
polar solutes are more soluble in nonpolar solvents. For example, 
sodium chloride (polar solute) is soluble in water (polar solvent), 
whereas it is insoluble in carbon tetrachloride (nonpolar solvent) and 
naphthalene (nonpolar solute) is soluble in carbon tetrachloride, where- 
as it is insoluble in water. 

Because of its polar nature* and high dielectric constant} water 
serves as one of the important solvents for ionic solutes. The high 
dielectric constant (D = 80) weakens the forces of attraction between 
the oppositely charged ions of an ionic crystal and its polar nature 
generates the ion-dipole interaction in which the positive ion is at- 
tached to the negative end of the water dipole, whereas negative ion is 
attached to the positive end of the dipole as shown in Fig. 9.7. The 


*Polar nature arises because of the fact that hydrogen is attached to the more 
electronegative oxygen atom. Hence, hydrogen acquires a small positive 
charge, whereas oxygen acquires a small negative charge. 

Force of attraction or repulsion between two charges Q, and Q: placed ata 
distance r in a medium of dielectric constant D is Q,Qs/Dr*. 


^ 
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éónsequence of this is that the ions are pulled out of the crystal lattice 
and drift into water and thus a solution is formed. In solution, ions 
move in the hydrated form. Certain covalent molecules with relatively 
high dipole moments (e.g. HCI) can also dissolve in water to produce 
an ionic solution. This is due to the stronger ion-dipole interactions. 


Fig. 9.7 Ion-dipole interactions 


A solute when dissolved in water may produce three different types 
of solution depending upon whether it is a good, poor or bad conductor 
of electricity. The conduction in the solution is due to the movement 
of ions. Hence a good conducting solution contains a large number of 
ions, a poor one contains lesser number of ions and the bad one will 
not contain any ions. The ions in the solution are produced by dis- 
solving the solute (also known as electrolyte) in water. Based on the 
conducting ability, an electrolyte may be classified into three cate- 
gories as described below. 


Electrolyte Conducting Examples 


ability 
Strong electrolyte high NaCl, KCl, KBr, NH.CI, 
HCI, H:SO,, NaOH 
Weak electrolyte low PbCl, HgCle, H:CO;, 
CH3COOH 
Nonelectrolyte nonconducting CH3OH, CHCl;, CCl 


The classification of compounds in terms of strong and weak electro- 
lytes is based on their behaviour in a particular solvent, namely, water. 
However, such a classification suffers from a great disadvantage in the 
sense that a particular electrolyte, though weak in water, might 
behave as a strong one when dissolved in some other solvent or vice 
versa. For example, sodium chloride behaves as a strong electrolyte 
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and acetic acid as a weak electrolyte when dissolved in water. How- 
ever, when acetic acid and sodium chloride are dissolved in ammonia, 
their conducting abilities are comparable, indicating a strong electro- 
lyte behaviour for acetic acid. 

Thus, the above classification depends upon the solvent used. 
Another classification which is largely based on the characteristics of 
the solute and not on that of the solvent, is to label them as the true 
electrolyte and the potential electrolyte. The essential characteristic of 
a true electrolyte is that even in the pure liquid state it is an ionic 
conductor. In dissolution process, all that a polar solvent does is to 
use ion-dipole forces to disengage ions from their lattice sites, solvate 
them and disperse them into the solution. Examples are NaCl, KCl, 
etc. The potential electrolyte, however, does not conduct in the pure 
liquid state, though it provides a conducting solution on dissolution 
in an ionic solvent. Examples are hydrochloric acid, acetic acid, etc. 


9.8 ARRHENIUS THEORY OF DISSOCIATION 


The total conducting ability of 1 molar aqueous solution of electro- 
lytes is found to increase with dilution. Based on this observation, 
Arrhenius postulated that a chemical equilibrium exists between tne 
undissociated electrolyte molecule and the ions that result from disso- 
ciation. For example, in case of acetic acid we have 


CHCOOH + H,O = CH;COO" + H40* 


On dilution, more of the acetic acid dissociates to give acetate and 
hydronium ions, which accounts for the increasing conducting ability. 
In dilute solutions it is known today that the above equilibrium is 
valid only for weak electrolytes. Strong electrolytes are already pre- 
sent in the form of ions in the solid state. 

The chemical equilibrium written above is, like any other equilibri- 
um, dynamic in nature, i.e. the ionization of acetic acid to produce 
ions and the combination of these ions to produce acetic acid take 
place continuously. The rates of these two processes are equal at equi- 
librium. Like any other equilibrium, the above equilibrium can be 
characterized by its equilibrium constant defined as 


— [CH:COO ] [H;0*] 


“4 [CH;COOH] [H,0] 
Water is present in large amounts and whatever it has consumed in 
the above poor ionization is negligibly small and can be ignored. 
Hence, the concentration of water may be taken to remain constant. 
This constant may be combined with the equilibrium constant to give 
a new constant which is known as the ionization constant or dissocia- 
tion constant of acetic acid. 


>, 
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Thus, we have 
[CH,COO-] [H;0] 
[CH,;COOH] 


The value of the ionization constant is a characteristic of the weak 
electrolyte and depends only on the temperature. It is independent of 
the individual concentrations of the species involved in the equilib- 
rium. 


Kioniz = Keg [H20] = 


Degree of Dissociation of a Weak Electrolyte 


The extent of dissociation of a substance can be expressed in terms of 
degree of dissociation, which is, by definition, equal to the fraction of 
the total substance that is present in the form of ions. If « is the degree 
of dissociation, it means that the amount out of 1 mole of the sub- 
stance is present in the form of ions and thus the remaining fraction of 
the undissociated species will be 1 — «. If c is the concentration of the 
solute then the concentrations of dissociated and undissociated elec- 
trolytes will be cx and c(1 — «), respectively. Taking the example of 
acetic acid, we have 

Reaction: CH4COOH + H,0 = CH,COO™ + H;0* 


Concentrations: c(l — «) cx cx 


pa ..[CH.COO ] [H50*] 
ioniz — —[CH4COOH] 


_ (cx) (ca) _ ca? 
=e Fa 1-24 


Ostwald Dilution Law 


The degree of dissociation is usually a very small quantity (unless Kioniz 
has a large value) and thus can be neglected in comparison to unity, 
ie. 1 — « e 1. Thus, the above expression becomes 

2 


K. [ 


ioniz — 71. 


KL 1/2 
a «= (See 
c 


From the above expression it follows that as c decreases (dilution), % 
increases. In the limit when c — 0 (infinite dilution), « will approac 
1, i.e. at infinite dilution, all of the weak electrolyte gets ionized. 'This is 
the Ostwald dilution law. 


Problem 9.9 Calculate the degree of dissociation and [H3O*] of a 
0.1 mol dm~? solution of acetic acid. Given: K,(CH;COOH) = 1.8 
x 1075 mol dm ?. 


+t 
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Let « be the degree of dissociation. The concentrations of various 


Species involved in the equilibrium are as follows. 


CHCOOH + H,O = CH,COO- T H;0* 
) ex ca 


e(l — a 
Hence 
K, — [CHCOO] [H:0+] _ (ca) (ca) _ ca? 
* [CH;COOH] c(1—a  1-—« 


Ignoring « in comparison to 1, and rearranging we get 
«= V Kje 

Substituting the values, we get 
æ = (1.8 x 10-5 mol dm-?/0.1 mol dm~)! 


= 1.34 x 10? 


How [H40*] = ca = (0.1 mol dm=-*) (1.34 x 107?) 
= 1.34 x 10-3 mol dm? 


9.9 DISSOCIATION OF PURE WATER 


Pure water is itself a very weak electrolyte and ionizes according to 
the equation 


H:O + H;O = H,0* + OH- (9.11) 
Its equilibrium constant will be given as 


x, — 1.0") 0H] 


“a [830] [HO] (9.12) 


Since water is very poorly ionized*, the concentration of water will 
remain constant (= 55.56 mol dm). Two new constants characteriz- 
ing the dissociation of water can be defined. These are 


[H30*] [OH] 
[H,0 


Koonin = Keq [H20] = ] (9.13) 


and s 
Ky = Kioniz [H20] = [H50*] [OH] (9.14) 


*Only 10-" mol of water out of 1 mol of water is ionized at 25 °C. 
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The constants Kj, and Ky are known as the ionization constant] (or 
dissociation constant) and ionic product* of water, respectively. 
Pure water on dissociation produces equal concentrations of H4jO* 

and OH- (Eq. 9.11). Hence, we can write Eq. (9.14) as 

[H,0*F = Ky 
The value of [H3O*] in water at 25 °C is found to be 1.0 x 1077 mol 
dm™?. The value of ionic product of water at 25 °C is 

K, = (1.0 x 10-7 mol dm?) (1.0 x 1077 mol dm?) 


= 1.0 x 107 (mol dm-??? 


Nature of Aqueous Solution 


Because of equal concentrations of hydrogen and hydroxyl ions in 
pure water, the latter is neutral in its behaviour. An aqueous solution 
may be neutral, acidic or alkaline depending upon the concentration 
of hydronium ions relative to that of hydroxyl ions. In any aqueous 
solution, both hydronium and hydroxyl ions coexist in accordance 
with Eq. (9.11). The product of hydronium and hydroxyl ions is given 
by Eq. (9.14), the value of which depends only on temperature and 
not on the individual ionic concentration. Thus,an aqueous solution 
can be classified as follows. 


Neutral solution: [H;0*] = [OH] 
Acidic solution: [H30] > [OH-] 
Alkaline solution: [H;0*] < [OH] 
In view of Eq. (9.14), we can write the above conditions in terms 
of K,. Thus, we have 
Neutral solution: [H;0*] = AK, or [OH] = AK, 
Acidic solution: [H;0*] > VK, or (OH1< VK, 
Alkaline solution: [H,0*] < VK, or [OH] > VK, 
At 25 °C, these reduces to 


Neutral solution: [H;0*] = 107 mol dm? 
or [OH-] = 10-7 mol dm? 


TIonization or dissociation follows from the fact that conventionally ionization 
is written as H:O = H+ + OH- with the implicit understanding that Ht in 


water exists as H3O*. 4 " 
*Jonic product as the name implies is the product of ionic concentrations pres 


sent in water. 
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Acidic solution: [H3O*] > 10-7 mol dm~ 


or [OH-] < 1077 mol dm? 
Alkaline solution: [H;0*]< 10-7 mol dm? 
or [OH-] > 10-7 mol dm? 


9.10 pH-SCALE 


In order to cover a wide variation of H,O* in aqueous solution, Soren- 
son, in 1909, introduced a logarithmic scale forthe sake of conven- 
ience and gave it a symbol pH. It is expressed as 


pH = — log {H;0*]/mol dm?! (9.15)* 


that is, pH of a solution is the negative logarithm (base 10) of [H,O*]/ 
mol dm™ or it is equal to the logarithm of reciprocal of [H;O"]/mol 
dm~. Note that pH is simply defined in terms of a mathematical ex- 
pression. Given the value of [H,O*], one can calculate pH using Eq. 
(9.15). Its value may be negative, zero or positive depending upon the 
provided value of [H3O']. For example, pH of a solution containing 2 
mol dm ^? of H;O* will have a pH of — 0.301 (= — log 2). However, 
the concentration of H;O* commonly met within solutions vary over 
the range 107'^ to 1 mol dm~. The pH ofsuch solutions will lie in 
the range of 0 to 14. 

Pure water at 25 °C has hydronium ion concentration of 10-7 mol 
dm™ and hence its pH will be 


pH — — log (1077) — 7 


For an acidic solution, [H4O*] > 1077 mol dm™ and thus its pH will 
be less than 7 (e g. pH of 10? M HCI solution is 5). On the other 
hand, an alkaline solution has [H3O*] < 10-7 mol dm-? and hence its 
pH will be more than 7 (e.g. pH of 10-5 M NaOH is 9 at 25 ^C as it 
contains 10? M hydronium ion concentrationf). 

Inasimilar manner, we can define a pOH scale as the negative 
logarithm of the [OH ]/mol dm ?. However, the acidity or alkalinity 
of an aqueous solution is often expressed in terms of pH of a solution. 
Both pH and pOH are related to each other through an expression 
derived as follows. 


From Eq. (9.14), we have 
[H;0*] [OH] = Ky 


*Division by mol dm-? means that [HsO+]/mol dm-? is a pure number as 
[HsO+] is expressed in molar concentration. 

{This follows from the fact that at 25 °C, the product of [H;O+] and [OH] is 
10-4 (mol dm-*)?, 
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or ([H30*]/mol dm?) ([OH-]/mol dm?) = K,/(mol dm ??? 
(9.16)* 


Taking the logarithm of the above expression and multiplying the 
resultant expression by — 1, we get 


— log ([H;O*]/mol dm-?) — log {[OH™|/mol dm?) 
= — log (K,/mol dm ?yj 
or pH + pOH = pK, 
where pK, like pH and pOH, is equal to — log (K,/(mol dm73)}. 


In general for an acidic solution (say, HCI), there are two sources 
of H,0*, namely, (1) from acid, and (2) from water. For a solution of 
molarity 10-5 M or more (say, 10* M or 10-3 M, etc.), the contribu- 
tion of H4O* from water may be taken to be negligible in comparison 
to that coming from acid. For very dilute solutions (molarity < 1076 
M), such a contribution is not negligible. In order to compute pH of 
such solutions, the concentration of H,O* coming from both the 
sources should be taken into account. Regardless of how much an 
acidic solution is diluted, its pH will always be less than seven. 
For example, pH of 107 M HCI at 25 °C is 6.79. Similarly, pH | of 
alkaline solution will always be greater than seven however dilute the 
alkaline solution is made. 

Note that pH = 7 for a pure water holds good only at 25 ^C, since 
at this temperature water ionizes to produce 1077 M of H,0+. The 
extent of ionization of water varies with temperature; it increases with 
increase in temperature. Thus, the concentration of H3O* present in 
pure water increases with increase in temperature and hence its pH 
decreases with increase in temperature. For example, we have 


Temperature 0°C 10°C 25 °C 40 °C 50°C 


pH 7.41 721 7.00 6.77 6.63 


In order to predict the acidic or alkaline nature of an aqueous solution 
at a given temperature, we must compare its pH value with that of 
pure water at that particular temperature. For example, an aqueous 
solution of pH 7 will have the following characteristics at different 
temperatures, 


*Equation 9.16 has been written in this manner to get only numerical values of 


which we can take logarithms. 
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Temperature pH of Nature of solution 
water solution 

10 °C 1.27 7.00 Acidic as pH of solution is less 
than the pH of pure water at 
10 °C. 

25 °C 7.00 7.00 Neutral as pH of solution is 
equal to the pH of pure water 
at 25 °C, 

40 °C 6.77 7.00 Alkaline as pH of solution is 
more than the pH of pure water 
at 40 °C. 


Problem 9.10 At 298 K, the pH of a solution of lemon juice is 2.32. 
What are the [H;O*] and [OH in this solution? 


Since pH = — log ([H;O*]/mol dm^?), we will have 
log ([H;O*]/mol dm?) = — 2.32 = 3.68 
Taking the antilogarithm, we get $ 
[H;0*]/mol dm-3 = 4.786 x 10-3 
or [H,0*] = 4.786 x 103 mol dm ? 
At 298 K, [H,0*] [OH] = 107 (mol dm-?). Hence 


[OH] = 1071 (mol dm)? _ 1074 (mol dm)? _ 
[H;0*] 4.786 x 10-3 mol dm? 
= 0.209 x 107!! mol dn? 


Problem 9.11 What is the pH of a solution which has [H3;0*] = 1.84 
X 10-5 mol dm-?? 


We have 
pH = — log {[H;0*]/mol dm-3) = — log (1.84 x 1075) 
= — log (1.84) — log (— 5) = — 0.26 + 5 = 4.74 
Problem 9.12 What is the pH of 10? mol dm? solution of NH4OH. 
3 


at 25 °C? Given that K,(NH,OH) = 1.80 x 10-5 mol dm. 
Let « be the degree of dissociation of NH,OH. We will have 


NH4OH = NH? + OH- 
c(1—«) €x x eu 
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Now 
ee [NH] [OH] _ c 
b [NHOH]  1-« 


(Note that c is small here, « may not be negligible as « increases on 
dilution. So we solve the quadratic expression to get the value of «.) 


Rearranging the above expression, we get 
ca? + Ky — Ky = 0 


Thus 
_ — Ky + VK + AK 
id 2c 


(Note that we are not taking a negative combination of root as « will 
come out to be negative—an impossible case.) 
Substituting the values, we will get 


«æ = 0.125 
Now [OH-] = ca = (1 x 107? mol dm-?) (0.125) 
= 0.125 x 107? mol dm~? 
pOH = — log ([OH-]/mol dm?) = 3.9 


pH = 14 — pOH = 14 — 3.9 = 10.1 


9.11 SOLUBILITY PRODUCT 


There are many salts which are sparingly soluble in water. Examples 
are AgCI, BaSO,, CaF, Ca,(PO,); and PbL. When such a salt is 
placed in water, a small quantity passes into water as ions. A dynamic 
equilibrium between the solid and its characteristics 1ons exists in the 
solution. Taking the example of AgCl, we have 


AgCl(s) = Ag*(aq) + CI (aq) 


At the equilibrium position, the rate of dissolution of ions from the 
solid is equal to the rate of precipitation ofions from the saturated 
solution. As usual, the equilibrium can be characterized by the equilib- 
rium constant. In the present case, we have 


x. — Agea) [CI (aq)] 
Tm [AgCl(s)] 
Since the concentration of a pure solid has a constant value, the 


concentration of solid AgCl may be combined with K., to give a new 
constant, called the solubility product. 


Ky = Keg [AgCI(S)] = [Ag'(ag) [CI (ag)l 
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Thus, the solubility product is equal to the product of the ionic concen- 
trations present in a saturated solution, When the salt dissolves to give 
an unequal number of positive and negative ions, each concentration 
term is raised to a power equal to the coefficient of the ion appearing 
in the equation. Table 9.6 includes the expressions of solubility product 
for some sparingly soluble salts. 


Table 9.6 Expressions of solubility product for a few sparingly soluble salts 


Salt Reaction Solubility product expression 
CaF, CaF; æ Ca*+ + 2F- Ksp(CaF:) = [Ca?*] [F-]* 
Pbl: Pbl: = Pb*+ + 2I- Kep(Pblz) = [Pb**] [I-]* 
Hg:sCls Hg:Cl: æ Hgi* + 2Cl7 Kep(HgsCh) = [Hg}"] [CI-T 


AI(OH)s Al(OH); = AP* + 30H- K«(AKOH)) = [Al"*+] [OH 
Agi(PO.) — Ags(POx) = 3Ag* + PO — Ksp(AgaPOs) = [Agt} [POT] 
CaXPO;)  Cas(POs)2 & 3Ca?* + 2PO%-  Kep(Cas(POx)2) = [Ca*** [Poi] 


Since the solubility of a salt varies with temperature, the numerical 
value of K,, for a salt changes with temperature. These values are 
usually recorded at 25 °C (Table 9.7). 


Table 9.7 Values of solubility products for a few sparingly soluble salts 


Salt Ksp Salt Ksp 

AgCI 1.7 x 10- (mol dm^?) PbCla 1.6 x 1075 (mol dm-?)* 

AgBr 5.0 x 107 (mol dm?) — Hg:Cl: 1.1 x 10-!* (mol dm7?)* 
Agl 8.5 x 10-"" (mol dm=)? Mg(OH): 8.9 x 107" (mol dm? 
BaCO; 1.6 x 10-" (mol dm-?) — PbI; 8.3 x 10-? (mol dm-?)? 
BaSO, 1.5 x 10-^(moldm-?? Ca(OH) 1.3 x 10-* (mol dm^?)* 
BaCrOs 8.5 x 107! (mol dm~’)? AKOH); 5.0 x 10-? (mol dm-?)* 
HgS 3.0 x 10? (mol dm-?)* CdS 1.0 x 10-?* (mol dm-?)? 
ZnS 2.5 x 10-?* (mol dm-?? CoS 7 x 107? (mol dm~’)? 


Problem 9.13 The solubility of CaF, in water at 20 °C is 15.6 mg 
per dm? of solution. Calculate the solubility product of CaF. 


PET . (156 x 10? g dm? 
Solubility, in moles per dm? — ENG. 


= 2.0 x 107^ mol dm? 
Since CaF, = Ca?* + 2F- 
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therefore, [Ca?*] = 2.0 x 10-4 mol dm? 
and [F] = 2 x 2.0 x 10-* mol dm? 
Hence, solubility product 
K = [Caà?*] [FP = (2.0 x 107* mol dm?) 
x (4.0 x 10 mol dm??? 
= 32 x 107? (mol dm?) 


Problem 9.14 What is the solubility of Agi(CrO.) in water if the 
value of solubility product Kj, = 1.3 x 107!! (mol dm)? 


Since Ag;CrO, = 2Ag* + CrO}- 
therefore, [Ag+] = 2 [CrO? 
Let x be the solubility of Ag;CrO,, then 


[Ag*] = 2x 
and [CrO?] = x 
Hence, Ky = [Ag [Cro] = (2x)? (x) 
ie., 4x! = 1.3 x 107! (mol dm?) 


Therefore x = {3.25 x 107"? (mol dm-?)!? 
= 1.48 x 10° mol dm? 


Precipitation and Solubility Product 


The numerical value of the solubility product of a salt provides its 
maximum solubility in water. For a solution of a salt at a specified 
concentration, the product of the concentrations of the ions, each 
raised to the proper power, is called the ionic product. Thus, for a 
saturated solution in equilibrium with excess solid, the ionic product 
is equal to its solubility product. If the ionic product of the solution is 
less than the corresponding solubility product, then it means that the 
solution is unsaturated and thus more salt can dissolve in it. On the 
other hand, if the ionic product exceeds the solubility product, then 
the solution is holding more salt that can dissolve in it; therefore, pre- 
cipitation takes place which continues till the ionic product becomes 
equal to the solubility product. 


Problem 9.15 Will a precipitate form if 20 cm? of 0.01 mol dm? 
AgNO; and 20 cm? of 0.0004 mol dm? NaCl are mixed? Given: Ksp 
(AgCI) = 1.7 x 107? mol? dm“, 
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Total volume of the solution after mixing is 40 cm?, thus the con- 
centrations of ions in the solution are decreased to half the values, i.e. 


[Ag*] = 5.0 x 10? mol dm? 
[CI] = 2.0 x 10-* mol dm? 


The ionic product is 
[Ag+] [CI] = (5.0 x 10-3 mol dm?) 
x (2.0 x 10-* mol dm?) 
= 1.0 x 10-5 (mol dm?) 


This ionic product is larger than K,, {= 1.7 x 10-!? (mol dm~*)} 
and thus precipitation of AgCI will occur. 


Problem 9.16 1f 25.0 cm? of 0.04 Ba(NO;); are mixed with 25.0 cm? 
of 0.02 M NaF, will any BaF, precipitate? K,, of BaF, is 1.7 x 10-9 
M? at 298 K. 

On mixing 25.0 cm? of 0.04 M Ba(NO.), with 25.0 cm? of 0.02 M 
NaF, the total volume of the solution becomes 50.0 cm?. Hence, the 
molar concentration of each of the two salts becomes half, i.e. 0.02 M. 
Ba(NO3» and 0.01 M NaF. The product of ionic concentrations of 
Ba?* and F^ as required in the solubility product expression will be 


[Ba?*] [F-P = (0.02 M) (0.01 M? = 2 x 10-5 M? 


Since this value is greater than solubility product (1.7 x 10-9 M°), 
there will occur the precipitation of BaF. 


Problem 9.17 A solution is 0.1 mol dm™ in Cl- and 0.001 mol dm? 
in CrO3-. If solid AgNO; is gradually added to this solution, which 
will precipitate first AgCl or Ag;CrO;? Assume that the addition of 
AgNO, causes no change in volume. Given: K,(AgCI) = 1.7 x 107'° 
(mol dm? and K,,(Ag,CrO4) = 1.9 x 10-'? (mol dm-?)*. 

When the precipitation starts, the ionic product of the substance 
just exceeds the corresponding K,,. Therefore, we calculate the [Ag+] 
needed to precipitate AgCI and Ag; CrO,. 


AgCI = Agt + CI 
K,, = [Ag*] [CI] = 1.7 x 10? (mol dm?» 


1.7 x 10-1? (mol dm? 


0.1 mol dm-? = 1.7 x 10? mol dm? 


Hence, [Agt] = 


Ag;CrO, = 2Ag* + CrO} 
Ky = [Ag*P [CrO}] = 1.9 x 10-1? (mol dm~) 
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1.9 x 107!? (mol soy" 


Hence, [Ag+] 


0.001 mol dm ? 
= 44 x 10% mol dm? 
Since the amount of Ag* needed to precipitate AgCl is less, this 


value will be reached first in the solution and, hence, it is the AgCl 
which will be precipitated first. 


Qualitative Analysis 


Qualitative analysis of cations is largely based on the principle of solu- 
bility produet. Cations are separated into six groups depending upon 
the solubility of their salts. A brief description of the scheme of quali- 
tative analysis is given below. 


Group I As insoluble chlorides: Only Ag", Hg2* and Pb?* form 
insoluble chlorides since they have low values of solubility products. 
K,,(PbCl,) = 1.6 x 10-5 (mol dm) 
K,(Hg;Cl) = 1.1 x 10-15 (mol dm? 
K,(AgCl) = 1.7 x 1071? (mol dm? 
Group II As insoluble sulphides in acidic medium: The sulphide ion 
concentration in a solution that has been saturated with EDS is 


j21 2 6 
[s7] = K, fre _ li x p p dm [HLS] 


In an. acidic solution, the [H*] is large and thus [S^-] is low. Thus, 
when H,S is passed in acidic medium of a solution containin; several 
cations, only for least soluble sulphides of Hg?*, Bi**, Pb^*, Cu^*, 
Cd?*, Sb*+, As*+ and Sn?*, the ionic products become greater than 
the corresponding solubility products which, therefore, are precipitat- 
ed. For other cations such as Fe’, Co**, Ni2*, Zn**, Cr^*, etc. the 
ionic products are smaller than their respective solubility products 
and thus are not precipitated, i.e. their sulphides are soluble. 


Group III As insoluble hydroxides in ammoniacal solution containing 
ammonium chloride: The concentration of OH” of an ammoniacal 
solution decreases when NH,Cl is added to it, because of the common- 
ion effect. Thus only for the least soluble hydroxides of Fe'*, Al'* and 
Cr^*, the ionic products exceed the corresponding solubility products. 
Therefore, only three ions are precipitated: for other cations (Co**, 
Ni?+, Ba?*, Ca?*, etc.) the respective ionic product is smaller than the 
corresponding solubility product and thus they remain in the solution. 
In fact, cations such as Co?*, Ni?*, Mg, etc., form complexes with 
ammonia and thus the amount of free ions in the solution is decreased 
to a very large extent. Consequently, a larger concentration of OH- is 
required to precipitate these ions from the solution as compared to 
those required for the group III cations. 


s 
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Group IV As insoluble sulphides in ammoniacal medium: In ammo- 
niacal solution, the concentration of S^- becomes larger when HS is 
passed through the solution. This is because of the formation of am- 
monium sulphide. Thus, sulphides of Co*+, Ni™, Mn^* and Zn?* are 
precipitated here. } 


Group V As insoluble carbonates in ammoniacal solution containing 
ammonium chloride: The carbonates of Ba?*, Ca?* and Sr?* are precip- 
itated here, while MgCO; does not. 


Group VI This contains the remaining cations, viz., Mg?* and K*. 


9.12 SOME CONCEPTS OF ACIDS AND BASES 


Some of the most important equilibria in chemistry are those involv- 
ing acids and bases. With the advancement of science, various attempts 
have been made to define these acids and bases, starting from the 
phenomenological basis to the molecular composition and structure 
dts Net quU, A few of the currently accepted concepts are discus- 
se low. 


Arrhenius Concept 


Arrhenius classified a substance into an acid or a base in terms of the 
characteristic ions of water which it produces in aqueous solution. 
Thus, an acid is a substance which ionizes in water to produce H^(aq) 
or the hydronium ion; a base isa substance which produces hydrox- 
ide ion, OH" (aq). The strength of an acid is defined in terms of the 
concentration of H*(aq) that is present in the aqueous solution of a 
given concentration of the acid. Likewise, the strength of a base 
depends upon the relative concentration of OH(aq) in an aqueous 
solution of the base. 


Bronsted-Lowry Concept 


J. Bronsted and T. Lowry independently proposed a broader concept 

of acids and bases. According to them, “a substance is known as an 

acid if it can donate a proton and as a base if it can accept a proton". 

The substance may be a molecule or an ion. The reaction of an acid 

i a base constitutes the transfer of a proton from the acid to the 
ase. 


The dissolution of ammonia in water may be represented by the 
equation 


H,O + NH; + NH; + OH- 


In this reaction, HO is serving as an acid as it donates a. proton to 
the base NHs. If a solution of an ammonium salt is made strongly 
alkaline, ammonia gas is released. The reaction is therefore reversible 
and the system exists in equilibrium. 
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In the reverse reaction, NH; is serving as an acid and OH- as a base. 
It follows, then, that in this Bronsted acid-base reaction, two acids 
(H2O and NH7) and two bases (OH^ and NH.) are involved. The base 
NH; gains a proton and thereby forms the acid NH? which on the 
loss ofa proton forms the base NH3. Such an acid-base pair, related 
through the loss or gain of a proton, is called a conjugate pair. NHF 
is the conjugate acid of the base NH;, and NH; is the conjugate base 
of the acid NH;. Similarly, the acid H5O and the base OH- constitute 
a second conjugate pair in the preceding reaction. We may indicate 
conjugate relationships by the use of subscripts in the following 
manner: 


1. H,0 + NH; = NH} + OH™ 
Acid; Bases Acid: Base; 


A few other examples are 


2. CH3COOH + H;O = H30* + CH,;COO- 
Acid; Bases Acids Base; 
8, HCl + HO = H30* + CI- 
Acid, Bases Acid: Base: 
4. H,O + CO}- = HCO; + OH- 
Acid: Bases Acids Base: 
Similar types of reactions can be written in a nonaqueous medium 
5. H+ + NH; = H; + NH7 


Base: Acid Acids Base; 


There are many molecules and ions that can function as acids in 
certain reactions and as base in other reactions. Such species are called 
amphiprotic. For example, H,O acts as an acid in reactions (1) and (4) 
and as a base in reactions (2) and (3). : 

Arrhenius acid-base type reactions are also covered by the Bronsted- 
Lowry reactions: 


6. H,0+ + OH- = H,O + H,O 
Acid; Bases Acid: Base: 
7 NH} + NH; = NH; + NH; 


Acid; Base; Acid: Base, 
Strength of Bronsted Acids and Bases 
The strength of a Bronsted acid is determined by its tendency to do- 
nate a proton, and the strength of Bronsted base is determined by its 
tendency to accept a proton. Consider the reaction 

HCl + H,O = H30* + Ch 

; Acid; Bases Acids Base: 

This reaction proceeds virtually to completion, i.e. the reactants are 
completely converted into products. It can be concluded that: 
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1. The acid HCI! is stronger than H3O* ion, since HCl has a greater 
tendency to lose a proton than the H;O* ion. 

2. The base H20 is stronger than CI- ions, since in the competition 
for holding the proton, H,O shows a larger tendency and is thereby 
converted to H3O*. 

Thus, we see that the strong acid HCl has a weak conjugte base CI- 
ion and the strong base H;O has a weak conjugate acid H,O+. The 
fact that a strong acid has a weak conjugate base and vice versa is 
always true since a strong acid with a high tendency to lose a proton 
is necessarily conjugate to a weak base with a small tendency to gain 
and hold a proton. Similarly, a strong base with a strong tendency to 
attract a proton is necessarily conjugate to a weak acid with a lower 
tendency to lose a proton. 


An aqueous solution of 0.1 mol dm7? acetic acid is only 1.33 per 
cent ionized at 25 °C. The reaction is 


C,H;0;H + H;O © H,0* + C;H,07 
Acid: Base; Acids Base; 


or briefly 


HAc + H;O = H30* + Ac- 
Acid, Base Acids Base; 


which is largely displaced to the left. Once again, it can be concluded 
that: 

1. The H;O* is a stronger acid than HAc since at equilibrium 
more H;O* ions than HAc molecules have lost protons. 

2. The Ac” is a stronger base than water since it shows greater ten- 
dency to attract the proton than H,O, thus Converting itself into HAc. 
, In the above example, we again notice that the stronger acid H;O* 
is conjugate to the weaker base H,O and the Stronger base Ac- is con- 
jugate to the weaker acid HAc. From the above two examples, one 
more conclusion can be drawn. This can be stated as follows: In a 
given reaction, the position of equilibrium favours the formation of a 
weak acid and a weak base, 

Thus, in the reaction between HCl and H20, the equilibrium con- 
centrations of the weaker species H,O* and CE are high, whereas in 
the solution of acetic acid, the equilibrium concentrations of the 
stronger species H;O* and C;H307 are low. 


The Arrhenius concept ofa Strong anda weak acid in aqueous 
solution can be explained by the Bronsted concept. In Arrhenius the- 
ory, a strong acid is virtually 100% ionized in aqueous solution and 
thus produces a very high concentration of H30*. In the Bronsted 
system, acids are classified according to their ability to donate protons 
to a specific base under consideration. It is obvious that if water is 
used as the specific base, then the acid Strengths of the Arrhenius con- 
cept can be explained in terms of the Bronsted concept. Thus, strong 
Arrhenius acids are those substances that are stronger acids than H3O* 
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and.weak Arrhenius acids are those substances that are weaker acids 
than H3O*. 


Problem 9.18 (a) What is the conjugate base of 
(i) H3PO,, (ii) H;POs, (iii) NH3, (iv) HS7, (v) H30*, 
(vi) HOCI and (vii) CH;0H? 
(b) What is the conjugate acid of 
(i) F7, (ii) OH, (iii) POF, (iv) NH, (v) NH7, (vi) HS- and 
(vii) CSHsNH? 


(a) The following relations give us the conjugate base. 


(i) H,PO, + H,O = H;0* + HPO; 
Acid Base 
(ii) Hj;PO; + H2,0 = H30* 4- HPOj- 
Acid Base 
(iii) NH; + H,0 = H;0* + NHz 
Acid Base 
(iv) HS + H,O = H,0+ + $7 
Acid Base 
(v) HOt + H0O = H;0* + H20 
Acid Base 
(vi) HOCI + H;O = H,0* + ocr 
Acid Base 
(vii) CH;OH + H,0= H,0+ + CH;07 
Acid Base 


(b) The following relations give us conjugate acid. 
(i) H,O + F = HF + OH” 
Base 


Acid 
(ii) H,O--OH- = H,0 + OH” 
Base Acid 
(iii) H,O + POF = HPO} + OH- 
: Base Acid 
(iv) H,O + NH; = NH? + OH- 
Base Acid 


(v) H,O-- NH; = NH; + OH- 
Base Acid 
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(vi) HO + HS- = HS + OH 


Base Acid 
(vii) H20 + CsHs;NH; = C,H;NH} + OH- 
Base Acid 


Problem 9.19 Identify the Bronsted acids and bases in the following: 
(a) NH; + HCl —- NH} + cr 
(b) NH} + OH- — NH; + H,0 
(c) HS + OH —> s+ +580 
(d) H;O* + HS“ —> HS + H,O 
(e) H250, + CN" —> HCN + HSO7 


The identifications of Bronsted acids and bases in the given reac- 
tions are given below: 


(a) NH; + HCl —> NH} + Cr 


Base Acid: Acid; Bases 

(b) NH} + OH- — NH; + H,O 
Acid; ^ Base: Base, Acids 

(c) HS- + OH- — S^ +80 
Acid: Base; Base; Acid; 

(d) HjO* + HS —+ HS + H,O 
Acidi Bases Acid, Base, 

(e) H;SO, + CN- —- HCN + HSO; 
Acid, Base; Acids Base, 

IUD TEAMMGONNNPRDTUTATTITE UG I EE RIEN OCIS O 
EXERCISES 


1. (a) What do you understand by reversible and irreversible reactions? 
Give two examples of each, 
(b) What do you understand by the term "reaction at equilibrium’? Isita 
static equilibrium? 
(c) Show that the reaction at equilibrium can be characterized by an 
equilibrium constant, defined as 


K = ki[ko 


where kt and kp are the rate constants for the forward and backward 
reactions, respectively, 


y 
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(d) Using the law of mass action of Guldberg and Waage, show that the 
equilibrium constant of a reaction 


aA + bB —> cC + dD 


can be written as 
ICI: [D]* 


K = TAT BY 
(e) Show that for a gaseous reaction 


K, = K. (RT)®™: 


2. Taking the following typical reactions along with the data provided, 


write down the expressions for the equilibrium constants K, and K.. 
(a) A(g) + B(g) = C(g) + D(g) 


t=0a b 0 0 
tee ? ? x ? 
(b) A(g) = B(g) + Clg) 
t=0a 0 0 
tea 2 x ? 
(c) B(g) + C(g) = A(g) 
t=0a b 0 
Teq T ? x 
(d) A(g) = B(g) + 2C(g) 
t=0a 0 0 
feq ? x ? 
[2] A(g) + 2B(g) = C(g) 
t=0a b 0 
tea 7? ? x 
(f) A(g) + Big) = C(g) 
t=0 a b é 
tea 7 ? Cu E 


Discuss qualitatively the effects of pressure, volume and inert gas on the 
value of x? 

3. (a) Explain why the Arrhenius theory of dissociation is only applicable to 
weak electrolytes. 

(b) Write down the expression for equilibrium constant of NH4OH in 
terms of its degree of dissociation and concentration. 

(c) Show that for a weak electrolyte « > 1 as c > 0 (Ostwald dilution 
law). 

4. (a) State the principle of Le Chatelier and Braun as applicable to the 
reactions at chemical equilibrium. With the help of this principle, pre- 
dict qualitatively the effect of (i) changing the pressure, (ii) changing 
the temperature, and (iii) addition of one of the components of the 
reaction. 


"3 


[9 
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(b) Discuss the effect of temperature and pressure on the following reac- 
tions. 


1NQG)-jH(g)eNH() aH? = — 46.19 kJ 


H.(g) + Cl:(g) = 2HCl(g) AH? = — 184.10 kJ 
N:0,(g) = 2NO:(g) Endothermic 
5. What is the effect of temperature on the equilibrium constant? Predict, 
which of the following relations hold good? 
K,(r2) > or = or < K,(7,) if AH? is positive 
K,(2) > or = or < K,( if AH’ is negative 
where T: > Ti. 
6. Answer the following: 
(a) Why is the synthesis of NH preferably carried out at a low tempera- 
ture and high pressure? 
(b) Why is the manufacture of Os from O» carried out ata high tempera- 
ture and high pressure? 
7. Discuss the effect of a catalyst on a reaction at equilibrium. 
8. Define the term solubility product as applicable to a sparingly soluble 
salt. How does this help in deciding the precipitation of a salt? 
9. Describe the characteristics of an acid and base in terms of (a) Arrhenius 
concept, and (b) Lowry and Bronsted concept. 
10. For the reaction N:O,(g) = 2NO.(g) at 300 K, K, = 0.157 atm, calculate 
its Ke. 
(Ans. 6.38 x 107? mol dm~?) 
11. For the reaction SO.(g) + } O.(g) = SO.(g), the equilibrium constant 


K. = 1.7 X 10" (mol dm-*)-!/ at 300 K. Calculate the equilibrium 
constants for the following reactions at 300 K. 
(a) 250«(g) + On(g) = 2SO,(g) 
(b) SOs(g) = SO,(g) + 3 On(g) 
(Ans. (a) 2.89 x 10% (mol dm~), 
(b) 5.88 x 10-* (mol dm-*)1/2) 
"12. For the reaction 
CHi(g) + 2H:S(g) = CS.(g) + 4Hs(g) 


K, = 2.05 x 10° Pa? at 25 °C, Calculate (a) K, and (b) K. at this tem- 
perature for the reaction 
2H,(g) + $ CS.(g) & à CHi(g) + H,S(g) 
(Ans. 2.209 x 10-5 Pa, 5.475 x 1075 (mol dm-2)1) 
13. In a study of the water gas reaction 
CO:(g) + Hs(g) = CO(g) + H:O(g) 


a mixture of CO, and Hı initially containing 42.4 mol % Ha was brought 
to equilibrium. The system at equilibrium was found to contain 15.2 mol 
% Ha. Calculate K, of this reaction. 


(Ans. 1.602) 
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i4. H:S dissociates according to the equation 
2H:S(g) + 2Hs(g) + S2(8) 


At equilibrium, the degree of dissociation of H:S is 0.305 and the total 
pressure of the system is 1 atm. Calculate K, of the reaction, 
(Ans. 0.0255 atm) 


15. NOx dissociates according to the equation 
N:04(g) # 2NO:(g) 


When 0.0578 g of N:O4 was introduced into a 1 dm? flask maintained at 
308 K, the equilibrium pressure was 24.12 kPa. Calculate (a) the degree 
of dissociation, and (b) K, of this reaction. 
(Ans. (a) 0.5, (b) 0.317 atm) y 
16. 35.7 g of PCI; were taken ina 5 dm? flask and heated in a thermostat at 
523 K until the following equilibrium was established: 


PCl,(g) + PCls(g) + Cl«(g) 
It was found that at equilibrium 8.75 g of Cl was present. Calculate the 
equilibrium constant Ke for the reaction. 
(Ans. 6.4 X 107* mol dm?) 
17. 25 mol of Hz and 18 mol of I; vapours were heatedin a 1 dm? sealed 
tube at 465 ^C when at equilibrium 30.8 mol of HI was formed. Calculate 
the degree of dissociation ofHIif the reaction was initially started with 
pure HI. 
(Ans. 0.245) 
18. 1.5 mol of PCl; was heated at a constant temperature in à closed vessel* r 
of 4 dm? capacity. At the equilibrium point 35% PCl; was found to be 
dissociated into PCl, and Cl:. C alculate the equilibrium constant, 
(Ans. 7.06 x 107? mol dm™) 
19, Which of two solutions 0.1 mol dm~? HCN (Ks = 4 X 107 mol dm?) 
and 0.1 mol dm^? HF (Ka = 6.7 X 10-! mol dm?) will have a greater 
degree of ionization and to what extent? 
(Ans. HP, 1294) 
20. The pH of pure water at 40 °C is found to be 6.75 What isthe value of 
pK«? What will be the nature of solution at 40 °C having [HO *] = 1.10 
x 10-7 mol dm-?? What will be the pOH of the latter solution? 
(Ans. pKw = 13.50, alkaline, pOH = 6.53) 
21. Calculate at 25 °C the pH corresponding to the following solutions con- 
taining (a) [H:O*] = 10-* mol dm’, (b) [H;O*] = 3.21 x 10-* mol 
dm-* and (c) [OH-] = 1.2 x 10-2 mol dm^?. 
(Ans. (a)9.0, (b) 2.49, (c) 12.08) 
22. Convert the pH values (a) 1.63, and (b) 1.48 of solutions at 50 *C to the 
corresponding values of [H;O*] and [OH-). Given that Kw at 50 ^C is 
5.474 x 1071* (mol dm~*)*. 
(Ans. (a) {HsO*] = 2.34 X 10-* mol dm^?, [OH-] = 2.34 x 
10-* mol dm^?, (b) [H:O*] = 3.3 x 10™ mol dm“, 
(OH-] = 1.659 x 10-* mol dm-*) 
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23. Calculate the pH of a 0.01 mol dm= of (a) HCI solution and (b) pro- 


24. 


25. 


26, 


27; 


29, 


30. 


panoic acid (Ka = 1.34 x 10-8 mol dm-*), 
(Ans. (a) 2.40, (b) 3.44) 
In a saturated solution of calcium phosphate, the concentration of POI 


ions is 3.3 x 10-? mol dm=, Calculate its solubility product, 
(Ans. 1.321 x 10-8? (mol dm^7?)) 


Which oxalate has the lower molar solubility? 
AgiCiOs [Ksp = 1.1 x 10- (mol dm-?)*] or CaC2Ox [Ksp = 1.3 x 10-» 
(mol dm-?):]. 
(Ans. CaC:0,) 
Explain: 
(a) On passing H-S, MnS is precipitated in ammoniacal medium and not 
in acidic medium. 


(b) The use of NH4CI in Precipitation of hydroxides of Fe**, Al*+ and 
Cr?* with NH,OH. 


A solution is 0.1 mol dm~? in CI- and 0.1 mol dm“? in Br-, Solid 
AgNO: is gradually added to this solution. Assuming that the addition of 
AgNOs does not change the yolume, answer the following. 


(a) What concentration of Ag+ ions will be required to start precipitation 


To a solution containing equal concentrations of Ba** and Pb** ions, 
SO#- ions are added. Which will precipitate first—BaSO, or PbSO,? 
Given: Ksp(BaSOx) = 1.5 x 10-9 (mol dm-*)? and Ksp(PbSOx) = 1.3 
X 10-8 (mol dm-3), 


Find the conjugate acids of the following Species; Cl-, Ot-, OH-, H:O, 
NHz, CO}, HCO;, F-, PO:-, NHs, and HS-, 


Find the conjugate bases of the following Species; H;SO;, HS^, NHi, 
HSOz, HNOs, H:O, OH-, NH;, and HCl, 


31. Identify the Bronsted acids and bases in the following: 


HCO; + HF + HCO, + F- 
CH;OH + OH- = CH,O- + HO 
HS- + OH- = S+- + H:O 

H;O* + HS- = H:S + H;O 
HSO: . + CN- # HCN + SO: 
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Multiple-Choice Questions 


| Tick (4/) the correct choice. 


1. 


The vapour pressure of a liquid in a closed vessel depends on 


(a) the amount of liquid (b) temperature of liquid 
(c) volume of the vessel (d) the volume of liquid 
. In the reaction Ns + 3H» + 2NH; + 94 kJ, the formation of ammonia is 
favoured by 
(a) adding ammonia (b) decreasing the pressure 
(c) increasing the pressure (d) increasing the temperature 


. What will be the effect of increasing pressure on the reaction Hs(g) + 


T«(g) = 2HI(g) at equilibrium? 


(a) increase (b) decrease 
(c) no change (d) cannot be predicted 
. The equilibrium constant for the reaction A + 2B + C + 2D is given by 
(a) [C] [DI/LA] [B] (b) [C] LDI/LA] [BP 
(c) [C] [DI/LA] [B]? (d) [A]? [BY/[C} [D] 


. The equilibrium constant of a reaction depends on 


(a) the choice of a catalyst 
(b) the pressure 
(c) the temperature 


(d) the initial concentrations of reactants " 


. The most favourable conditions for the oxidation of SO: into SOs (AH 


- — 198.24 kJ) are 

(a) low temperature and high pressure 
(b) low temperature and low pressure 
(c) high temperature and high pressure 
(d) high temperature and low pressure 


. The addition of sodium acetate to acetic acid 


(a) suppresses the ionization of acetic acid 

(b) enhances the ionization of acetic acid 

(c) causes no change in ionization of acetic acid 
(d) completely stops the ionization of acetic acid 


. The pK» of water at 40 °C is 13.53. A given aqueous solution at 40 ^C 


has pH — 7. The nature of this solution will be 

(a) acidic (b) alkaline 

(c) neutral (d) cannot be predicted 

The solubility of a sparingly soluble salt AsBs in water is x. Its solubility 
product will be 

(a) x* (b) x* 

(c) 108x* (d) x 
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10. The pH of a solution having (H*] = 0.02 M will be 
(a)2 (b) 1.7 
(c) 2 x 10 (d) 2.3 
Answers (Multiple-Choice Questions) 


1. (b) 2. (c) 3. (c) 4. (c) 
6. (b) 7. (a) 8. (b) 9. (c) 


5. (©) 
10. (b) 


10 


Redox Reactions 


Objectives Early Views on Oxidation and Reduction O Modern Views on 
Oxidation and Reduction O Utilization of Spontaneous Flow of Electrons from 
a Reductant to an Oxidant O Electrochemical Cells O Electromotive Force 
O Formulation of a Galvanic Cell O Spontaneity of Cell Reaction O Standard 
Half-Cell Potentials O Significance of Standard Half-Cell Potentials O Effect 
of Concentration and Temperature on EMF O Oxidation Numbers O Balanc- 
ing Redox Reactions O Electrolysis (1) To describe the phenomenon of 
electrolysis, (2) To describe the sign convention of electrodes in an electrolytic 
cell, (3) To describe the two Faraday’s laws of electrolysis 


10.1 EARLY VIEWS ON OXIDATION AND REDUCTION 


According to the early views, the process of oxidation involves the 
addition of oxygen or the removal of hydrogen atom(s). The substance 
which supplies oxygen or absorbs hydrogen atom(s) is known as oxidiz- 
ing agent and the substance which absorbs oxygen or releases hydro- 
gen atom is said to be oxidized. On the other hand, the process of 
reduction involves the removal of oxygen or the addition of hydrogen 
atom(s). The substance which absorbs oxygen or releases hydrogen 
atom(s) is known as a reducing agent and the substance which releases 
oxygen or absorbs hydrogen atom(s) is said to be reduced. In chemical 
reactions, if one substance releases oxygen (or absorbs hydrogen) atom, 
there must be present another substance which absorbs oxygen (or 
teleases hydrogen) atom. Thus, a chemical reaction involves both oxi- 
dizing and reducing agents simultaneously and the processes of oxida- 
tion and reduction occur simultaneously in a chemical reaction. In 
other words, if a substance is oxidized (addition of oxygen or removal 
of hydrogen), there must be another substance which is simultaneously 
reduced (removal of oxygen or addition of hydrogen). A few examples 
illustrating the above effects are displayed in the following reactions, 
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1. For the reaction 
Mg + 40, = MgO 
we may state that Mg is oxidized to MgO in the forward reaction as 
it involves the addition of oxygen. In the backward reaction, we say 
that MgO is reduced to Mg as it involves the removal of oxygen. 
2. For the reaction 


H; + 40, = H,O 


we may state that hydrogen is oxidized to water (addition of oxygen) 
in the forward reaction or water is reduced to hydrogen (removal of 
oxygen) in the backward reaction. Alternatively, we may state that 
oxygen is reduced to water (addition of hydrogen) in the forward reac- 
tion or water is oxidized to oxygen (removal of hydrogen) in the back- 
ward reaction. 

3. The reaction involving KMnO; and FeSO, in an acidic medium 
may be visualized in terms of the earlier views on oxidation and re- 
duction. We may write the reaction in two Steps: 


2KMnO, + 3H,SO, ——- K,SO, + 2MnSO, + 3H;0 + 50 
+ [2FeSO, + H,SO, + O —— Fe,(SO,); + H50] x 5 


2KMnO, + 10FeSO, + 8H,SO, —-> K,SO, + 2MnSO, 
+ SFe,(SO,); + 8H;0 


The first step involves removal of oxygen atoms and the second step 
involves addition of oxygen atoms. So, we may state that 


(a) The first step is the reduction reaction (removal of oxygen). A 
careful study of the reaction will reveal that the oxygen atoms 
have come from KMnO; and thus KMnO; is termed oxidizing 
agent (a substance which supplies oxygen). 

(b) The second step is the oxidation reaction (addition of oxygen). 
A careful study of the reaction will reveal that oxygen atoms 
are absorbed by FeSO, and thus FeSO, is termed reducing agent 
(a substance which absorbs oxygen). 


For the overall reaction, we say that the oxidizing agent KMnO, 
has oxidized the reducing agent FeSO,. In this process of oxidation, 
the oxidizing agent KMnO, has undergone reduction to MnSO,. Alter- 
natively, we may say that the reducing agent FeSO, has reduced the 
oxidizing agent KMnO,. In this process of reduction, the reducing 
agent FeSO, has undergone oxidation to Fe,(SO,);. 

The above way of writing half-reactions is the outcome of the 
mental picture used to explain the process of oxidation or reduction. 
In actual practice, the reaction does not proceed the way it is shown, 
thatis KMnO, releases oxygen atoms and FeSO, absorbs oxygen 
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atoms. We will see shortly that the reaction actually involves the 
transfer of electrons from one species to another. 


10.4 MODERN VIEWS ON OXIDATION AND REDUCTION 


According to modern views, the process of electron(s) being lost by a 
species is known as oxidation, whereas gaining of electron(s) is known 
as reduction. The species which loses electron(s) is said to be oxidized, 
whereas the species which gains electron(s) is said to be reduced. An 
oxidizing agent is a species which can cause oxidation of some other 
species. During this oxidation process, the oxidizing agent absorbs the 
emitted electrons from the other species. In other words, by causing 
oxidation in other species, the oxidizing agent gets reduced itself. 
Similarly, a reducing agent is a species which can cause reduction of 
some other species. During this reduction process, the reducing agent 
supplies electrons which are absorbed by other species. In other 
words, by causing reduction in other species, the reducing agent gets 
oxidized itself. 

The transfer of electron(s) from a reducing agent (known as reduc- 
tant) to an oxidizing agent (known as oxidant) implies that both re- 
duction and oxidation processes occur simultaneously and such a 
reaction is known as a redox (red from reduction and ox from oxida- 
tion) reaction. 

The few examples given earlier in Sec. 10.1 may be reviewed in terms 
of the modern views on oxidation and reduction. 


1. In the reaction 
Mg + 4 O; = MgO 
Magnesium atom has undergone the following change 
Mg ——> Mg?* + 2e7 
whereas oxygen molecule has undergone the change 
1 O, + 2era O?- 
Thus, we say that 


(a) magnesium has undergone oxidation (removal of electrons) and 
oxygen has undergone reduction (addition of electrons), ea 
(b) magnesium is the reducing agent and oxygen is the oxidizing 

agent, and 
(c) magnesium has reduced oxygen to oxide ion, whereas oxygen has 
oxidized magnesium to magnesium ion, 


2. In the reaction 
H, + 4 O, = H,O 
hydrogen has undergone the change 
Hz ——> 2H* + 2e7 


A 


4 
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and oxygen has undergone the change 
1 0, + 2e- ——> O% 
whereas 2H* and O?- combine to give H5O. 


Thus, we say that 


(a) hydrogen has undergone oxidation (removal of electrons) and 
oxygen has undergone reduction (addition of electrons), 

(b) hydrogen is the reducing agent and oxygen is the oxidizing 
agent, and 

(c) hydrogen has reduced oxygen to oxide ion, whereas oxygen has 
oxidized hydrogen to hydrogen ion. 


3. For the reaction involving KMnO, and FeSO, in acidic medium, 
we write the partial reactions involving those species which undergo 
oxidation and reduction. We have 

MnO; + 8H* + 5e- —— Mn?* + 4H;O 
+ [Fet — Fet + e] x 5 


MnO; + 5Fe*+ + 8H* — Mn?* + 5Fe*+ + 41,0 


Thus, we say that 

(a) Fe?* has undergone oxidation and MnO; has undergone reduc- 

tion, 

(b) MnO% is an oxidizing agent and Fe?* is the reducing agent, and 

(c) MnO; has oxidized Fe** to Fe?*, whereas Fe?* has reduced 

MnO; to Mn?+. 

The above way of writing half-reactions is more realistic since there 
does occur transfer of electrons from one species to another. More- 
over, the reaction involves only those species which are actually requir- 
ed (or have undergone oxidation and reduction). 


A few more examples of redox reactions are given below. 
Reaction . Undergone half reactions Agent 
oxidation reduction oxidizing reducing 
Cu--2Ag*- Cut Cu-> Cu*-t2e- 2Agites>  Agh Cu 
+ 2Ag Ag 
Zn + Cu** > Zn™ Zn > Zn*-L2e- Cut-L2e- + Cu Zn 
+ Cu Cu 
CriO}- + 6Fe*+ + — 6Fett > 6Fe%+ CrO} + 14H+  CnOi-  Fet 
14Ht-2Cr** + + 6e- + 6e- 5 2Cr*+ 
6Fe*++- 7H:0 + 7H:O 
28:03-+I2 > S,02- 28:017 ^ $077 L4 2e- > h S:01- 
rit’ SA F27 21- 


2Fe*-F21-— Is 2I > h-2e-  2Fe*2e- Fe r 
T 2Fe*+ 2Fet* 


: 
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10.3 UTILIZATION OF SPONTANEOUS FLOW OF 
ELECTRONS FROM A REDUCTANT TO AN OXIDANT 


If a zinc rod is placed in an aqueous solution of cupric sulphate, im- 
mediately the reaction 


Zn + Cu?*(aq) ——> Zn™ (aq) + Cu 


sets in. Here, Zn is oxidized to Zn?* and the two electrons are releas- , 
ed. These electrons are immediately absorbed by Cu?* which is reduc- 
ed to Cu. These two partial reactions can be written as 


Oxidation; Zn —-> Zn?*(aq) + 2e* 
Reduction; Cu**(aq) + 2e^ —— Cu 


If we add these two reactions, we get the observed net reaction. The 
overall net reaction (or flow of electrons from Zn to Cu?*) can be ex- 
plained on the basis of the following fact. 

“An atom with a larger tendency to lose electrons produces an ion 
with a lesser tendency to accept electrons and vice versa". 


Thus, out of Zn and Cu atoms, the former has a greater tendency to 
lose electrons, whereas in Zn?* and Cu?* ions, the latter has a greater 
tendency to gain electrons. Now in the solution, Zn atom, with a rela- 
tively large tendency to lose electrons, and Cu** ion, with relatively 
large tendency to accept the electrons, are present. Such a situation 
will not be stable and the stability is achieved through transfer of 
electrons from Zn to Cu?*. This transfer of electrons is mutual under- 
standing or adjustability in order to achieve configurations that are 
more stable. 


This spontaneous flow of electrons from Zn to Cu?* cannot be uti- 
lized as Cu?* ion is immediately in contact with Zn atom. However, if 
we have an arrangement in which the oxidation (Zn — Zo en 2e) 
and reduction (Cu?* + 2e- — Cu) reactions are carried out in two 
physically separate places and the electrons are somehow made to 
move through an external wire connecting the two places, then the 
flow of electrons* (from the oxidation site to reduction site) constitutes 
current which can be fruitfully utilized in running a motor, trausistor 
or lighting a bulb. Such a device is one of the two categories of elec- 
trochemical cells, known as galvanic cells. They are named galvanic 
after the scientist L. Galvani who discovered this type of cell in 1786. 


10.4 ELECTROCHEMICAL CELLS 


The electrochemical cells can be divided into two categories. These 
are (1) electrolytic cells, and (2) galvanic cells. In an electrolytic cell, 


*This flow occurs when the two solutions containing Zn*+ and Cu**, respec- 
tively, are also brought in contact through a device such as filer paper soaked 
in KNOs. See also Sec. 10.4 
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a desired chemical reaction is carried out with the help of current, 
whereas in a galvanic cell, current is generated as a result of some 
spontaneous chemical reaction that occurs in the cell. In this section, 
we describe the main characteristics of galvanic cells. The description 
of electrolytic cells is given in Sec. 10.13. 

For simplicity, we take the example of a Daniell cell in which the 
spontaneous reaction is 


Zn + Cu?*(ag) —> Zn?*(aq) + Cu 

As described in Sec. 10.3, we have to carry out the two half-reactions 
Zn —— Zn* (aq) + 2e7 
Cu^*(ag) + 2e- —— Cu 


in two different places. The most obvious way to carry out these two 
partial reactions is to insert the Zn electrode into a solution contain- 
ing Zn?* (but not Cu?*) and the Cu electrode (or some unreactive 
metal) into a solution containing Cu?* as shown in Fig. 10.1. From 
the Zn electrode, a minute amount of Zn can go into the solution as 
Zn** leaving a negative charge on the electrode (because of electrons 
left behind) and positive charge in the solution. These charges stop 
the ionization process of zinc almost immediately; for every Zn?* 
entering the solution, it or another ion will be driven back to the Zn 
electrode by the attraction of the negative electrode and the repulsion 
of the positive solution. Similarly, at the Cu electrode a few Cu?* ions 
from the solution may be deposited as Cu atoms. This process will 
make the electrode positive and the solution negative and thus the 
deposition process is stopped*. However, these processes at the two 
electrodes, namely, oxidation at Zn electrode and reduction at Cu 
electrode, can be resumed provided we connect the two electrodes by 
a wire to allow the electrons to flow from the Zn electrode to the 
electron-deficient Cu electrode and bring the two solutions into con- 
tact through a porous plug or a salt bridget so as to neutralize the 
charges of the two solutions and prevent a direct flow of Cu?* towards 
the Zn electrode. 


In the cell shown in Fig. 10.1, the Zn electrode becomes negatively 
charged as the electrons released in the oxidation reaction (Zn — Zn?* 
+ 2e ) reside at this electrode. Similarly, the Cu electrode becomes 
positively charged as the electrons are taken out of this electrode for 


the reduction reaction (Cu?* + 2e- -> Cu) which takes place at this 
electrode. 


*It may be that both Cu and Zn electrodes give up positive ions to the solu- 
tion and become negatively charged or they may both become positively 
charged by neutralization of positive ions from the solution. But from the 
knowledge that Zn is more electronegative than Cu, we can say that Zn has a 
greater tendency to dissolve as Zn** than Cu has to dissolve as Cu?+. 

TThe'salt bridge is an agar jelly saturated with either KCl or NH4NOs and is 
used to connect the two electrode compartments. 
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In both types of electrochemical cells (i.e. electrolytic and galvanic), 
the electrode at which oxidation reaction occurs is known as the anode 
and that where reduction reaction occurs is known as cathode. Thus, 
the negative electrode of a galvanic cell is known as anode and the 
positive one as the cathode. 


High resistance 
voltmeter 


2 


Zn-Zn'*42e Cu" *2e-*Cu 


Fig. 10.1 Daniell cell 


10.5 ELECTROMOTIVE FORCE 


In the Daniell cell, electrons flow from Zn electrode to Cu electrode. 
This is due to the fact that Zn atom can be more easily oxidized to 
Zn?* than Cu atom to Cu?*. On the other side, Cu?* can be more 
easily reduced than the Zn^*. Consequently, Zn is oxidized to Zn? 
and the electrons set free at the Zn electrode move towards Cu elec- 
trode where Cu?* is reduced to Cu. Basically, we can say that the 
flow of electrons is due to the difference in oxidation tendencies of 
the two atoms or it is due to the difference in reduction tendencies of 
the two ions. The relative oxidation tendencies of atoms can be repre- 
sented by the oxidation potentials. A more easily oxidizable atom will 
have a larger value of oxidation potential and a less easily oxidizable 
atom will have a low value of oxidation potential. Thus, Zn atom has 
a larger oxidation potential than the Cu atom. Electrons in the ex- 
ternal circuit flow from the electrode of higher oxidation potential to 
the electrode of lower oxidation potential. The difference in potential 
which causes a current to flow from the electrode of higher potential 
to the one of lower potential is known as the electromotive force, ab- 
breviated as emf, of the cell and is expressed in volts. We will represent 
emf of a cell by the symbol Zen. Thus 


Ej = Higher oxidation potential ; 
— Lower oxidation potential (10.1) 
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As per recommendations of IUPAC (International Union of Pure 
and Applied Chemistry), £;.;; is expressed in terms of reduction poten- 
tials (known as standard potentials) of the two electrodes. The reduc- 
tion potentials measure the relative reduction tendencies of ions and 
their values are simply the negative values of oxidation potentials of 
the corresponding atoms. This follows from the fact that an atom with 
the maximum tendency of oxidation (i.e. highest value of oxidation 
potential) will yield an ion with the least tendency of reduction (i.e. 
the minimum reduction potential) and vice versa. Thus, Eq. (10.1) 
may be written as 

E = — (— Higher oxidation potential) 


+ (— Lower oxidation potential) 


= — Lower reduction potential 
+ Higher reduction potential 


That is 
E. = Higher reduction potential 
— Lower reduction potential (10.2) 


The emf of a galvanic cell can be determined experimentally by 
using a calibrated potentiometer or an electronic voltmeter, in which 
negligible current is withdrawn from the cell. In the potentiometric 
method, the emf of the cell is matched with the varying potential dif- 
ference of an external standard cell. During this matching, it is also 
possible to determine the negative (or anode) and positive tor cathode) 
terminals of the cell under study. In fact, the terminal attached to the 

. negative (or positive) terminal of the external cell is the negative (or 
Positive) end of the cell. 


19.6 FORMULATION OF A GALVANIC CELL 


An electrochemical cell requires two electrodes for a reaction to occur. 
The assembly comprising the electrode and the reagents is called the 
half-cell and the component of the total chemical reaction that occurs 
in the half-cell is the half-cell reaction or electrode reaction. Thus, we 
require two half-cells to produce an electrochemical cell. A half-cell 
or an electrochemical cell can be briefly represented following the few 
rules given below. 

1. The separation of two phases is shown by a vertical line. 

2. The various materials present in the same phase are shown to- 
gether with the help of commas. 
3 3. The two half-cells are joined with the help of double vertical 
ines. 

4. Tbe significant features of the substances such as pressure of gas, 
concentration of ion, etc., are indicated in brackets drawn immediately 
after writing the substance. 
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eus an example of the cell given in Fig. 10.1 we represent the 
cell as 


Zn| Zn?*(aq, ci)||Cu?*(aq, c;)|Cu (10.3) 


Recommended Sign Convention of Electrodes 


For a cell written on a paper, the following recommendations regard- 
ing the signs of electrodes are followed. 

The left-hand electrode is always taken as the negative terminal (i.e. 
the anode where oxidation reaction occurs) and the right-hand elec- 
trode is always taken as the positive terminal (i.e., the cathode where 
reduction reaction occurs). 

As per the above recommendations, the cell as written in Eq. (10.3) 
will automatically carry the following information. 


e 
Expected direction of e AE 

flow of electrons: et $e 
Cell: Zn| Zn** (aq)|| Cu** (aq)| Cu 

Sign of electrode: negative positive 
Name of electrode anode cathode ` 
Reaction at the 


electrode: oxidation reduction 


Suppose the cell is written in the reverse manner, i.e 
Cul Cu?*(ag)|| Zn? (aq) Zn 


Even then the sequence of information mentioned above remains un- 
changed and is repeated here. 


e- 
Expected direction of | -— i 
flow of electrons: et pe- 
Cell: Cu| Cu?* (aq)|| Zn** (aq)| Zn 
Sign of electrode: negative positive 
Name of electrode: anode cathode 
Reaction at the 

electrode: oxidation reduction 


Thus,the recommendation has nothing to do with the fact that 
does the cell, as it is written, really represent a galvanic cell or not, 
i.e. whether the left-hand (or right-hand) electrode is really a negative 
(or positive) terminal or not. This has to be ascertained experimen- 
tally or from the values of half-cell potentials (see Sec. 10.7). 
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Cell Reaction and Cell Potential 


Following the recommendations given above, we can write the expres- 
sions for cell reaction and the cell potential. Taking an example of the 
Daniell cell written as 

Zn| Zn?*(aq)|| Cu?+(aq)| Cu x 
we can write the expressions as described in the following. 


Cell reaction We will have 


1, Zinc electrode of the left-hand half-cell (LHC) will act as the 
negative terminal or anode. The reaction occurring at this electrode 
will be oxidation. Hence, we write the half-cell reaction occurring at 
this electrode as 


LHC: Anode: Oxidation reaction: Zn —-> Zn*+(aq) + 2e7 


2. Copper electrode of the right-hand half-cell (RHC) will act as 
the positive terminal or cathode. The reaction occurring at this elec- 
trode will be reduction. Hence, we write the half-cell reaction occurring 
at this electrode as 


RHS: Cathode: Reduction reaction: Cu™* -+ 2e- — Cu 


3. The net cell reaction is obtained by adding these two half-cell 
reactions, i.e. 


Cell reaction — Oxidation reaction at LHC 
+ Reduction reaction at RHC 


Reaction at LHC: Zn —— Zn™ (aq) + 2e- 
Reaction at RHC: Cu?*(aq) + 2€" —— Cu 
Cell reaction: Zn + Cu?*(ag) —> Zn^(ag)-- Cu (10.4) 


Cell potentia! According to Eq. (10.2), the expression of emf is 
emf — Higher reduction potential 
— Lower reduction potential (Eq. 10.2) 


Now, the ion with a higher reduction potential is reduced and the 
lon with the lower reduction potential is formed by the oxidation of 
the corresponding atom. Keeping in view the convention for writing 
a cell, we find that (1) the reduction reaction occurs at the right-hand 
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Thus, Eq. (10.2) may be written as 
emf = Reduction potential of RHC 
— Reduction potential of LHC 


or E. = Eguc — Fc (10.5) 


where Egyc and Zigc are the reduction potentials (or simply electrode 
potentials) at right-hand and left-hand half-cells, respectively. In the 
present case of Daniell cell, we will have 


Eng = Ecco — Ezeiza (10.6) 
It is worth mentioning here that if the above cell on the paper is 
written as 
Cu|Cu?*(aq)|| Zn?*(aq)| Zn (10.7) 
then it will imply the following facts. 
1. Copper electrode will be taken as the negative terminal as this 


constituces the left-hand electrode. The reaction occurring in the left- 
hand half-cell will be taken as the oxidation reaction: 


Cu —- Cu?*(aq) + 2e7 
2. Zinc electrode will be taken as the positive terminal as this con- 


stitutes the right-hand electrode. The reaction occurring in the right- 
hand half-cell will be taken as the reduction reaction: 


Zn^(aq) + 2e- —> Zn 
3. The net cell reaction as obtained by the addition of the above 
two reactions will be 
Cu + Zn?(ag) —-> Cu?*(aq) + Zn (10.8) 
The cell potential in this case will be 
En = Eguc — Finc 
= Ezz — Ecuttica (10.9) 
On comparing Egs (10.7) to (10.9) with the corresponding Eqs (10.3), 
(10.4) and (10.6), we conclude that if the cell is written in a reverse 


order, the expressions for cell reaction and cell potential are also re- 
versed, 


Problem 10.1. Consider the following reactions that DRE electri- 
city in a galvanic cell: 

(a) 2Fe*+ + 2C —> 2Fe? + Ch 

(b) Cd + L — C+ 2r 

(c) 2Cr + 3Cu?* —— 3Cu + 2cP* 


æ 


* 
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Write the anode and cathode reactions in the galvanic cell. Specify 
the nature. of the anodes and cathodes. Write the cell in the usual 


notation. 


We have 
Anodie reaction Cathodic reaction Anode Cathode Cel! 
(oxidation) (reduction) 
(a) 2Cl- > Cl; + 2e- 2Fe'*42e- -> 2Fe** Pt Pt — Pt| Cla CI] Fe*+, 
Fe**| Pt 
(b) Cd  Cd** -2e- Ia+2e > 21- Cd 1:(Pt) Cd|Cd**| I-| 1.(Pt) 


(©) Cr- Crt + 3e Cuti42e- > Cu Cr Cu Cr] Cr**|| Cu?*| Cu 


Problem 10.2 Write the anode reaction, the cathode reaction, and 
the net cell reaction for the following cells. Which electrode would be 
the positive terminal in each cell? 

(a) Zn| Zn?*|| Br-, Br;| Pt 

(b) Cr] CP? T, L| Pt 

(c) Pt| H5] Hel Cu?*] Cu 


We have 
Reaction at 
Anode Cathode Anode Cathode Over-all reaction 
(nega- (posi- ^ (oxidation) (reduction) 
tive) tive) 
(a) Zn Pt Zn > Zn** Br: + 2e- Zn + Bre > Zn% + 2Br- 
riim > 2Br- 
(b) Cr Pt Cr > Cr I: + 2e- 2Cr + 3l; > 2Cr + 61- 
+ 3e— > 2I- 
(c) Pt Cu =H: > 2H+ Cu** + 2e7 Hi + Cu% > 2H++ Cu 
+ 2e- > Cu 


10.7 SPONTANEITY OF CELL REACTION 


Suppose for a cell written on paper, Fggc is greater than the Ej gc. 
This implies that the reduction tendency of an ion appearing on the 
right-hand cell is greater than that appearing on the left-hand cell. As 
mentioned earlier, the ion appearing on the right-hand side will be 
reduced, whereas that appearing on the left-hand side will be formed 
by oxidation of the corresponding atom. These are the very reactions 
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(reduction on RHC and oxidation on LHC) which we consider accord- 
ing to the accepted convention. Hence, the cell reaction in this case 
will be spontaneous in nature, and the cell potential Ei (= Eguc — 
Euo) will have a positive value as Eguc > Eyuc. Conversely, if the 
cell, as it is written, has a positive emf, we conclude that the reaction, 
which is supposed to take place in the cell, is spontaneous in nature. 

On the other hand, now consider a written cell in which E; cy is 
greater than the Eggc. This implies that the reduction tendency of an 
ion appearing on the left-hand cell is greater than that appearing on 
the right-hand cell. This means that the ion appearing on the left-hand 
side will be reduced, whereas that appearing on the right-hand side 
will be formed from the oxidation of the corresponding atom. But 
these reactions are just opposite to those written on the basis of ac- 
cepted convention. In other words, the cell reaction in this case will 
be nonspontaneous as the actual tendency for the reaction to take 
place is in the opposite direction. The cell potential Esn (= Erne 
— E,yc) in this case will have a negative value as Eggc < Exuc- 
Conversely, if a cell, as written, has a negative emf, we conclude that 
the reaction, which is supposed to take place in the cell, is nonspon- 
taneous in nature. 


10.8 STANDARD HALF-CELL POTENTIALS 


The half-cell potential is said to be the standard half-cell potential if 
the concentration of ions and pressure of gaseous species appearing 
in the half-cell reaction have values of 1 mol dm~ and 101.325 kPa 
(= 1 atm), respectively. 


Determination of Standard Potentials 


At the very outset, it may be stated that the absolute value for the 
reduction potential of any single half-reaction cannot be determined 
experimentally. However, the difference between the two reduction 
potentials can be determined by constructing a suitable cell and then 
determining its emf experimentally. By definition, the emf of a cell is 
given by 

Eo = Erne — Frac (10.5) 
where Epyc and E,uc are the reduction potentials of the right-hand 
and left-hand half-cells, respectively. 

If Enc is arbitrarily assigned some value, then the value of Eruc 

can be determined using the expression 

Eguc = Ecen + Eruc (10.10) 


In the study of an electrochernical cell, the hydrogen half-cell has 
been adopted as the reference half-cell and its standard potential has 
been assigned the value zero at 298.15 K. By standard potential of 
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hydrogen half-cell, we mean that the hydrogen ion and hydrogen gas 
involved in half-cell 
H*| H,| Pt 


are present in their standard states of unit concentration (1 mol dm~’) 
and unit pressure (taken as 1 atm, i.e. 1.01325 bar pressure), respec- 
tively (Fig. 10.2). 


soo 
Pt 


H; gas 
— 


101-325 kPa 
(atm) 


{H,0*] 21M 
at 298-15k 


Thus, if we have a cell in which the left-hand half-cell is the stand- 
ard hydrogen half-cell and the right-hand half-cel] Constitutes the 
half-cell system whose potential, relative to that of standard hydrogen 
half-cell, is required then according to Eq. (10.10), we have 

Erue = Een + 0S Eu 
that is, the reduction potential of the given half-cell is numerically 
equal to the emf of the cell. Proceeding in this way, the standard 
potentials of other half-cells relative to the standard hydrogen half- 
cell can be determined. The sign of the electrode potential is the ex- 


perimentally measured sign of the cell emf if the standard hydrogen 
electrode is on the left and the electrode in question is on the right. 


Pt| H(1.01325 bar)| H*(1 mol-dm-3)| Ag*(1 mol dm-) Ag 
The emf of the cell is given by 
Ecen = Exsting — Etstipzarps 
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and its value as determined experimentally is found to be 0.7991 V. 
Hence, 


Esas = E°en + Eft = Esen = 0.7991 V 
Taking the example of zinc-zinc ion half-cell, we have 
Pt| H(1.01325 bar)| H*(1 mol dm~*)||Zn?*(1 mol dm-?)| Zn 


Its emf as determined experimentally is found to be — 0.763 V. 
Hence, 


Ez. = Efe + Elta = Eten = — 0.763 V 


Note that the cell emf is negative. It implies that the cell as written 
above will not produce a spontaneous reaction. In fact, while deter- 
mining emf of the cell, the electrode of zinc-zinc ion half-cell will 
serve as the negative terminal and Pt electrode of hydrogen-hydrogen 
ion half-cell as the positive terminal, in order to get a positive potential 
of 0.763 V. Since the cell has been written in the reverse direction (i.e. 
Pt electrode as the negative terminal and Zn as the positive terminal), 
it follows that the emf of the written cell will be — 0.763 V. 

From the two examples cited above, it may be concluded that if an 
electrode of a half cell with a positive reduction potential is coupled 
with the standard hydrogen-hydrogen ion half-cell, it will constitute 
the positive terminal of the cell in order to have a spontaneous cell 
reaction. Similarly, an electrode of a half-cell with a negative reduc- 
tion potential will constitute the negative terminal of the cell to get 
the spontaneous cell reaction. In other words, the nature of the elec- 
trode of a half-cell (whether positive or negative), in a cell in which 
the other half-cell is the standard hydrogen-hydrogen ion half-cell, is 
See by the sign of the reduction potential of the given half- 
cell. 


In brief, the standard electrode potential of an electrode has a posi- 
tive value if this electrode is more positive than the standard hydrogen 
electrode and a negative sign if it is more negative than the standard 
hydrogen electrode. 


Table 10.1 records the standard potentials for some of the half-cell 
reactions along with their respective half-cell assembly. Table 10.1 
relates the different tendencies which different reactants possess for 
combining with electrons and the E^ values give a quantitative measure 
of this tendency. Hence, this table is sometimes referred to as an elec- 
trochemical series, 
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Table 10.1 Standard half-cell potentials at 298.15 K. 


Electrode reaction EIN Half-cell 
representation* 

Lit + e7 = Li — 3.045 Li*| Li 
K++e-=K — 2.925 K+K 
Nat + e7 = Na — 2.714 Na*| Na 
Mg?* + 2e- = Mg — 2,37 Mg?**l Mg 
Zot + 2e- = Zn — 0.763 Zn**| Zn 
Fe*+ + 2e- = Fe — 0.44 Fe**| Fe 
AgI + e = Ag + I- — 0.151 I-] Agl| Ag 
Sn*+ + 2e- = Sn — 0,136 Sn**l Sn 
Pb*+ + 2e7 = Pb — 0.126 Pb*+| Pb 
Fett + 3e= = Fe — 0.036 Fe?*| Fe 
2H* + 2e~ = Ha 0.000 H*| Hal Pt 
AgBr + e~ = Ag + Br- 0.095 Br-| AgBr| Ag 
Sn** + 2e7 = Sn** 0.15 Sn‘+, Sn*+) Pt 
AgCl + e^ = Ag + Ci- 0.222 Cl-| AgCli Ag 
Hg:Cl: + 2e- = 2Hg + 2Cl- 0.268 CI^| Hg:Cle| Hg(Pt) 
Cu** -++ 2e- = Cu 0.337 Cu**| Cu 
Htr 0.536 Iz, I-| Pt 
Fe*+ -+ e~ = Fen 0.771 Fe^*,Fe**| Pt 
Agt + e- = Ag 0.799 Agt| Ag 
$Br.(1) + e- = Br- 1,056 Br^, Bro] Pt 
$Cla(g) + e- = CI- 1,360 cr Chl Pt 


"This representation corresponds to the right-hand half-cell of a cell in which 
left-hand half-cell is the hydrogen half-cell. 


10.2 SIGNIFICANCE OF STANDARD HALF-CELL 
POTENTIALS 


The standard half-cell potential of the reaction 
1 


n 


M" +4 e +1 M (10.11) 
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is a measure of the reduction tendency of M"* to M relative to that 
of H* to Hz. The standard potential of the latter reaction, i.e. 


Ht +e >} H? (10.12) 


is taken to be zero (reference level). A positive potential implies that 
the ion M"* can be more easily reduced to M relative to that of H* 
ion to H5. On the other hand, a negative potential implies that the 
ion M"* is more difficult to reduce as compared to the H* ion. 


If Ex is positive, then the cell 


Pt| H,(1.013 25 bar)| H*(1 mol dm-?)||M"*(1 mol vdd ^ 
10.1 


will have a positive emf and, therefore, the cell reaction 
E M"*(1 mol dm-?) + j H,(1.013 25 bar) > 
Í M + H*(1 mol dm?) 


will be spontaneous and, hence, M"* can be reduced to M by hydro- 
gen gas. On the other hand, if E%r+m is negative, the cell emf will 
also be negative and, hence, the cell reaction will not be spontaneous. 
Thus, M"* cannot be reduced to M by hydrogen gas. In the present 
case, if the the cell as given by Eq. (10.13) is written in the reverse 
direction, i.e. 


M| M*'(1 mol dm-?)|H*(1 mol dm-?)| H3(1.013 25 bar)| Pt 
the cell will have a positive emf and, hence, the reaction 
IM + H*(1 mol dm?) — l M" mol dm?) + 
1 H;(1.013 25 bar) 
will be a spontaneous reaction. Thus, H* ions can be reduced to 
hydrogen gas by the metal M. 
Taking the typical examples of Ag*|Ag and Zn?*|Zn half-cells, we 
find that 
E‘ gtiAg = 0.7991 V 
and E2.*+1zn = — 0.763 V 


Hence we conclude that under standard conditions, Ag* ions can be 
reduced to silver by hydrogen gas, whereas Zn?* cannot be reduced. 
Alternatively, zinc metal can reduce H* ions to hydrogen gas, whereas 
silver metal cannot reduce H* ions. 


Active metals such as Zn, Na and Mg have highly negative standard 
potentials indicating that their compounds are not reduced by hydro- 
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gen but rather the metal itself can be oxidized by H* to yield H;. 
Noble metals such as Cu, Ag and Au have positive E^s and thus their 
compounds are readily reduced by H, gas; the metals themselves are 
not oxidized in the presence of H* ions. 
Table 10.1 records the values of standard potentials in increasing 
: Order, i.e. at the top we have the most negative potential with the least 
tendency for reduction and at the bottom we have the most positive 
potential with maximum tendency for reduction. If a pair of half-cells 
is coupled to make a cell, the half-cell with a more positive potential 
will constitute the positive terminal, whereas the half-cell with a less 
positive potential will constitute the negative terminal (Fig. 10.3). In 
other words, the half-cell of the higher positive potential (which stands 
lower in the table) will constitute the RHC with the reduction half-cell 
reaction and the half-cell of less positive potential will constitute the 
LHC with the oxidation half-cell reaction. Consider, for example, the 
two half-cells Ni**! Ni and Ag*| Ag. Their reduction potentials are 


Eken = = 2250 V 
Eg stias = 0.799 V 


Since Ex,+,¢ is more positive than Ex;s*;w;, it is obvious, that the 
silver electrode will constitute the positive terminal (ie. RHC) and 
nickel electrode as the negative terminal (i.e. LHC). Thus, the requir- 
ed cell will have positive emf and hence the cell producing spontane- 
ous cell reaction would be 


Nil N?*(ag)l Ag*(aq)| Ag 


Pt ct 5 
O. salt bridge © 
KCL 


Hg  [/. 


Ha Sas 
101-325 kPa | 


Jol 325kPa 


[hot] o) 
EP AgNO; Ine 
"dj" solution 
[Ag*]}=1m 


Fig. 10.3 Actual sign of the cell while in operation 


Problem 10.3 Answer whether, under standard conditions, the follow- 
ing reactions are possible or not. 

(a) Will zinc reduce Cu?* to Cu? 

(b) Will copper reduce Ag* to Ag? 

(c) Will Fe** be reduced to Fe?+ by Sn?:? 

(d) Would you use silver spoon to stir a solution of Cu(NO;);? 

(a) The reaction will be 


Reduction: Cut + 267 —— Cu 
Oxidation: Zn ——> Zn?* + 2e- 
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The cell giving these half-cell reactions would be 
Znl Zn2+|| Cu?*| Cu 


with 
E? a= Ecuca 7 Ezntiza 
= 0.337 V — (—0.763 V) 
= 1.100 V 


Since Ej, is positive, the reduction of Cu?* to Cu by Zn is possible. 
(b) The reactions would be 
Reduction: Ag* + e —— Ag 
Oxidation: }Cu —> 3 Cut + e7 
The cell giving these half-cell reactions would be 
Cu| Cu% Ag*l Ag 
with 
Edu = Exess — EÓsuce 
— 0.799 V — 0.337 V 
= 0.462 V 
Since E24 is positive, the reduction of Ag* to Ag by Cu is possible. 
(c) The reactions would be 
Reduction: Fet + e^ —> Fe** 
Oxidation: Sn?* ——- Sn** + 2e7 
The cell giving these half-cell reactions would be 
Pt| Sn^*, Sn?*]| Fe?*, Fe?*| Pt 
with 
Eo. = Epestsrertipt — E8ntts sette. 


= 0.771 V — 0.150 V = 0.621 V 


The reaction is possible. 
(d) The reactions would 
Reduction; Cu?* + 2e° — Cu 
Oxidation: Ag —-> Ag* + © 
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The cell giving these half-cell reactions would be 
Ag| Ag*|| Cu?*| Cu 
with 
Even = ECutca — Eastiag 
= 0.337 V — 0.799 V = — 0.462 V 


Since ESen is negative, the cell reaction will not be spontancous. 
Hence, we can use the silver spoon to stir a solution of Cu(NO);. 


10.10 EFFECT OF CONCENTRATION AND TEMPERATURE 
ON EMF 


The half-cell potentials listed in Table 10.1 are the standard potentials 
where the concentrations of ions and the pressure of the gaseous sub- 
stances are the standard unit concentration (= 1 mol dm^?) and stan- 
dard unit pressure (— 101.325 kPa — 1 atm), respectively. At condi- 
tions other than standard conditions, the emf of the half-cell is given 
by the expression 


s p, Rf 
E-E -pno (10.14) 


where Q is the standard reaction quotient* of the half-cell reaction, n 

is the number of electrons involved in the half-cell reaction and F is 

faraday constant (— 96487 C mol-!). The symbol In stands for the 

natural logarithm (base e). Equation (10.14) is known as Nernst equa- 

tion. 

i Taking a simple exa zı ‘e of metal-metal ion half-cell M" *| M, we 
ave 


Half-cell re ion: M^* + ne —. M (10.15) 


ir (10.16) 


(Note: The molar concentration of the solid phase M, which hasa 
constant value, has been included within the symbol Q. This is true 
for any condensed phase.) 


Substituting the expression for Q in the Nernst equation, we get 


Ea 
nF n (MS 


Reaction Quotient: Q = 


Eyri = Est — (10.17) 


*See, Sec. 9.4 for the definition of reaction quotient. Each concentration (or 
pressure) term is divided by the unit concentration (or unit pressure) to get only 
numbers. 
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Table 10.2 lists the expressions for the Nernst equation for some 
other commonly used electrodes. 


Table 10.2 Nernst equation for some electrode 


Electrode Reduction reaction, Nernst equation 
H+| H| Pt H*re- } H: EghiHup: = EAHHNP: — 5 
(gi) 
in TRA 
2 of » RT 
Zn*+|Zn Zn*+ + 2e- + Zn Ezaètiza = Eata = yg 
i» [Zn**] 
"s RT 
Ag*|Ag Agt + e- > Ag Fastias = Ert: — ip 
ine 
[Ag*] 
CI-|AgCI|Ag AgCI + e- > Ag Ecr-jasciiAs, = EÈ IAsCilAs 
hs RT f. 
TG if In [C17] 
RT 
Br-|BrilPt Bra + 267 > 2Br- Epripraipt = ETB — F 
In (Br7] 


The half-cell potential is independent of the number of electrons in- 
volved in the half-cell reaction. This may be illustrated by taking an 
example of Eq. (10.15). We may write this half-cell reaction as 


PERE UNES: 
cosa mer "4 
Its reaction quotient will be 


" 1 
9 = Mey. 


Hence, the Nernst equation is 
ig RT, 1 
Eum = EMM — @F In [M 
The above expression can be written as 


RT yas 
Eyrin = Eeti = (i pi fra 
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Taking the exponent 1/n out of the logarithm, we get 
RT 1 
Eyrtim = Euri — nF In M 


which is the same as given by Eq. (10.17). 

Since the emf of a complete cell is obtained by subtracting the half- 
cell potential of the right-hand side from that of the left-hand | side, it 
is obvious that the cell emf will also be dependent upon the tempera- 
ture and concentration (or pressure) of the species involved in the 
overall cell reaction. Taking an example of the Daniell cell, we have 


Cell representation; Zn| Zn?*(aq, c1)|| Cu?*(aq, ¢2)| Cu 
Reduction reaction of RHC: Cu** + 2e —> Cu 
Reduction reaction of LHC: Zn?* + 2e" ——- Zn 
Half-cell potential of RHC; Ecusticu = Eeutticu — m In e 
Jis piisnibl of LE Bose M 2 Beek = REST 
n 2F " [Zn 
Since Zen = Eggc — Exuc, we have 
RT 1 
Eu = Des — zF In ont 


- {ina - pat In ea 


P A RT [Zm* 
= (Estes — Ensna) =p In aml 
5 RT Zn? 
or Ecen = Evu — oF In aa (10.18) 


Equation (10.18) can be obtained directly by substituting reaction 
quotient of the overall reaction in the Nernst equation (Eq. 10.14). In 
the present case, we have 


Overall reaction = Reduction reaction at RHC — 
Reduction reaction at LHC 


that is 
Reduction reaction of RHC: Cu** + 2e" —+ Cu 
Reduction reaction of LHC: Zn?* + 2e — Zn 


Overall reaction: Cu — Zn?* — Cu — Zn 
or Cu + Zn — Cu + Zn?* 
Reaction quotient; Q = [Zn?*]/[Cu?*] 
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Hence 
RT 
Esn = Egu- 25100 


LRT n Z 
'cell nF n [Cu] 
which is the same as given by Eq. (10.18). 

In the example taken above, the number of electrons involved in the 
two half-cell reactions are identical and thus the computation of the 
expression Eguc — ELuc is straightforward. If the number of electrons 
involved are not the same, we may do a suitable manipulation to have 
the same value of z in the expression for half-cell potential and then 
subtract Exyc from E;yc. We may illustrate this by taking the exam- 
ple of the cell 


Nil Ni**(aq, ci)|| Ag*(aq, ¢2)| Ag 


we have 
Reduction reaction of RHC: Agt + e: — Ag 
Reduction reaction of LHC: Ni*+ + 2e° —> Ni 


Now 
2 RT 1 
Exuc = Exgtine — Gy F ™ [Agr] (10.19) 
T 
Enc EN F In NPA (10.20) 


In order to make the number of electrons identical in both the cases, 
the second term of the right-hand side of Eq. (10.19) may be multipli- 
ed and divided by 2 and then take 2 from the numerator within the 
logarithm term. Thus, we have 

2RT 1 
= ER Sse Ins 
Epuc ASTIAg 0 F [Ag] 


RT 1 
Dri sri 
(Note that this is equivalent to multiplying the reduction reaction of 
RHC by 2 then writing its cell potential.) 
Now carrying out Eggc — Exuc, we get 


ine URDU ANIA 
Eu = Exu — oF In (Ag? (10.21) 


where 


Eia = Exstiag — ENBUNi 
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Alternatively, the factor 2 appearing in the denominator of the second 
term of Eq. (10.20) may be taken within the logarithm term. Thus, we 
have 


US T 1 
Evac = Fwj*wi — AF In (Ney 


(Note that this is equivalent to multiplying the reduction reaction of 
LHC by 1/2 and then writing its cell potential.) 


Now carrying out Zguc — Exyc, we get 


RT [NP 


Eo = Em — p pp (10 22) 


F 


[Note that this expression is exactly the same as that of Eq. (10.21); 
we get the expression of Eq. (10.21) when the exponent 1/2 in Eq. 
(10.22) is taken outside the logarithm term.] 


Problem 10.4 Calculate the emf of the following cell at 298 K 
Pb| Pb(NO3),(0.1 M)|| HCI(0.2 M)| H,(1 atm)| Pt 
Given: E*(Pb^*| Pb) = — 0.130 V. 
We have 
Reduction reaction at RHC: 2H+ + 2e- —-> H, 
Reduction reaction at LHC; | Pb2* + 2e —-> Pb 
Cell reaction: Reduction reaction at (RHC — LHC) 
2H* + Pb ——> Pb™ + H, 
; Cell potential is given by 
En = ERuc IW. Erue 
= (huc — Efuc) — PF n POL ns Pup 


(8.314 J K^! mol-!) (298 K) 
2 (96487 C mol!) 


x 2,303 log {3 w) 


(0.27 
Ne _ (0.059 V) 0.1 
0130 v — =Y log ap) 


= 0.130 V — 0.0173 V = 0.113 V 


= (0 — (— 0.130 V)) — 
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Problem 10.5 The observed emf of the cell 
Pt| H,(1 atm)| H*(3 x 10-* M)| H*(M;)| H;(1 atm)|Pt 
at 298 K is 0.154. Calculate the value of Mj. 
We have 
Reduction reaction at RHC: (2H*)auc + 267 ——- (H)gnc 
Reduction reaction at LHC: (2H*)igc + 2e^ —— (Hz)gc - 
Cell reaction: Reduction reaction at (RHC — LHC) 


: 2H*)nuc + (Hryc —> (Horne + QH*)ruc 
Cell potential is given by 


En ARI Ta [Puslruc [Hac 
TH 2F [Princ [A*Ruc 
Substituting the given data, we get 
(0.059 V) [e d 
0154V = — ———— — 
Pi a [H* Thuc 
0.154 V = — (0.0295 V) log (3 x 1075? + (0.0295 V) 


x log {[H+]/M} 
Hence 


^g. 
2 log ([H*]/M) = 0.154 V + (0.0295 V) log (3 x 107 


. (0.0295 V) 
= — 1.826 
log {{H*]/M} = — 0.913 = 1.087 
[H+] = 0.122 M 


10.11 OXIDATION NUMBERS 


The concept of oxidation number is very useful in the study of chemi- 
cal reactions. By definition, the oxidation number of an element in a 
compound is the charge it is supposed to carry if all compounds are 
considered to be ionic. In case of truly ionic compounds such as NaCl 
and KCI, the assignment of oxidation numbers presents no problem 
as the atoms in them actually carry charges. For example, in NaCl the 
oxidation numbers of Na and Clare +1 and —1. respectively. For 
covalent molecules such as CCl, and CO,, the bonding electrons are 
assigned to the more electronegative atom constituting the bond. For 
example in CCly, each chlorine atom is assigned —1 as the oxidation 
number. Since there are four chlorine atoms attached to carbon, the 
latter will have an oxidation number of 4-4. 
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In general, the oxidation number of an element in a compound can 
be determined by following certain arbitrary rules which are given 
below. 

1. A free element (regardless of whether it exists in monatomic or 
polyatomic form, e.g. Hg, H5, P4 and Ss) is assigned an oxidation 
number of zero. 

2. A free monatomic ion is assigned an oxidation number equal to 
the charge it carries. For example, the oxidation numbers of AP*, S2- 
and Cl- are +3, —2 and —1, respectively. 

3. In their compounds, the alkali and alkaline earth metals are as- 
signed oxidation numbers of +1 and 4-2, respectively. 

4. The oxidation number of hydrogen in its compounds is generally 
+1 except in the ionic hydrides such as LiH, LiAIH, where its oxida- 
tion number is — 1. 

5. The oxidation number of fluorine in all its compounds is — 1, 
The oxidation number of all other halogens is —1 in all compounds 
except those with oxygen (e.g. CIO?) and halogens having a lower 
atomic number (e.g. ICl;). Their oxidation numbers are determined via 
oxygen and halogens of lower atomic number. 

6. The oxidation number of both oxygen and sulphur in their nor- 
mal oxides (e.g. Na,O) and sulphides (e.g. CS;) is —2. The excep- 
tions are the peroxide (e.g. H,0, and Na;0;), superoxides (e.g. KO.) 
and the compound OFs. Their oxidation numbers are determined by 
the rules 3, 4 and 5. 

7. The algebraic sum of oxidation numbers of atoms in a chemical 
species (compound or ion) is equal to the net charge on the species. 

A few examples of computing the oxidation number of S in various 
compounds are described below. 

1. Sg; rule 1, oxidation number = 0 

2. S%; rule 2, oxidation number = —2 

3. son rules 6 and 7, 2x + 3(—2) = —2, which gives x = 


4. H5S0s; rules 4, 6 and 7, 2 (+1) + 1 (x) + 4(—2) — 0, which 
gives X = +6 

5. S;Ch; rules 5 and 7, 2 (x) + 2(—1) = 0, which gives x = + 1 

6. Na;SjOg rules 3, 6 and 7,2(4-1) + 4 œ) + 6(-2) = 0, 
which gives x = 5 


Problem 10.6 Calculate the oxidation number of carbon in the com- 
pounds CH4, CH3Cl, CH;Cb, CHCl;, CCl, C2H2, C;H4 and C;H.. 
The oxidation numbers of H and Cl are +1 and — 1, respectively 
pu 4 and 5). If x is the oxidation number of carbon, then we will 
ave 


(a) CH4: x + 4 (+1) = 0 which gives x = —4 
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(b) CH;CE x + 3 (+1) + (—1) = 0 which gives x = —2 
(c) CHCl: x + 2 (+1) + 2(—1) = 0 which gives x = 0 
(d) CHCls x + 1 (+1) + 3 (—1) = 0 which gives x = +2 
(e) CCly: x + 4 (— 1) = 0 which gives x = + 4 

(f) C2H2: 2x + 2 (+1) = 0 which gives x = —1 

(g) C4Ha: 2x + 4 (+1) = 0 which gives x = —2 

(bh) C,H: 2x + 6 (+1) = 0 which gives x = —3 


Problem 10.7 Calculate the oxidation number of (a) P in Na;PO;, 
(b) Cr in Cr,03-, (c) Pb in Pb30,, (d) Mn in MnO; and (e) C in 
CoH 50s. 

The oxidation number of sodium is 4-1 (rule 3), hydrogen is +1 
(rule 4) and oxygen is —2 (rule 6). Now following the rule 7, we have 


(a) P in Naj,PO;: 3(--1) + 1(x) -- 4(—2) — 0 which gives 
x=+5 


(b) Cr in C02: 2 (x) + 7(—2) = —2 which gives x = +6 

(c) Pb in PbO4: 3 (x) + 4 (—2) = 0 which gives x = 8/3 

(d) Mn in MnOj: 1 (x) + 4(—2) = — 1 which gives x = 4-7 

(e) C in C;H50& 6 (x) + 12 (4-1) + 6(—2) — 0 which gives 
x=0 


Redox Reactions in Terms of Oxidation Number 


During a redox reaction, there occur changes in the oxidation num- 
bers of atoms undergoing oxidation and reduction, respectively. Tak- 
ing an example of the reaction 


Zn(s) + 2H*(ag) ——> Zn^*(ag) + H,(g) 
we find that 


1. The oxidation number of zinc on the left-hand side is zero, where- 
as on the right-hand side it is +2. This increase in oxidation number 
will be achieved by removing two electrons from the zinc atom. Hence, 
an increase in oxidation number of an atom implies that it has under- 
gone oxidation. 


2. The oxidation number of hydrogen on the left-hand side is +-1, 
whereas that on the right-hand side is zero. This decrease in oxidation 
number will be achieved by adding one electron to the hydrogen atom. 
Hence, a decrease in oxidation number of an atom implies that it has 
undergone reduction. 
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Problem 10.8 For each of the following reactions; identify the species 
undergoing oxidation and reduction, respectively. 


(a) 2HI(aq) + Cl(aq) ——> L(s) + 2HCl(aq) 
(b) 3MnO; + 4Al —> 3Mn + 2ALO; 
(c) 2MnO; + I0CI- + 16H* —— 2Mn?+ + 5CL + 8H;O 
(d) 2H58 + SO; —— 3S + 2H,O 

Also identify in each case, the oxidizing and reducting agents. 
We have | 


Reaction Atom Oxidation number Change in Conclusion 
of atom on oxidation | 
LHS RHS number | 
2HI + Cl; > I; H aw wi zero — 
+ 2HCI Do 0 increase oxidized, 
Ci 0 i decrease reduced | 
HI is reducing 
agent and Cl; 
is oxidizing 
agent. 
3MnO: + 4A] > Mn +4 0 decrease reduced 
3Mn + 2A1,05 0, —2^'- zero er 
Al 0 +3 increase — oxidized 
Al is reducing 
agent and MnO: 
is oxidizing 
agent. 
2MnO; + 10CI- Mn +7 Ur decrease — reduced 
+ 16H+ > 2Mn?+ o —2 -2 zero -— 
+ 5Cla + 8H20 cd -—1 0 increase oxidized 


H +1 +1 zero — 
MnO; is oxi- 
dizing agent 
and CI- is re- 
ducing agent 
2H:S + SO: > 3S H uL FECE zero RE 


T 2H:0 o —2 —2 zero — 
Sin -2 0 increase oxidized 
H:S 
Sin +4 0 decrease reduced 
SO: H:S is reducing 


agent and SO: 
is oxidizing 
agent. 
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10.12. BALANCING REDOX REACTIONS 


A given redox reaction can be balanced by following the rules in 
sequence as given below. 

1. Write the two separate half-reactions involving the species oxi- 
dized along with its oxidation product and the species reduced along 
with its reduced product. 

2. Balance the number of atoms oxidized (or reduced) on both sides 
of the reaction. 

3. Add the number of electrons on the right-(or left-) hand side of 
the oxidation (or reduction) reaction so as to account for the change 
in oxidation number of the species being oxidized (or reduced). 

4. Balance the total charge on both sides of the reaction by adding 
H* or OH- depending upon whether the reaction is done in acidic or 
alkaline medium. 

5. Add water molecules to the appropriate side in order to account 
for extra hydrogen and oxygen atoms. 

6. Multiply the half-reaction containing lesser number of electrons 
by a factor to make the number of electrons equal in both the half- 
reactions. 

7. Add the two half-reactions and cancel the common species ap- 
pearing on both sides of the reaction. 

To illustrate the procedure, we take the three examples as describ- 
ed below. 

1. Oxidation of Fe?* by Cr,0?- in acidic medium. 


Step(i)  Fee* 


-> Fet; Change in oxidation number of 
oxidized Fe = 1 : 


Cr;O2- ——-> Cr^*; Change in oxidation number per 
reduced Cr atom — — 3 


Step (ii) ^ Fe?* ——- Fe* 
Cr,02- —> 2Cr+ 
Step (iii) Fet —-> Fèt + e 
Cr,07- + 6e — 2Cr* 
Step (iv) Fet — Fet + e 
CrO?- + 6e7 + 14Ht — 2Cr* 
Step (v) — Fet* ——> Fe* + e7 
CrO7 + 6e- + 14H* ——> 2Cr* + 7H:0 
Step (vi) [Fe?* — Fe*+ + e] x 6 
CrO? + 6e- + 14H* —> 2Cr* + 7H,0 
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Step (vii)  Cr,03- + 14H* + 6Fe?+ —> 2Cr*+ + 7H,O + 6Fei* 
2. Reduction of NO; to NH} by Zn in alkaline medium 

Step (i) Zn 


-> Zn?*; change in oxidation number of 


oxidized Zn= +42 
NO; ——— NHij; change in oxidation number of 
reduced N=-8 


Step (ii) Not required 
Step (iii) ^ Zn — Zn** + 2e- 
NO' + 8e" —> NHi 
Step (iv) ^ Zn —-- Zn? + 2e 
NO; + 8e- —-> NH} + 100H^ 
Step (v) Zn ——> Zn*+ + 2e 
NO; ++ 8c + 7H,O — NH} + 100H^ 
Step (vi) [Zn — Zn™ + 20] x 4 
NO; + 8e- + 7H,O —> NHt + 100H^ 
Step (vii) 4Zn + NOy + 7H,O ——- 4Zn?* + NH + 100H- 


3. Reaction, PbO, -+ CI —-> CIO- + Pb(OH);, carried out in 
alkaline medium. 


Step (i) Clr ——- ClO”; change i i oxidation number of 
oxidized Cl = 


PbO, aa Pb(OH)s; CIS in oxidation number of 


Step (ii) Not required 
Step (iii) — CI" — CIO- + 2e- 
PbO, + 2e —— Pb(OH); 
"Step (w) CI + 20H- — CIO- + 2e- 
PbO, + 2e- —> Pb(OH); + OH- 
Step (v) Cl- + 20H- —— CIO" + 2e- + H0 
PbO, + 2e” + 2H;0 —> Pb(OH); + OH- 
Step (vi) Not required 
Step (vii) Cl + PbO, + H;0 + OH” —— CIO- + Pb(OH)s 
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10.13 ELECTROLYSIS 


The phenomenon of electrolysis involves the breaking of electrolytes 
when the electric current is passed through them. The passage of elec- 
tric current through an electrolyte will not occur unless ions of the 
electrolyte are free to move. Hence, electrolytic conduction and reac- 
tions at the electrodes are exhibited by molten salts and aqueous solu- 
tions of electrolytes. 


The principles involved in electrolysis may be illustrated with ref- 
erence to an electrolytic cell such as shown in Fig. 10.4 for the electro- 
lysis of molten sodium chloride between inert electrodes. The descrip- 
tion of the cell is shown in Table 10.3. 


Cathode Anode 
Na’ *e-» Na Cl +Y,Clte 


Fig. 10.4 Electrolysis of molten 
sodium chloride 


Table 10.3 Description of the electrolytic cell 


Cathode Anode 

Sign Negative as it is attached Positive as it is attached 
to the negative end of ex- to the positive end of 
ternal battery the external battery 

Direction of Into the cell Out of the cell 

electron move- 

ment 

Tons attracted Cations Anions 

within the cell 

Half-reaction Reduction Oxidation 


Thus, electrons are received from the negative end of the external 
battery by the negative electrode of the cell. These are used up in the 
reduction reaction at this electrode. The number of electrons received 
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at the negative electrode are given back to the positive end of the ex- 
ternal battery from the positive electrode of the cell where electrons 
are released as a result of oxidation reaction. Within the cell, current 
is carried by the movement of ions; cations towards the negative elec- 
trode (called the cathode) and anions towards the positive electrode 
(called the anode). 

The electrolysis of molten salts produces ions which are characteris- 
tic of the salt. When certain aqueous solutions are electrolyzed, water 
is, however, involved in the electrode reactions rather than the ions 
derived from the solute. Hence, the current carrying ions are not neces- 
sarily discharged at the electrodes. The reactions involving the electro- 
lysis of water are as follows. 


Oxidation: 2H;O ——- O; + 4H* + 4e^ 

Reduction: 2H;O + 2e" —— H; + 20H 
The results of electrolysis of a few aqueous solutions of salts are shown 
in Table 10.3. 


Table 10.3 Results of electrolysis of some aqueous solutions of salts 


Aqueous Anode Cathode Results at Any other accompanying 


Solution anode cathode changes 
of 

NaCl Pt Pt Cl: H: O: is also liberated at anode 
as the solution of NaCl is 
diluted 

Na:$04 Pt Pt O: H: Concentration of Na:SO4 
increases 

CuSO. Pt Pt On Cu H:SO, formed at anode 

CuSO. “Cu Cu Co "Ca Concentration of CuSO4 re- 
mains same 

KI Pt Pt Ih Hs KOH formed at cathode 

Zol Pt Pt I: Zn Concentration of ZnIa de- 
creases 


The results of the experiments may be broadly summarized here: 

Salts like ZnI,, whose aqueous solutions decompose into the constit- 
uent elements are comparatively rare. 

Soluble salts of metals below zinc in the electrochemical series 
(Table 10.1) tend to liberate the metal at the electrode. 

Soluble iodides always liberate iodine at the anode. Most other solu- 
ble salts produce O; at anode. Chlorides liberate Cl, but O; is also 
liberated as the solution is diluted. 
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Salts of metals above zine in the electrochemical series always liber- 
ate H, and O}. 

Metallic anodes more reactive than platinum tend to pass into solu- 
tion instead of O, being produced. 


Faraday's Laws 


The quantitative relationships between electricity and chemical change 
were first described by Michael Faraday in 1830. These are: 

l. The mass of a chemical substance involved atan electrode is 
directly proportional to the quantity of electricity* passed through the 
cell. 

2. The masses of different substances produced by a given quantity 
of electricity are proportionalto the equivalent mass of the sub- 
stances. 

For example, in the arrangement shown in Fig. 10.5 if a certain 
current is passed through for a certain period of time, its effect will 
be such that 


m(Na) m(Mg) m(Fe) 
M(Na) M(Mg)/2 M(Fe)3 


where m represents mass of the substance deposited at the cathode, M 
is the molar mass. 


Fig. 10.5 The electrolysis of molten NaCl, MgCl, 
and FeCl; connected in series 


————— 

*The quantity of electricity is measured in coulombs and is equal to the prod- 
uct of current (in amperes) and time (in seconds). 

TIn this chapter, the equivalent mass means the mass corresponding toa total 
of unit charge on each ion of the substances. 
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Mathematical Representation of Faraday's Laws 
We have 
First law: mæ Q 
Second law: m « M/Z (Q constant) 


where Z is the charge on the ion which, because of oxidation or re- 
duction, is deposited at the electrode and M is its molar mass. The 
terms M/Z is conventionally known as equivalent mass of the sub- 
stance. Combining these two laws, we get 


m « Q(MIZ). 
or m = x Q(M/Z) (10.23) 


where x is constant of proportionality. Experimentally, it is found that 
on passing 96487 C of electricity, 1 equivalent mass of the substance 
is deposited, i.e. 


Kee (zar) 
— Z\mor! 


Substituting this expression of m and Q — 96487 C in Eq. (10.23), we 
get 

1f M M 

5 (45) = x (96487 C) (7) 


Cancelling the common terms, we get 


MEN oe 
= 96487 C mol 


or x= H (10.24) 


` where F'isfaraday constant and is equal to 96487 C mol! (or approx- 
imately 96500 C mol"). With this, Eq. (10.23) becomes 


mr 


m— Rv (10.25) 


Eq. (10.25) may be taken as the mathematical expression for the 
two laws of electrolysis. We will have 
First law 
moo (for a substance M/Z has a constant value) 
Second law 


m o. (Q has a fixed value) 


NE 
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Faraday's law have been shown to hold. very rigidly provided the 
passage of electricity takes place entirely by electrolytic conduction. It 
applies to molten electrolytes as well as solutions of electrolytes and 
is independent of temperature, pressure or the nature of solvent. 

Faraday's laws are readily interpreted by reference to the electroly- 
sis of molten sodium chloride. The change at the cathode requires one 
electron for every sodium ion reduced, i.e. 


Nat + e- —— Na 


If the number electrons consumed at this electrode is equal to Avo- 
gadro constant (ie. 6.023 x 10? mol-!), 1 mole of sodium metal 
(22.9898 g) is produced. At the same time, 1 mole of electrons* is re- 
moved from the anode and 1 mole of Cl ions (35.453 g) is discharg- 
ed, i.e. 0.5 mole of Cl; gas is produced. 


CI- —> 4Ch(g) + e- 


Thus, 96487 coulombs of electricity, which is necessary to produce 1 
equivalent mass of a substance at the electrode, will be the total charge 
carried by 1 mole of electrons. Hence, the charge carried by each elec- 
tron is given by 


e (96487 C mol!) 
~~ (6.023 x 10? mol!) 


The quantity of electricity passed through a circuit can be determined 
from the chemical changes that are produced when the same amount 
of current is passed through a suitable electrolytic cell. A cell used for 
this purpose is called a coulometer. The coulometer is placed in the 
Circuit in series with any other apparatus. The silver coulometer is 
commonly employed for precise work (Fig. 10.6). The coulometer 
consists of a platinum dish serving as both cathode and cell vessel, 


Attached to 
positive end 


= 1.602 x 107^ C 


Attached to 
negative end 


Pt dish 


AgNO3 
solution 
Fig. 10.6 A silver coulometer 


*The quantity of electric charge carried by 1 mole of electrons is conventionally 
known as 1 faraday of electricity, abbreviated as 1 F. This quantity has a 
value of 96487 C and in SI units itis known as faraday constant (1 F = 
96487 C mol-1). 
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and pure silver as anode. The electrolyte is an aqueous solution of 
purified silver nitrate. The mass of Ag deposited on the dish is deter- 
mined when the experiment is over and from this mass, the quantity 
of electricity passed through the coulometer can be calculated using 
Faraday's laws of electrolysis. 


Problem 10.9 Calculate the time required fora current of 10 A to 
deposit 1 g of copper from the aqueous solution of copper(II) sul- 
phate. Molar mass of copper is 63.55 g mol-'. 

Since Q = It, Eq. (10.25) can be written as 


iM 
ame gua 
ae = "EZ 
raw ays 


Substituting the values, we get 
Du (1 g) (96487 C mol-*) ( 2 
(10 A) 63.55 g mol! 
— 303.66 s 


Problem 10.10 A current of 1 A is passed for 30 min through a cell 
containing NaCl solution. What is the mass of chlorine produced at 
the anode? Molar mass of Cl, is 70.9 g mol-. 


We have 

uM 

FZ 

— (LA) (30 x 60s) (70.9 g mol) 
(96487 C mol!) (2) 

— 0.66 g 


m — 


Problem 10.11 Three cells containing AICI;, CuSO, and AgNO;, 
respectively, are connected in series through platinum electrodes. A 
current of 1 A is passed for 1 min through them. Determine the mas- 
ses of Al, Cu and Ag deposited at the respective electrodes. Given: 
i M g mol, M(Cu)—63.55 g mol! and M(Ag)—108 g 
mol". 


We have 
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Hence 

— (LA) (1 x 60s) (26.98 g mol! 
mA) = (96487 C mol") ( 3 ) 

= 5.59 x 103g 

_ (LA) (1. x 60 s) (63.55 g molt! 
mie Geis] Coa | 2 ) 

= 198 x 107g 

(1 A) (1. x 60 s) /108 g mol! 

mAs) = "(964876 er» i ) 

= 672 x 10° g 

EXERCISES 


1. What do you understand by oxidation and reduction? Explain in terms 
of transfer of electron(s). 

2. What do you understand by an oxidizing agent and reducing agent? Ex- 
plain in terms of transfer of electrons. 

3, What is an electrochemical cell? Describe the main characteristics of (a) 
electrolytic cell and (b) galvanic cell. 


4. Compare the sign of electrodes and the accompanying electrode reactions 
for the electrolytic and galvanic cells. 


5. For a cell written in brief, describe the accepted convention of electrodes 
and show that emf of the cell is given by 


Ecou = Egnc — Etuc 


where Eguc and Enc are the half-cell potentials of right-hand and 
left-hand half-cells, respectively. 


6. How will you compute the cell reaction of a cell written on the paper? 
Show that it can also be obtained by subtracting the reduction reaction 
of left-hand half-cell from that of the right-hand half-cell. Explain this 
by taking a suitable cell. 

7. How is the spontaneity of a cell reaction connected with the cell poten- 
tial? Explain this by taking a suitable cell. 

8. What do you understand by a standard potential of a half-cell? How 
does it arise? 

9. (a) Comment upon the statement. “The absolute value of an electrode 
potential cannot be determined. However, its value relative to a ref- 
erence electrode whose potential is taken to be zero may be deter- 
mined.” 

(b) Explain to which electrode this arbitrary zero potential is assigned 
and how are the values of other electrode potentials determined rela- 
tive to this electrode? 
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10. 


11. 


12. 


13. 


14. 


15. 


16. 


Justify the following statements. 

(a) If the standard potential Em+tM is positive, then M+ can be reduced 
to M by hydrogen gas under standard conditions. 

(b) If the standard potential Erm is negative, then M+ cannot be re- 
duced by hydrogen gas under standard conditions. In fact, the re- 
verse of the reaction occurs, i.e. H+ will be reduced to H: gas by the 
metal M. 

Write down the Nernst equation for the following half-cells. 

(a) H*(aq, ci)! H«(g, p)| Pt 

(b) Cu**(aq, c;)) Cu(s) 

(c) Cl-(aq, c)] AgCl(s)! Ag(s) 

Show that the half-cell potential is independent of the number of elec- 

trons involved in the reduction reaction of the cell. 

What do you understand by the oxidation number of an element? De- 

scribe the oxidizing and reducing agents in terms of change in the oxida- 

tion number. 


(a) Describe the two laws of electrolysis as established by Faraday. 
(b) Show that the mass of a substance deposited on an electrode of an 
electrolytic cell is given by the expression 


where the various symbols have their usual meanings. 

(c) What is a Faraday consta.t? How much electricity is required to 
deposit 1 mol of univalent cation on the cathode? 

(d) How do the laws of electrolysis help in determining the charge of 
an electron? 


Write correctly balanced half-reactions and the overall equations for the 
following equations. Also calculate the change in oxidation numbers of 
the underlined atoms. 


(a) NOF + Bi —> Bi*+ + NO: (in acidic solution) 

(b) MnO; + H.C:0; —> Mn*+ + CO: (in acidic solution) 
(c) Al + NO; —-» AI(OH); + NHs (in basic solution) 

(d) Fe(OH): + H.0, —+ Fe(OH): + H:O (in basic solution) 
(e) Fe** + H:S —-—> Fe*t +S (in acidic medium) 

€ + I0; —h-H:O (in acidic medium) 

(g) T + O: + HO —> T; + OH- 


(h) Al + NaOH + NaNO: + H:O —> NHs + NaAIO: 

(i) KI + H;S0, — I: + H:S + K:SOi + HO 

(j) H:O: + I; —+ H0 + HIO: 

A current of 11 A is passed through an aqueous solution of CrCls for 
52min. Calculate the mass of Cr deposited at the cathode and the vol- 


ume of Cl: at STP liberated at the electrode. 
(Ans. 6.2 g Cr, 4.0 dm? Cl») 


17. 


18. 


19. 
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Electrolysis of a moiten chloride of copper produced 49.4 cm? of Cle gas 
at STP and 141 mg of Cu. (a) What is the simplest formula of the com- 
pound? (b) If this amount of electrolysis was accomplished in 20.2 min, 
what was the current used? (Ans. (a) CuCls, (b) 0.354 A] 


Compare the currents required to obtain 4.5 mg of Pt from molten PtCls 
and from molten PtCl, if the time of electrolysis in each case was 100 s. 
(Ans. 66.76 mA, 89.01 mA) 


The atomic mass of metal X is one half of the atomic mass of metal Y. 
If 4.20 g of Y is deposited when a certain current is passed through a 
solution of YCl for 4.0 min, what mass of X would be precipitated if 
the same current is passed through the solution of XCI, for 9 min? 

(Ans. 6,30 g) 


Multiple-Choice Questions 


Tick (4/) the correct choice. 


1 


5 


The oxidation number of N in NO is 


(a) 0 (b) +1 
(0 —1 (d +2 


. In the redox reaction involving Cr,O?- and Fe*+ ions, the number of 


electrons absorbed per chromium atom is 

(a) 1 (b) 3 

(c) 4 (d) 6 

In which of the following compounds is the oxidation number of chlorine 
cw 

(a) HClO; * (b) HCIO: 

(c) HClO; (d) HCl 

Which one of the following statements is true for a galvanic cell? 

(a) Oxidation takes place at cathode and reduction at anode 

(b) Oxidation takes place at anode and reduction at cathode 

(c) Anode is a positive terminal, whereas cathode is a negative terminal 
(d) Electrons in the external wire move from the cathode to anode 
Which one of the following statements is true for an electrolytic cell? 
(a) Oxidation takes place at cathode and reduction at anode 

(b) Oxidation takes place at anode and reduction at cathode 

(c) Anode is a negative terminal, whereas cathode is a positive terminal 
(d) Elect;ons in the external wire move towards anode 

What happens at the anode during the electrolysis of fused NaCI? 

(a) Cl- ions are oxidized (b) CI- ions are reduced 

(c) Nat ions are reduced (d) Na* ions are oxidized 


. The half-cell reaction is the one that 


(a) takes place at one electrode 
(b) consumes half a unit of electricity 
(c) involves half a mole of electrolyte 
(d) goes half way to completion 
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8. 


10. 


For a redox reaction, ox + ne —> red, the Nernst equation has a form 
of 

(a) E = E^ + (RT/nF) In [red]/[ox] 

(b) E = E° — (RT/nF) In [red]/[ox] 

(c) E = E? — (RT|nF) log [red]/[ox] 

(d) E = E^ + (RT/nF) log [red]/[ox] 

If E*(Nit*| Ni) = — 0.25 V and E°(Au*+| Au) = 1.50 V, the cell po- 
tential for the cell Ni] Ni**|| Au**] Au is 

(a) — 0.25 V + 1.50 V = 125 V 

(b —025V — 1.50 V = — 1.75 V 

(c) 1.50 V + 0.25 V = 1.75 V 

(d).3 (1.50 V) — 2 (0.25 V) = 4.0 V 

The quantity of electricity needed to liberate 1 mole of Na from NaCl 
solution is 

(a) 1 ampere (b) 96487 coulombs 

(c) 96487 amperes (d) 96487 faradays 


Answers (Multiple-Choice Questions) 


1. (d) 2. (b) 3. (c) 4. (b) 5. (b) 
6. (a) 7. (a) 8. (b) 9. (c) 10. (b) 
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Rates of Reaction 


Objectives Scope of Chemical Kinetics O' Philosophy Behind Chemical 
Reactions O Average Rate of Change of Concentrations of a Reactant or a 
Product O Instantaneous Rate of Change of Concentration of a Reactant or a 
Product O IUPAC Recommendations for the Rate of a Reaction O Factors 
Affecting the Rate of a Reaction O Order of a Reaction O Quantitative Effect 
of Temperature on the Rate of a Reaction O Qualitative Features of Collision 
Theory O Effect of a Catalyst on Rate of Reaction O Dynamicity of Chemical 


Equilibrium 


11.1 SCOPE OF CHEMICAL KINETICS 


The feasibility of a given reaction can be predicted with the help of 
thermodynamic principles (for example, AG of a feasible reaction is 
negative). Besides this, the relative amounts of reactants and products 
atthe equilibrium position of the reaction can also be predicted. In 
addition, we can predict whether changes in experimental conditions 
will increase or decrease the amount of the product at equilibrium. 
However, thermodynamic principles do not provide any information 
regarding the wide variation in speeds of chemical reactions. A few 
examples of reactions proceeding with different speeds are given in 
Table 11.1. 

A substance may be thermodynamically unstable but it may be kinet- 
ically stable in the sense that it takes many years for completion or it 
may require the help of external agencies. For example. carbon and 
oxygen are thermodynamically less stable than carbon dioxide at 298 
K, yet coke does not spontaneously catch fire in air. Similarly, dia- 
mond is thermodynamically less stable than graphite, but at 298 K, 
the rate of conversion of diamond to graphite is, fortunately, infini- 
tesimally small. Besides this, thermodynamic principles do not predict 
how the speed of a given reaction gets affected by changing the con- 
centrations of reacting species or by changing experimental conditions. 
The study of rates of reactions including their dependence on the 
concentrations of reacting species and the experimental conditions is 
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Table 11.1 Examples of reactions proceeding with different speeds. 


Reaction Approximate time 
required to complete 
half of the reaction 
First step in photosynthesis which includes the 107s 
excitation of chlorophyll by the light. 
First step in vision (Retinal isomerization) 107 s 
H*(aq) + OH-(aq) —> H:O 
Reaction involving atoms such as 1071s 
N +NO —> N: +0 
O + NO: — NO + 0: 
2NO2(g) —— N2Oa(g) 107*s 
Fet + SCN- —- Fe(SCN)!* 107?s 
H:iCO:;(aq) —> H:O(1) + CO.(g) 60 s 
2N20s(g) —> 4NO:(g) + O:(g) 100 min 
Hydrolysis of sucrose 200 min 
Cr(H20)}+(aq) + F-(aq) —> Cr(H:0)sF*+(aq) + HsO(l) 100 hr 
CH:COOC;H;(aq) + H:O(I) — CH;COOH(aq)+C,H:OH(aq) 1000 days 
Radioactive decay f varies from 
days to 
years 


covered by the topic of chemical kinetics. Such studies are important 
as they can help in establishing the best conditions to produce a 
particular product. One of the examples is the production of metha- 
nol from carbon monoxide and hydrogen. 


CO(g) + 2H(g) — CHOH(I) 


This reaction is thermodynamically feasible at 298 K (AG? — — 29.04 
kJ) but in actual practice the reaction proceeds infinitesimally slowly 
at this temperature. The optimum conditions to carry out the above 
reactions have been discovered by studying the effect of concentrations 
of reacting species, temperature and the use of a suitable catalyst. 
These are: (1) temperature around 400 °C (673 K), (2) pressure in the 
region of 300 atm and (3) a catalyst containing ZnO and Cr,03. 
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11.2 PHILOSOPHY BEHIND CHEMICAL REACTIONS 


A chemical reaction involves the rearrangement of bonds between the 
reacting species. We can say that the various bonds are broken in the 
reactants and the new ones are formed to give products. This mole- 
cular rearrangement can take place only when the reactant molecules 
collide together at the same time. During this collision, molecular 
rearrangement takes place which leads to the formation of products. 
For the molecular rearrangement, initially a few bonds are to be bro- 
ken and this requires some energy which has to be supplied by the 
reacting molecules. If the molecules can supply this energy, the colli- 
sion is fruitful in the sense that they are converted into products. On 
the other hand, if the molecules cannot provide this much energy, the 
collision does not lead to the formation of products and the molecules 
are reflected back as such. . 

Thus, the essential criteria for the formation of products from reac- 
tants are as follows. à 

1, Reacting molecules must collide together at the same time. 

2. Reacting molecules must have some minimum energy to initiate 
the molecular rearrangement. 

Most of collisions occurring in a reaction vessel are bimolecular in 
nature. Collisions involving three molecules together are very rare. In 
other words, the probability of bimolecular collisions is quite large, 
whereas collisions involving more than two molecules are very less. 
Reactions involving more than two molecules in the overall balanced 
equations cannot be explained on the above hypothesis unless we pos- 
tulate that such types of reactions proceed through more than one 
reaction (known as elementary reaction) involving collisions of a lesser 
number of molecules. The overall reaction is obtained by adding such 
elementary reactions. 

An elementary reaction is one which is proposed to take place in a 
single step. These elementary steps are classified according to the num- 
ber of molecules which they involve. A process in which only one 
molecule is involved is known as a unimolecular process. One involv- 
ing two molecules is called bimolecular and so on. Since collisions in 
which more than three molecules come together simultaneously are 
very rare, elementary reactions with molecularity greater than three 
are not known. 

Reactions proceeding through more than one elementary steps are 
numerous. A few examples are given below. 


1. Oxidation of I- by S,O2- The reaction is 
$,0$- --21- —> 2807 +L 
Its elementary steps are: 
$,0% +I —- S,9,P- 
S,0,P- + T — 2507 + lL 
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2. Oxidation of NO to NO; by O, 
2NO(g) + OXg) —> 2NO,(g) 
Its elementary steps are: 
NO + NO = N,0, 
N20, + O, — 2NO, 
3. Reaction between H, and I, The reaction is 
H,(g) + L(g) —— 2Hl(g) 
Its elementary steps are: 
I, = 21 
H, + 21 —— 2HI 
4, Decomposition of N;Os The reaction is 
2N,05(g) — 4NO,(g) + 0,(g) 
Its elementary steps are: 
N50; = NO, + NO; 
NO, + NO; —> NO + NO; + 0, 
NO; + NO — > 2NO, 
5. The decomposition of O, The reaction is 
204(g) —> 30,(g) 
Its elementary steps are: 
0, —> O +0 
OU O; 005 


The overall reaction is obtained by adding these elementary steps. 
Similerly, the rate of overall reaction is decided by the rates of ele- 
mentary steps. In many cases, one of the elementary steps is the slow- 
est one. In such cases, this slowest step is the rate-determining step, 
i.e. the rate of the overall reaction is decided by the rate of the slowest 
step as the products obtained in this step quickly combine with other 
substances to give products of the overall reaction. Hence, the rate of 
formation of products is determined entirely by how the products in 
the slowest step are formed. 

From the examples cited above, it is obvious that even a simple 
reaction may proceed through elementary steps. A complicated reac- 
tion (involving many reactant molecules) definitely proceeds through 
many elementary steps. One of the main.aims for studying the rate of 
a chemical reaction is to establish the elementary steps through which 


the reaction proceeds. 
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11.3 AVERAGE RATE OF CHANGE OF CONCENTRATION 
OF A REACTANT OR A PRODUCT 


By the term rate of change of concentration of a reactant or a prod- 
uct, we mean the decrease in concentration of a reactant or increase 
in the concentration of a product, occurring in a unit interval of time. 
Consider, for example, the simplest reaction 


A —> B (11.1) 
It is obvious that the concentration of A decreases, whereas that of B 
increases as the reaction proceeds. Figure 11.1 displays the typical 


behaviour of change of concentrations of reactant and product as the 
chemical reaction shown above progresses with time. 


[8] 


Concentration —+ 
— 
(D 
— 
fad 
z= 


Ce ee 


Time ——* 


Fig. 11.1 The variations of concentrations of A and B with 
time for the reaction A > B 


Let [A], and [A], be the concentrations of A at time f, and tz, respec- 
tively (Fig. 11.1). The change in concentration of A over the time 


interval At (= t; — fj) is 
A[A] — [A]; zy [IA], 
The rate of change of concentration of the reactant A over the time 
interval At is given by the expression 


Change in concentration of reactant A 
time interval 
A[A] [A]; PES [Als 


or hy = — At DP S (11.2) 


rate = — 
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(Note that A[A] has a negative value as [A],, < [A]. In order to have 
positive value of rate, the negative sign has been added in the abcve 
expression.) 

From Fig. 11.1, it is obvious that the value of A[A] for the same 
interval of time decreases as the reaction progresses. Hence, the rate 
expressed by Eq. (11.2) changes during the course of a reaction. In 
general, the rate in the beginning is fast and it decreases as the reac- 
tion proceeds. Hence, the rate represented by Eq. (11.2) is an average 
rate over the time interval t; to t2. It is for this reason, the subscript 
av has been added to the symbol r. 

Over the same time interval /; to t, if A[B] (= [B], — [B],,) is the 
change in the concentration of product B, then rate of change of con- 
centration of B over the time interval 1, to t, is 


^ac AB] _ [B]; = [B]; 
ELIT he Ei 


(Note that A[B] has a positive value as [B], > [B]; and thus there is 
no need to add a negative sign in the above expression.) 


From Eq. (11.1), it follows that the decrease in the concentration of 


A will be equal to the increase in concentration of B and thus, we 
will have 


Pay = Fay (11.4) 
Consider now the reaction 
A ——> 2B (11.5) 


where 1 mol of A on disappearing produces 2 mol of B, i.e. the con- 
centration of B will increase twice as fast as the decrease in the con- 
centration of A. Hence, A[B]/At will be twice as large as — A[A]/At 
over the same time interval. Obviously, we cannot write 


A[A] | A[B] 
DATAE NAT) 


but we can write it as either 


— 2 AA] _ ALB] 

At At 

AIA] _ 1 AB] 

or (AS ERO T 


The second way of writing this equation is a simple one as it can be 
conveniently extended to a reaction involving more than two species. 
For example, for the reaction 


2N,0; —> 4NO, + O, (11.6) 
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we will have 
_ IA[NOs] _ 1A[NO,] _ A[O;] 


2 AR 4 At At 
over the same interval of time. For a general reaction of the type 
WA Y4À2 ——> v3A3 + v4A4 (11.7) 
we will have 
-LAAJ _ 14A]. LAAJ 1 ATA) 
vy, At Y, At v4 At X4 At 


11.4 INSTANTANEOUS RATE OF CHANGE OF 
CONCENTRATION OF A REACTANT OR A PRODUCT 


In chemical kinetics, the rate at any particular instant rather than the 
average rate over a time interval has much more practical application 
and importance. This rate is known as the instantaneous rate (rins) 
and is defined as 


lis, = lim (ray) (11.8) 
At>0 
Taking an example of reaction A ——- B, we find from Eqs (11.2) 


and (11.3) that 
iet ab rl) 


; i am) ( a) 
/ 1 = 
inssi dd ( At dt J, 
that is, the instantaneous rate of change of concentration of A (or B) at 
agiven time may be determined by finding out the slope of reactant 


curve (or product curve) at the given time. From Fig. 11.2, we find 
that these slopes are 


Li 


insst 


of dan SAL Al 

Tinsst =(- dt ) T NT pu 
; . (dB _ [Bh — [B] 
Finst ( dt ) v ra zi : 


where [A], (or [B];) and [A]; (or [B];) are the concentrations on the 

slope line drawn at time : to the reactant (or product) curve at times 

1; and tj, respectively. Obviously, in the light of Eq. (11.4), we will 
ave 


" 
Finst = Tinsyt 
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Concentration ——* 


Time —* 


Fig. 11.2 Determination of instantaneous rate 
that is, 
= (2 (11.9) 


(- [A] 
ET dt 
For the reactions Pu by Eqs (11.5) to (11.7), we can write similar 
expressions and these are given in Table 11.2 


Table 11.2 Interrelationships of rate of change of substances 
involved in a few reactions. 


Reaction Instantaneous rate expression at a 
given time 
A — 2B PM 4 [A] = 1 d [B] 
t 2 dt 
1 d[N;O;]  1d[NOs  dIO:] 
2N; SUE PAL aUa Lui T a At ac a aaae 
20s —> 4NO: + O: SUE icd dr 
vA: + vA wA wA,  —LSIAd _ Laa pea las} 
vy, dt m vs dt 
a T5 
va dt 


11.5 EXPRESSION FOR THE RATE OF A REACTION 


For any reaction such as 
2N,0; ——> 4NO; + O; 
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the differentials d[N,Os]/dt, d[NO,]/dt and d[O;]/dt are known as the 
rates of change of concentrations of NOs, NO; and Oz, respectively. 
Since the changes in the concentrations of the substances involved in 
a reaction are governed by its chemical reaction, the rates of change 
of concentrations of substances are also interrelated with one another. 
For example, for the above reaction if 2 mol of N,O; dissociates, we 
will get 4 mol of NO, and 1 mol of O,. Hence, we can write either of 
the following two equalities, 


— d(N)O] _ 1dINO;] _ , dO) 
dt 2 dt dt 
_ 1 d[N,0s] _ 1 d{NO.] _ d[O,] 
2rd equipo? (11.10) 


In chemical kinetics, the term rate of reaction carries precise mean- 
ing and is uniquely defined by an expression similar to Eq. (11.10). 
That is, the rate of a reaction is defined as the rate of change of concen- 
tration of a reactant (or a product) divided by the corresponding stoi- 
chiometric coefficient appearing in the balanced equation of the chemical 
reaction, 


The units of rate of a reaction are mol dm^ s !. 


Extent of a Reaction and its Rate Expression 


The progress of a reaction can be stated in terms of a physical quan- 
tity known as extent of reaction. By definition, the extent of a reaction 
is a quantity which, when multiplied by the stoichiometric coefficient 
of a substance involved in the reaction, gives the change in the con- 
centration of the substance under consideration. For example, for the 
reaction 


2N,0; ——> 4NO, + O; 

if x is the extent of reaction, we will have 
2N,0; —- 4NO, + O, 

t=0 % 0 0 

t=t a— 2x 4x x 

where a, is the initial concentration of N2O;. 


In terms of extent of reaction, we can write the rate of reaction 
described as follows. 


r= -1l8dNOJ]. 1d — 2x) _ dx 
2 t 2 dt dt 
_ 1 d{NO,]  1ddx dx 


iui Tut d "dn 
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that is, the rate of a reaction is equal to the rate of change of extent 
of reaction with time. 


Problem 11.1 For the reaction 
(CH;)3;CBr + H,O —> (CH3)COH + HBr 


in acetone-water mixture, the following data were obtained at 323 K. 


t/min [(CHs)sCBr]/mol dm-? [(CHs)sCOH]/mol dm-* 


0 0.106 0 
10 0.095 0.011 
20 0.085 0.020 
30 0.074 0.031 
40 0.065 0.040 
50 i 0.058 0.048 
60 0.050 0.056 
80 0.038 0.069 
100 0.029 0.076 
120 0.021 0.85 


Find (a) the instantaneous rate of reaction at t = 30 min and ¢ = 80 
min, and (b)the average rate of reaction for 0 to 20% and 60 to 
80% of reaction. 

First, plots of [(CH;);CBr] versus t and [(CH;);COH] versus ¢ were 
drawn. These are shown in Fig. 11.3. i 

(a) For finding instantaneous rate of reaction at a given time, we 
have to draw the slope to the curve at the given time. This slope gives 
the instantaneous rate of the reaction at the given time. From the 
slopes drawn at 30 min and 80 min, we find that 


( 3 SKCHSCBI — 0.032 mol dm? 
dt 30 min 34 min 


= 941 x 107^ mol dm? min! 
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(acco) Ee 0.04 mol dm? 
30 min 


"a dt 42 min 
= 9.52 x 107^ mol dm? min"! 
. ( dKCH3)CBr] — 0.027 mol dm? 
d 80 min 54 min 
= 50 x 107^ mol dm~? min“! 
d[(CH,);COH] _ 0.027 mol dm 
oF dt et 53 min 


= 5.09 x 10-* mol dm? min"! 

(b) The average rates between the given per cents of reactions are 
as follows. 

For 0-20% reaction, (CH;);CBr changes from 0.106 mol dm'^? to 
0.0848 mol dm= and the time required for this change as found from 
the plot is 20 min. Hence 
. AK(CH35CBr] _ 0.0212 mol dm? 

At 20 min 


= 1.06 x 107 mol dm? min“ 
For 60-80% reaction, ((CH3),CBr] changes for 0.0424 mol dm? to 


0.0212 mol dm-? and the time required for this change as found from 
the plot is 51 min (— 124 min — 73 min). Hence 


M A[(CH3);CBr] _ 0.0212 mol dm? 
At 3c 51 min 


(Tay)o-20% = 


(Tay)o0-80% = 


= 4.16 x 10~ mol dm? min“! 


IUPAC Recommendations for the Rate of a Reaction 


If a reaction does not involve the condition of constant volume, it is 
obvious that the concentration of the substance involved in the reac- 
tion can vary not only due to the reaction in progress but also due to 
change in volume. In order to avoid such difficulties, JUPAC has re- 
commended to define the rate of reaction in terms of the change of 
amount of substance with time. For example, for the reaction 


2N,0; — 2NO, + O; 
we will have 


d (n(N;O3) _ 1 d {n(NO2)} 


-d (n0) 
dt 4 dt dt 


r= Eins = 
ee 
(11.12) 


Obviously, in this case the units of rate of reaction are mols. 
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Degree of Advancement of a Reaction and its Rate Expression 


According to IUPAC recommendations, the progress of a. reaction is 
stated in terms of a physical quantity known as degree of advance- 
ment of the reaction. By definition, the degree of advancement ofa 
reaction is a quantity which, when multiplied by the stoichiometric 
coefficient of a substance involved in the reaction, gives the change in 
the amount of the substance under consideration. For example, for 
the reaction 


2N;05 —— 4NO, + O, 

if £ is the degree of advancement, we will have 
2N,0; —— 4NO, + 0; 

t=0 no 0 0 

t=1 ny— 26 4 £ 


where 7 is the initial amount of N,0s. 
In terms of degree of advancement, we can write the rate of reac- 
tion as described below. 


‘l da(N,Os) . 1 dm- 2€) d 

iru i) dt 2 dt dt 

pol dmNO) _ 1 d(4g) dt 
js "AF cide ates ANGE nae 

» MO) _ dé 11.13 
9r mI vp i Gl 


that is, the rate of reaction is equal to the rate of change of degree of 
advancement of the reaction with time, 


Rate of Reaction Divided by Volume 


If the volume of a reacting system does not change with time, the rate 
of a reaction when divided by volume gives an expression which is 
identical to the conventional way of writing the expression for rate of 
reaction (Eq. 11.10). 


Dividing Eq. (11.12) throughout by constant volume, we get 
rti 1 E 1 Hmo) Ji {i aeo _ 1 dno: 
> - 


LA 2 Tai V |4 dt V dt 
re 1 d(ttnsos/V) _ 1 d@no:/V) d(no;/V) 
95 y 2 dt 34 ovid dt 
d [O 
i pard- L dN] _ 1 d[NO,] _ [03] 


Zedi 4 dt dt 
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which is Eq. (11.10). Similarly, division of each expression of Eq. 
(11.13) by volume gives the corresponding expression in Eq. (11.11). 
Obviously, x — £/V. 


11.6 FACTORS AFFECTING THE RATE OF 
A REACTION 


As outlined in Sec. 11.2, a reaction which involves molecular rearrange- 
ment occurs when the reacting molecules collide together at the same 
time. Any factor which can help in increasing the molecular collisions 
will influence the rate of a reaction. The factors which affect the rate 
of a reaction are concentration, particle size, temperature and the use 
of a suitable catalyst. The effects caused by these factors can be stud- 
ied qualitatively as well as quantitatively by considering the reaction 
between magnesium and dilute hydrochloric acid. The reaction may 
be investigated using the apparatus shown in Fig. 11.4. The most con- 
venient way to follow the rate of this reaction is to measure the 
volume of hydrogen produced at given intervals of time. 


Fig. 11.4 Apparatus used to study the rate of 
reaction between magnesium and dilute hydro- 
chloric acid 


Four sets of experiments differing in experimental conditions as shown 
in Table 11.3 may be carried out. The results obtained are shown 
schematically in Fig. 11.5 where the volume of hydrogen evolved is 
plotted against time, 
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Table 11.3 Experimental conditions of four sets of experiments. 


Experiment Concentration of Physical state Temperature 
number fixed volume (in of fixed mass 

excess) of HCI of magnesium 

solution 

c/mol dm? 
1 0.1 Coarse 298K 
2 0.15 Coarse 298 K 
3 0.1 Coarse 308 K 
4 


0.1 Fine 298 K 


V(Hj) —> 


4 3 2 1 Exp.no. 


t — 


Fig. 11.5 Schematic results of reaction 

between magnesium and hydrochloric acid 
From the plots shown in Fig. 11.5, the following conclusions may be 
drawn. 

1. We find that for a given time, the volume of hydrogen evolved 
is larger in experiment 2 as compared to that in experiment 1. This is 
due to the fact that in experiment 2, the concentration of HCl is larger 
in comparison to that in experiment 1. Hence, we conclude that the 
rate of reaction increases with an increase in concentration of reacting 
Species. 

2. Similarly comparing the plots of experiments 1 and 3, we find , 
that hydrogen evolved in experiment 3 is larger. This is due to the fact 
that temperature of reacting system in experiment 3 is larger than 
that in experiment 1. Hence, we conclude that the rate of reaction 
increases with increase in temperature of the reacting system. 
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3. Comparing the plots of experiments Í and 4, we find that hydro- 
gen is evolved quicker in experiment 4. This is due to the fact that the 
physical state of magnesium in experiment 4is fine, whereas in ex- 
periment 1, it is coarse. Hence, we conclude that the rate of reaction 
increases with increase in fineness of the reacting substance. 

The above conclusions can be rationalized on the basis of molecu- 
lar collisions between the reacting substances. These are described in 
the following. 

1. Increasing the concentration of hydrochloric acid helps to in- 
crease the number of collisions between H* and Mg atoms, hence, 
rate of reaction increases. 

2. Increasing temperature of the reacting system helps to increase 
the kinetic energies of H* ions which again leads to more collisions 
between H* and Mg atoms, hence, rate of reaction increases. 

3. Increasing fineness of magnesium helps to increase the surface 
area of magnesium which leads to an increase in the number of 
magnesium atoms coming in contact with the acid solution (i.e, more 
collisions between H* and Mg), hence, rate of reaction increases. 


11.7? ORDER OF A REACTION 


The speed of a chemical reaction, in general, depends on the concen- 
trations of reacting species of the reaction. An early generalization 
in this regard is due to Gulberg and Waage. This generalization is 
known as the law of mass action and is stated as follows. 


“The rate of a reaction is proportional to the product of effective 
concentrations of reacting species, each raised to a power which is 
equal to the corresponding stoichiometric number of the substance 
appearing in the chemical reaction”. 


Thus, for a general reaction 
wA + 2A, —> V3A3 + A4 
we have 
roc [AP [Ag 
or r = k [Aq [Az] (11.14) 


where k is a constant of proportionality. 


If the rate of a reaction is determined experimentally, it is found 
that Eq. (11.14) is not always applicable*. However, the experimental 
results can be fitted to satisfy a similar type of expression in which the 
exponents may or may not be equal to the respective stoichiometric 
coefficients. In general we may write the rate as 


r = k [A; [Az (11.15) 


*Equation (11.14) is found to be strictly applicable to elementary reactions. 
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where the dimensioniess exponents, a, b, ... may or may not be equal 
Yis Y2... respectively. The constants a, b, . . . may have positive or 
negative integral values, fractional values or zero values. The constant 
4is known as the order of the reaction with respect to A, b as the 
the order ofthe reaction with respect to B, and so on. The sum a + 
b + ...is known as the overall order of the reaction. Yt a + b 4-... 
= 1, the reaction is said to be of first-order, if a nen M c 
the reaction is of second-order, and so on. The dependence of reac- 
tion rate on concentration is of great use as it helps in. proposing the 
mechanism of a reaction. 

The constant k in Eq. (11.15) is known as the rate constant, It is 
numerically equal to the rate the reaction would have if all concen- 
trations were set equal to unity. Each reaction is characterized by its 
own reaction rate constant. From Eq. (11.15), we find that the unit of 
k is (mol dm~')" s~! where n = 1 — (a +b +...) For example, the 
units of rate constants for zero-, first- and second-order reactions will 
be mol dm? s~', s~! and mol”! dm} s~, respectively. 

It may be emphasized here once again that the rate equation with 
its rate constant and order of various reacting species is an experimen- 
tal finding, and cannot be predicted from the stoichiometry of the bal- 
anced reaction equation, 


Although a great many reactions obey Eq. (11.15), there are nume- 
Tous others whose rate expressions are not of such a simple form. A 
few such reactions are listed in Table 11.4. 


Table 11.4 Examples of reactions obeying complicated rate laws. 


Overall reaction Experimentally determined rate law 
Hi + lh # 2HI 5 £D D k ped) — is am 
1 d[HBr] k [H3] [Bro]? 
Ha + Br: —> 2HBr 2 a "iF BJB [HBr]/[Brs] 
OH- T A- 
OCI--I- e OF +c- 2 Hoe 


HE d [I] H 
CH:COCH; + I: & CHsCOCH:I — S = k [CH:COCH;] [H+] 
+ HI 


Table 11.4 reveals the following facts. Sa 
1. The rate law may not bear a simple relation to the stoichio- 
metric equation. 


2. The rate law may not depend on the concentrations of every 
reactant or product of the reaction. 
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3. The rate law may depend on the concentrations of species (e.g. 
catalysts) which do not appear in the equation for the overall reac- 
tion. 

These facts clearly indicate that the rate equation cannot be predict- 
ed from the form of the stoichiometric equation for the overall reac- 
tion. Hence, the rate equation must be determined experimentally. In 
some cases, the order of the reaction is meaningless. For example, for 
the hydrogen-bromine reaction, the reaction is of first-order with re- 
spect to hydrogen gas but it would be impossible to assign the order 
with respect to bromine and to hydrogen bromide. Thus, the concept 
of order of reaction has no meaning if a rate law does not have the 
form as given in Eq. (11.15). 

In the reaction between hypochlorite and iodide ions, though OH- 
does not appear in the overall reaction, yet it appears in the denomi- 
nator of the rate law. This indicates that OH” acts as an inhibitor. 
Similarly, the reaction between acetone and iodine does not involve 
H* in the overall reaction, but it appears in the numerator of the rate 
law. This shows that H* acts as an accelerator or a catalyst. 


Problem 11.2 With the help of the following rate expressions of the 
reactions, find the overall order of the reactions and the order with 


respect to each reactant. 

(a) 2NO(g) + O4(g) — 2NO,(g); r = [NOP [02] 

(b) 2N;O(g) —-- 2N;(g) + O2(g); r = k [N20] 

(c) 2NO;(g) =>: 2NO(g) + 0.(g); r = k INO} 

(a) The reaction is second order with respect to NO, and first order 
with respect to O; and its overall order is three. 

(b) The reaction is first order with respect to N;O and its overall 
order is also one. 


(c) This reaction is second order with respect to NO; and overall 
order is also two. 


Problem 11.3 | For the reaction 2A + B ——- C, the following data 
were obtained. 


Experiment Initial concentrations Initial rate of reaction 
number [A]o/mol dm-? — [B]//mol dm-* ro[mol dm-? s~} 


1 0.1 0.2 3.0 x 10 
2 0.3 0.4 3.6 x 10° 
3 0.3 0.8 1.44 x 10* 
4 0.2 0.4 ? 
3 0.1 0.4 ? 
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Find the orders of reaction with respect to A and B, and also fill in 
blanks. What are the units of rate constant of this reaction? 


Let the orders of the reaction with respect to A and B bem and n, 
respectively. Thus, we have 


ro = k [AW [Blo 
From experiments 2 and 3, we find that 
Toy __ k [A]6; [Blos 


To k [A]: [Biez 
On substituting the values, we get 
1.44 x 10* mol dm? s~! 
3.6 x 10? mol dm? s7! 
k (0.3 mol dm)” (0.8 mol dm=3)" 
k (0.3 mol dm-?)" (0.4 mol dm^?)" 
4 zc 
Hence, we conclude that n = 2. 
Proceeding similarly with experiments 1 and 2, we find that 
12 — 3" 2 
Hence, we conclude that m = 1. Thus, the rate expression is 
ro = k [Als [BY 


In experiment 4, the concentration of A as well as that of B is dou- 
bled as compared to experiment 1. Hence, the rate in experiment 4 
will become 2!2? times that of experiment 1, i.e. 8 (3 x 10? mol dm? 
s!) = 24 x 10? mol dm^? s-!. 

In experiments 5, only the concentration of B is doubled. Hence, its 
rate will be 2? times that of experiment 1, i.e. 12 x 10? mol dm? s~". 


The unit of rate constant can be worked as follows. 


koe SE mol dm~? s^! 
= [A][BP  Gnol dm) (mol dm? 


= (mol dm)? s! 


' 


11.8 QUANTITATIVE EFFECT OF TEMPERATURE ON THE 
RATE OF A REACTION 


The rate constant of a reaction increases with an increase in tempera- | 
ture. It is found that the rate constant increases by a factor of 2 to 
3 for every ten degree rise in temperature. One of the examples illus- 
trating the effect of temperature on the speed of a chemical reaction 
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is provided by the reaction between oxalic acid and potassium pertnaii- 
ganate. Take two conical flasks, each containing 25.0 cm? of 0.1 M 
oxalic acid and 10 cm? of dilute sulphuric acid. Heat one of the flasks 
till the temperature of solution in it is about 60 °C. Add quickly 0.5 
cm? of 0.1 M KMnO, solution in each flask and stir the solution. 
Note the flask in which the colour of KMnO, disappears quickly. It 
will be found that the colour of hot solution disappears earlier than 
the other one. This is due to the fact that at a higher temperature, the 
reaction between oxalic acid and potassium permanganate becomes 
faster. In the routine titration involving this reaction, oxalic acid 
solution is also heated to about 60 °C. 

An early generalization of this effect is due to Arrhenius. According 
to him, the variation of rate constant with temperature is given by the 
expression 


k = A exp(— E,/RT) (11.16) 
KC nA E, (11.17)* 
or In p= Mp — RT 


Equations (11.16) and (11.17) are the alternate forms of Arrhenius 
equation. According to Eq. (11.16), the rate constant increases expon- 
entionally with temperature. The constant A is frequently referred to 
as the pre-exponential factor. According to Eq. (11.17), ifa plot is 
made between In k and 1/T, one would get a straight line of slope 
—£,/R (Fig. 11.6). 


Slope — - E, /R 


In(k/49) — 


Fig. 11.6 A typical variation of In k with T 


Physical Significance of Constant Z, 


The constant Z, in Eq. (11.16) is known as the energy of activation. 
Its significance may be explained as follows. 


*Division of k and A by k° makes these quantities unitless. 
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it was stated earlier that the products are formed only when the 
reactant molecules come close and collide together at the same time. 
During the collision molecular rearrangement takes place leading to 
the formation of products. The molecular rearrangement usually invol- 
ves the breaking of some bonds and making of others. The breaking 
of bonds or, in general, molecular rearrangement can take place only 
when the colliding molecules have energy equal to or greater than the 
minimum energy required for the said rearrangement. If the energy of 
colliding molecules is less than the minimum energy, it is obvious that 
molecular rearrangement will not take place and thus the molecules 
will remain unchanged after the collision, i.e. no product will be formed. 
Thus all collisions will not lead to the formation of products but only 
those collisions which involve sufficient energy are expected to form 
products. The difference between the minimum energy required to 
bring about molecular rearrangement and the average energy of reac- 
tant molecules is identified with the constant E, and is known as the 
energy of activation, 

Figure 11.7 illustrates the activation energies of the forward and 
backward reactions of a reversible reaction. State X represents the 
average energy of the reactants, state Y represents that of products 
and state Z represents the minimum energy which the reactants or 
products must possess in order to react. Molecules in state Z are said 
to be activated or to be in an activated state, From Fig. 11.7, it is 
obvious that j 


Exo = Ez — Ex 
Ey = Ez — Ey 
Eq — Ew = (Ez — Ex) — (Ez — Ey) = Ey — Ex 


Reaction path —e 


Fig. 11.7 The concept of activation energy 


i 
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11.9 QUALITATIVE FEATURES OF COLLISION THEORY 


It is possible to account for the reaction rate with the help of collision 
theory of bimolecular gaseous reactions. This theory is based on the 
following two postulates. 

1. The products are formed only when the reactant molecules come 

- close and collide with each other. 

2. Only those collisions are effective in producing the „products 
which satisfy the criteria of energy of activation and the specific orien- 
tation of molecules at the time of collisions. 

If every collision leads to the formation of a product, then the rate 
of a reaction is entirely determined by the collision rate between the 
molecules of gases A and B. The expression for collision rate is 


Z — qo? uaip 
= mo? (8 kT/mp)'? ngng (11.18) 


where tay is the average speed of gaseous molecules, i is reduced mass 
(= mamg/(ma + mg)), c is the sum of the radii of two molecules 
(= ra + rg), and n, and ng are the respective numbers of molecules 
of A and B per unit volume of the system. 

The collision frequency between the gaseous molecules A and B at 
ordinary temperature and pressure is very large (about 107^ colli- 
sions per dm? per second). Hence, the reaction is expected to be over 
in a small interval of time (which can be worked out and is about 
1079 s). Only few reactions are known which proceed with such a 
large speed. They invariably contain reactive atomic species, amongst 
them are 


N-+NO—> N,+0 
O + NO, — NO +0, 


Considering the effect of temperature we find that the collision 
frequency gets affected only through the average speed of gaseous 
molecules. Hence 


Z, iss (2)" 


ZI ONUS 

If the temperature is raised from 300 K to 310 K, we find that 
Zi (310K\'? _ 
2 (Zon) = 1.015 


that is, the rate is not expected to be very sensitive to temperature. 
Most chemical reactions show rates of the order of 10? or 1073 
mol dm~? s~" and they double or triple for every 10 K rise in temper- 
ature. This feature is explained on the basis of the second postulate 
given in the beginning which states that only those collisions which 
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meet the criteria of activation energy and specific orientations of mole- 
cules are effective in producing the products. These two criteria are 
discussed below in brief. 


Energy of Activation 


The term, energy of activation, implies that the colliding molecules 
must be sufficiently energetic to cause the molecular rearrangement 
which ultimately gives rise to the products. The fraction of molecules 
which satisfy the above criterion is given by the Boltzmann factor 
exp(— ej/kT), where e; is the minimum energy which the reacting 
molecules should have for the collision to be fruitful. The activation 
energy of the reaction is the difference of this minimum energy and 
the average energy of reacting molecules. The shaded area in Fig. 11.8 
gives the fraction of molecules having minimum energy «y. On increas- 
ing temperature, the fraction of molecules increases and this is, prima- 
rily responsible for the increase in rate of reaction. Hence, the expres- 
sion for the rate of reaction can be written as $ 


r = Z exp(— «o/kT) (11.19) 


T 


t 

2. 

= 

2 

ul 2» 
Sa E. 


E-—- 


Fig. 11.8 Increase in the fraction of molecules having energy 
equal to or greater than «o with increase in temperature 


Specific Orientation of Molecules 


According to this criterion the formation of products, when the two 
molecules collide, also depend upon the relative orientation of the two 
molecules at the time of collisions. This may be understood from the 
following example. 


Reaction between Br and H, 
The reaction is 
Br + H; — HBr +H 
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The collision between Br and H, may involve a structure where all the 
three atoms either lie or do not lie on a straight line such as shown in 


Fig. 11.9. 

If we draw a potential energy diagram as a function of the reaction 
coordinate that represents the progress of three atoms from the form 
of reactants to that of products, we get plots as shown in Fig. 11.10. 
The initial decrease in potential energy is due to the van der waals 
attractions. But when Br atom comes closer to H5, the potential ener- 
gy of the system increases. It attains a maximum value when the three 
atoms are partially bonded to each other. This configuration is known 
as the activated complex. The activated complex decays to give prod- 
ucts, and as H atom is moved away from HBr, the potential energy 
decreases. The potential energy diagram of Fig. 11.10 explains the 
following two facts regarding the rate of the said reaction. 


(ON Gi) 
Fig.11.9 (i)Three atoms lie on a straight line, and 
(ii) three atoms do not lie on a straight line 


Potential energy —> 


Reaction path — 


Fig.11.10 Potential energy of Ha and Br molecules 
versus reaction coordinates involving (i) a. bent struc- 
ture, and (ii) a linear structure 


1. It explains very nicely the concept of minimum energy which the 
colliding molecules must possess so that on collision they form the 
products. This minimum energy may be identified with the maximum 
of the potential energy curve. 

2. The maximum ofthe potential energy curve depends on the 
Structure of the activated complex. In Fig. 11.10, the maximum for the 
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linear structure lies at a lower value than that of the bent structure. It 
implies that the energy €o which appeared in Eq. (11.19) has a lesser 
value for the linear structure and consequently the rate constant kz 
has a comparatively larger value. Thus, the formation of products is 
much quicker when the reaction coordinate involves a straight line. 
Thus, we may conclude that: 

“The rate of formation of products depends not only on e, but also 
on the orientation of molecules at the time of collision.” 

The criterion of specific orientation of molecules at the time of colli- 
Sion is taken into account by multiplying Eq. (11.19) by a constant p 
known as steric factor. The steric factor p is usually less than 1 and 
consequently predicts the reduced rate. The complete expression for 
rate of reaction is given by 


r = pZexp(— «/kT) (11.20) 


11.10 EFFECT OF CATALYST ON RATE OF REACTION 


Sometimes, the rate of a chemical reaction is very much enhanced in 
the presence of a substance, called the catalyst. One of the best exam- 
ples illustrating the increase in speed of reaction is provided by the 
reaction between oxalic acid and potassium permanganate. Take two 
conical flasks each containing 25.0 cm? of 0.1 M oxalic acid and 
10 cm? dilute sulphuric acid. Also add 1.0 cm? of 0.1 M manganese 
sulphate solution in one flask and 1.0 cm? of water in the other flask. 
Now add quickly 0.5 cm? of 0.1 M KMnO; solution in each flask and 
stir the solution. Note the flask in which the colour of KMnO, dis- 
appears quickly. It will be found that the colour of the solution con- 
taining MnSO, disappears quicker than in the other flask, This is due 
to the fact that Mn?* ions act as a catalyst for this reaction. In the 
routine titration of oxalic acid and potassium permanganate, Mn?* 
ions are produced as one of the products. Hence, the reaction automa- 
tically becomes fast once it has set in. It is for this reason, Mn?* ions 
are known as the autocatalyst in this reaction. 

Though the catalyst is involved in the reaction, it does not appear 
in the overall reaction. Thus, its concentration remains constant thro- 
ughout the chemical reaction, In fact, a catalyst goes through a cycle 
in which it is used up and regenerated so that it is used over and over 
again. The mechanism of catalytic reactions differs from reaction to 
reaction. Broadly, two types of catalysts are known, namely, homo- 
geneous catalyst and heterogeneous catalyst. A homogeneous catalyst 
exists in the same phase as the reaction whose rate it increases. Exam- 
ples include hydrolysis of an ester, saponification of an ester and 
enzyme reactions. A heterogeneous catalyst exists in a different phase 
from the reaction it catalyzes. Generally, solid surfaces act as hetero- 
geneous catalysts. Examples include decomposition of NH; on tungs- 
ten, decomposition of NO on gold and decomposition of ethyl alco- 
hol vapour on the surface of Cu. The rate of catalytic reaction is 


400. Chemistry for Class XI 


usually proportional to the concentration of the catalyst or to the area 
of the surface. 

The function of a catalyst can be best understood in terms of poten- 
tial energy versus reaction coordinate diagram, shown in Fig. 11.11. 


Potential energy —* 


Reaction path ——= 
Fig. 11.11 Lowering of activation energy in the 
presence of a catalyst 


In general, the catalyst operates by providing an alternate path for 
the reaction that has a lower energy of activation. Since E; is less than 
E, it is obvious that kr is greater than k, ie. the rate of forward 
reaction is increased. From Fig. (11.11) it is obvious that the energy 
of activation is lowered for both the forward and backward reactions 
without changing the overall enthalpy change of the reaction. Thus, a 
catalyst changes not only the rate of the forward reaction but also that 
of the backward reaction. The catalyst has no effect on the equilibrium 
constant of the reaction. Thus, the use of a catalyst can help in attain- 
ing the equilibrium position rapidly but cannot help in changing the 
relative proportion of products and reactants at equilibrium. Note that 
the use of catalysts is helpful only for the reactions which are thermo- 
dynamically feasible. For a reaction which is not feasible thermodyna- 
mically, no catalyst can be found which can help in carrying out the 
reaction. 

The actual path, i.e. mechanism of a catalytic reaction, depends on 
the types of the catalyst, i.e. whether it homogeneous or heterogene- 
ous. The homogeneous catalysis generally involves an equilibrium 
reaction between one of the reactants (known as substrate) and the 
catalyst. The catalyst is recovered in the subsequent reactions. A few 
examples of homogeneous catalytic reactions are 


1. Manufacture of SO; in the lead chamber process 


NO 
SO, + Oo; — SO; 
2. Acid hydrolysis of an ester. 


H+ 
CH;COOCH; + H;O = CH,;COOH + CHOH 
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3. Enzyme Reactions The mechanism involved here can be repre- 
sented as 


E sis S - ES 

(enzyme) (substrate) ^ (complex) 

ES—— E + P 

(product) 
Enzymes are essentially proteins which are responsible for catalysing 
reactions which occur in living matter. They function best at about body 
temperature (œ 37 °C), rapidly becoming inactive if the temperature 
rises above 50-60 °C owing to partial breakdown of their structures. 
The action of enzyme is highly specific. This specificity is commonly 
represented by the lock-and-key arrangement. Just as a key can close 
or open only one type of lock, an enzyme can react with only one 
type of substrate to form a complex and subsequently release the 
enzyme and the products. This relationship is generally represented as 
shown in Fig. 11.12. A few example are: 
diastase maltase zymase 
Starch ———> maltose ——-—- glucose ——— alcohol + CO; 


invertase zymase 
Cane sugar ——— invert sugar ——— alcohol + CO; 
+ HiO 


3 D Z 
LZ A 
E S ES Exar 
(i) (ii) (iii) 
Fig. 11.12 Lock-and-key relationship of an enzyme and 
the substrate; (i) before reaction, (ii) enzyme-substrate 
complex, and (iii) after reaction is over 
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the catalyst. The catalytic effect has been explained on the basis of 
adsorption of reactants on the active sites available at the surface of 
the catalyst. Invariably, the adsorption is of chemisorption type where 
the adsorbed molecules are held to the surface by valence forces. This, 
in turn, weakens some of the bonds within the molecule and thereby 
the molecules gets activated and its reactivity is enhanced. For exam- 
ple, platinum catalyst which is used in many reactions involving 
hydrogen involves the adsorption of the hydrogen molecule on the 
surface of the metal which weakens the bond hclding the two hydro- 
gen atoms together. This facilitates the cleavage of that bond and 
thus accelerates the rate of reaction. 

The adsorbed molecules are more near to the transition state and 
thus heterogeneous catalysts primarily function by lowering of acti- 
vation energy. If a reaction involves more than one substance, the 
catalytic effect has been explained on the basis that the reacting mole- 
cules are adsorbed in the neighbouring active centres which facilitate 
the intermolecular arrangement more rapidly (Fig. 11.13). 


CHg CH; CHj-CH, 
| f 
— Ni —Ni —Ni —Ni — Ni- —Ni — Ni —Ni —Ni —Ni— 
| b EB qum Ep 
Gre i. SLM Ge 


— Ni —Ni — Ni —Ni —Ni- —» - Ni —Ni —Ni —Ni — Ni — 
LN POSTE 


Fig. 11.13 Catalytic hydrogenation of ethene 


In general, the catalytic effect depends upon the surface area avail- 
able for adsorption. A solid catalyst present in the powder form is 
more effective as it has larger surface area. The catalyst may be acti- 
vated by heating to a high temperature in a vacuum. 


A few examples of heterogeneous catalysis are 


Fe:Os 
CO + H,O ——- CO, + H: 


Ni 
CH, + H,O ——> CO + 3H, 
Steam 


ZnO 
CO + 2H; — CH;0H 


Pt 
N, + 3H; —> 2NH; 
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Problem 11.4 Calculate the factor by which the surface area is in- 
creased when spherical particles of 0.1 mm diameter are ground to 
spherical particles of 0.025 mm diameter. 

For spherical particles, the volume is (4/3) vr?. Thus, the volume 
of a spherical particle of diameter 0.1 mm (radius 0.05 mm) is (4/3) 
(0.05 mm)’. Now this much volume is ground to give smaller spheri- 
cal particles of diameter 0.025 mm (radius — 0.0125 mm). The volume 
of this smaller particle is (4/3)7(0.0125 mm)’. The number of smaller 
particles formed will be 


(4/3) = (0.05 mm)? 
(4/3) 7 (0.0125 mm) 


Now the surface area of a spherical particle is 47r?, 
Hence, 


=4= 64 


Total surface area of ground particles 
= 64 [47 (0.0125 mm)?] 
Surface area of the bigger spherical particles 
= 4m (0.05 mm} 
On grinding, the surface area is increased by a factor of 


64 [47 (0.0125 mm)?] Oy 
47 (0.05 mm 


11.11 DYNAMICITY OF CHEMICAL EQUILIBRIUM 


As described in Unit 9, the rate expressions also help in establishing 
the equilibrium constant of a reaction at equilibrium. At this stage, 
the rate of forward reaction becomes equal to that of backward reac- 
tion. If the forward and backward reactions are considered to be ele- 
mentary steps, then one can write the rate expression directly from 
the stoichiometric coefficients of the substances involved in the reac- 
tion at equilibrium. Sometimes, a reaction may involve more than one 
elementary reaction, each existing at equilibrium. In such a case, the 
equilibrium constant of the overall reaction is equal to the product 
of equilibrium constants of its elementary reactions. The net result is 
the same as if the rate expressions for forward and backward reactions 
are written from the overall reaction with the order of each substance 
equal to the corresponding stoichiometric coefficient as it appears in 
the overall balanced reaction. 

To illustrate the above facts, we may take the example of the re- 
action 


2NO, + F; = 2NO;F (11.21) 
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This reaction involves the following elementary steps. 


k 

NO; + F, = NO;F + F (a) 
ks 

F + NO, = NO;F (b) 
-s 


Writing the individual expressions for equilibrium constant, we get 


Reaction 1 rate of forward reaction = rate of backward reaction 
kı [NO;] [E;] S ka [NO;F] [F] 


_ ki _ [NO;FI[F] 
9 Ka = E 7 [NOJMEI ua 


Reaction 2. rate of forward reaction = rate of backward reaction 


k, [F] [NO;] = k- [NO;F] 


2d [NOF] 
s Kea = 7 [FINO] Me 
Multiplying Eqs. (11.22) and (11.23), we get 
k 
Kea = Kogi Keoz = ce 
_ INO;FF 
[NOF [F2] 


This is the expression, which can be obtained directly from Eq. 
(11.21). 


EXERCISES 


1. What do you understand by thermodynamic and kinetic stabilities of a 
substance? Explain with suitable examples. 
2. What do you understand by the terms rate equation, rate constant and 


order of reaction? Explain with suitable examples. Show that the unit of 
rate constant is (mol dm^?)'-* s-! where « is the order of the reaction. 


3. Explain, why one cannot write the theoretical expression for the rate 
equation from the over-all stoichiometric equation of chemical reaction. 

4. What do you understand by elementary reactions? Classify them on the 
basis of the number of molecules involved. 


5. Distinguish between the average rate of reaction and instantaneous rate 
of reaction by taking a hypothetical reaction A —-» B. 


10. 


11. 


13, 


14, 
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. What is the difference between the rate of change in concentration of a 


substance involved in a reaction and the rate of reaction? Explain this 
by taking an example of the reaction 2A —> B + C. 


. How does the rate of a reaction get affected by (a) changing the concen- 


tration of reacting substances, (b) increasing the temperature, and (c) in- 
creasing the fineness of reacting substances? 


. What do you understand by the term energy of activation? Explain what 


effect it has on the rate of reaction. 


. Draw schematical diagrams of potential energy variation versus reaction 


Coordinate for an (a) exothermic reaction and (b) endothermic reaction. 
Label the activation energies involved in each of these diagrams. 


Comment upon the following: 

(a) Thermodynamic principles can help in predicting the feasibility of a 
reaction but not the time the reaction will require for completion. 

(b) Elementary processes with molecularity greater than three are not 
known. 

(c) Order of a reaction cannot be predicted from its equation. 

(d) Order of an elementary step is always equal to its molecularity. 


(a) What effect does temperature have on the rate of chemical reactions? 
(b) Arrhenius equation is 
k = A exp(— Ex/RT) 


Explain the terms A and Ea involved in the above reaction. 
What type of graph do you expect between log K and 1/7? What is 
its slope? 


(c 


2 


. (a) What is the effect of a catalyst on AH? and AG? of a reaction? 


(b) What do you understand by homogeneous and heterogeneous cata- 
lysts? 

(c) Show by drawing a potential energy diagram that the catalyst lowers 
the activation energy of a reaction. 

(d) How do homogeneous and heterogeneous catalysts act? 


(a) For a hypothetical reaction 
5A + 8B — 6C + 12D 


set up the rate expression in terms of disappearance of A and B and 
appearance of C and D. Given that the reaction is first order with 
respect to each of A and B. 

(b) For the reaction given in part (a), the following equalities have been 
established. What are the relations between various k ? 


—1d[A] . LdiB| 1 diC] 1 dD) 


k dt BEAT AE Ride oe ae 
For each of the following reactions, express the rate of change of con- 
centration of the given reactant or product in terms of the rate of change 
of concentration of the other reactants or products in that reaction. 
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15. 


16, 


17. 


18. 


(a) N: + 3H, = 2NH; Z2. 
(b) H: + 50: # H.O oO} 1 
© HO, -2Ht43P —À ;+2n0 -ay 


In an experimental study of a reaction in solution between two com- 
pounds A and B, the following information was obtained for the initial 
rate of the reaction: 


Initial rate Initial concentrations 

ro/mol dm-? s^! [A]/mol dm-* [B]/mol dm~? 
1.0 x 10-1 7 10 x 107 1.2 x 1071 
4.0 x 10-4 2.0 x 107 1.2 x 107 


8.0 x 10-¢ 2,0 x 10-! 2.4 x 1071 


What is the order of the reaction with respect to 
(i) the reactant A, and (ii) the reactant B? 
Nitramide decomposes slowly in aqueous solution according to the re- 
action 
O;NNH:; —- N:O + H:O 
It proceeds through the following elementary steps. 
O:NNH: + O;NNH- + H+ (fast equilibrium) 
O;NNH- —~ N:0 + OH- (slow) 
H+ + OH- —> H,O (fast) 
Which of the elementary steps determine the rate of decomposition of 
nitramide? 
The reaction 
N,0; —> 2NO: + 10, 
is first order with respect to N,O;. What will be its order when the reac- 
tion is expressed as follows? 
2N:0; —- 4NO: + Os 
What effect do the above two ways of writing the reaction have on the 
rate of reaction and its rate constant? 


(a) Show that the Arrhenius equation can be written as 


tog ttm ea 
£ k T 2303R\T~ Ta 
(b) The rate constant of a reaction becomes double by increasing temper- 


ature from 290 K to 300 K. Calculate its energy of activation. 
(Ans. 50.14 kJ) 
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Multiple-Choice Questions 


Tick (v) the correct choice. 


1. Which of the following stands true for order of a reaction? 
(a) It is equal to the sum of the exponents of the molar concentrations 
of the reactants in the rate equation 
(b) It is always a whole number 
(c) It is never zero 
(d) It isa theoretical concept which depends on the rate-determining 
step in the reaction mechanism. 


2. The reaction 2N,O; —-* 2NO, + Oz is a first-order reaction with re- 
spect to N:O;. The unit of rate constant is 


(a) dm" mol-? st (b) dm-? mol s 
(c) dm? mol-* s-* (d) s~ 


3. In a reaction, 2A, + B -———* AB, the reactant A will disappear at 
(a) half the rate that B will decrease 
(b) the same rate that B will decrease 
(c) twice the rate that B will decrease 
(d) the same rate that A:B will form. 


4. A catalyst is a substance 

(a) which increases the rate of forward reaction and increases the 
equilibrium concentration of products 

(b) which decreases the rate of backward reaction and increases the 
equilibrium concentration of products 

(c) which changes the equilibrium constant of a reaction in favour of 
more products 

(d) which increases the rates of forward and backward reactions. without 
atfecting the equilibrium constant. 


5. Fora reaction, A —— B, itis found that the rate of the reaction in- 
creases by a factor of 8 when the concentration of A is doubled. The . 


reaction is 
(a) 4th order (b) 3rd order 
(c) 2nd order (d) 1st order 
6. The reaction 2A —> D + E involves the following mechanism 
A—B , (fast) 
B —>C (slow) 


A+C—+D+E 


the rate expression would be 
(a) k [A] [B] (b) k [B] [C] 
(c) k [B] * (d) k [A] [B] IC] 
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7. The rate constant of a reaction depends ori 
(a) the concentrations of reacting species 
(b) the temperature of the system 
(c) the pressure of the system 
(d) the concentrations of reactants as well as products. 


8. During the course of a chemical reaction, the rate of a reaction 


(a) remains constant throughout 

(b) increases as the reaction proceeds 

(c) decreases as the reaction proceeds 
(d) first increases followed by a decrease 


9, The role of a catalyst in a chemical reaction is to change 
(a) the heat of the reaction 
(b) the final products 
(c) the activation energy 
(d) the equilibrium constant 
10. The activation energy in a chemical reaction is defined as 
(a) the difference in energies of reactants and products 
(b) the sum of energies of reactants and products 
(c) the difference in energy of intermediate complex and the average 
energy of reactants and products 
(d) the difference in energy of intermediate complex and the average 
energy of reactants. 


Answers (Multiple-Choice Questions) 


1. (2) 2. (d) 3. (c) 4. (d) 5. (b) 
6. (c) 7. (b) 8. (c) 9. (c) 10. (d) 


“ 
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Chemistry of Nonmetals—l 


Objectives O Preparation, Properties, Uses and Structural Aspects of Selected 
Nonmetals; Hydrogen, Boron, Carbon, Silicon, Nitrogen and Phosphorus 
O Borates © Silicates O Oxides and Oxyacids of Nitrogen O Nitric Acid O 
Fertilizers 


In Unit 5, we learnt about chemical families, their periodic properties 
and some of their general characteristics. In this Unit, we shall discuss 
some elements, their preparation, properties, uses and structural 
aspects. The elements selected are all nonmetals, namely, hydrogen 
- (group 1), boron (group 13), carbon and silicon (both of group 14), 
and nitrogen and phosphorus (both of group 15). Some of their impor- 
tant compounds like borates, silicates, oxides and oxyacids of both 
nitrogen and phosphorus, and fertilizers have been dealt in more 
detail. Most of these compounds have many useful applications. 


12.1 HYDROGEN 


Position in the Periodic Table 


Hydrogen is the lightest, smallest and the first element of the periodic 
table. Its electronic configuration (1s!) is the simplest of all the ele- 


«^ à & 
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ments. It occupies a unique position in the periodic table. In its 
properties, it behaves like alkali metals as well as halogens. In the 
periodic table, it is placed at the top of the alkali metals. 

Hydrogen can lose its only electron to form a hydrogen ion (H+) in 
which case it resembles alkali metals (M) which yield’ M* ions. It can 
also gain one electron to form the hydride ion (H-) similar to halogens 
(X) forming halide ions (X~) as shown in Fig. 12.2. Thus hydrogen is 
unique and anomalous in being similar to two different groups of 
elements. Let us now examine these similarities in more detail. 


Loses le^. 


Gains le^ 


(Like X) H- H* (Like M) 


Fig. 12.2 Dual behaviour of hydrogen 


Similarities to Alkali Metals 
Like alkali metals, hydrogen also has one electron in its outermost 
valence orbital (Table 12.1). 


Table 12.1 Electronic configuration of hydrogens and alkali metals. 


Element Electronic configuration 
H 1s! 
Li Ist, 2s! 
Na 1s*, 2s'2p*, 3s! 
K 1s*, 2s?2p', 3s?3p*, 4s! 
Rb 1s?, 2s!2p*, 3s?3p'3d!e, 4s'4p', 5s! 
Cs 1s*, 2s°2p°, 3s?3p3d!e, 4s*4p*4d*, Ss'Sp*, 6s* 


As has been pointed out earlier, hydrogen can lose its valence electron 
to form a H* ion similar to alkali metal ions, M*. 


Heu ET 
M——M*4e- 

Hydrogen is monovalent and electropositive in character like alkali 
metals. It combines with electronegative elements like oxygen, sulphur 
and halogens forming compounds (H20, H;S and HX) similar to those 
formed by alkali metals (M;O, M;S and MX). 


In the electrolysis of electrovalent compounds of hydrogen or those 
of alkali metals, the element hydrogen or alkali metal is liberated at 
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the cathode. For example, when HCl or NaCl is electrolysed, hydrogen 
gas or metallic sodium is formed at the cathode showing thereby the 
similarity of the two elements. 


HCI —— H* + CI- 

2H* + 2e" —-> H; (at cathode) 
NaCl —-> Na* + Ci- 

Nat -+ e~ —— Na (at cathode) 


Similarities to halogens 


Hydrogen is one electron short, in its orbit, of the stable configuration 
of the noble gas helium (Table 12.2). In halogens, too, the outermost 
orvital contains one electron less than the maximum number of elec- 
trons that can be accommodated. Hydrogen can, thus, gain one elec- 
tron to form H- ion as the halogens do, forming X^ ions. 


H + e7 ——- H- (Hydride ion) 
X + e —— X` (Halide ion) 


Table 12.2 Electronic configurations of hydrogen 


and halogens. 
Element Electronic configuration 
H 1 
F 2:10, 
Cl 2, 8, 7 
Br 2, 8,.18,. 7 
I 2, 8, 18, 18, 7 


With electropositive alkali and alkaline earth metals (Li, Na, Ca, 
etc), hydrogen forms compounds like LitH-, Na*H-, Ca^(H-), 
etc. similar to halogens forming Li+Cl-, Na*CI^, Ca?+(CI-),, etc. On 
being electrolysed, these hydrides yield hydrogen or halogen at the 
anode showing the similarity between the two. 

The ionization energies of hydrogen and halogens are comparable 
while those of alkali metals are very low (Fig. 12.3). Hydrogen is 
similar to halogens in being a nonmetal, a bad conductor of heat and | 
electricity and diatomic (H;). The diatomic H; molecule, we shall 
refer to as dihydrogen in order to distinguish it from the hydrogen 
atom. 

It forms covalent compounds like those, formed by halogens, For 
example, hydrogen forms CHy, SiH,; etc. similar to chlorine forming 


H 
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CCL, SiCl4, etc. The hydrogen compounds, NH; and PH; are similar 
to NCI; and PCI; (halogen compounds). 


E! 
J mot 
E 

o 

o 

eo 


9 mv 
o o 
o o6 
= 


lonization energ y/k 
LJ 


Atomic number 


Fig. 12.3 First ionization energies of hydrogen, halogens 
and alkali metals 


In covalent compounds, hydrogen and halogens are interchangeable 
showing their similarity. For example, in methane, hydrogen can be 
successively replaced by chlorine. Also, in methyl chloride, chlorine 
can be replaced by hydrogen. 


+Ch, -HCl +Ch, —HCl 
CH, wusecr Smeal 0) 3 Noy) OR >+ CH,Cl, 
Methane +H, —HCl Methyl Methylene 
chloride chloride 
se —HG 
T Ch, —HCl 
Ceh «————— CHCl; 
Carbon Chloroform 
tetra- 
chloride | 


Occurrence 


Hydrogen constitutes 0.97; by mass of the earth's crust and is 
placed ninth in order of abundance. It is present in water (H20), hydro- 
carbons, organic matter, coal petroleum, clay, etc. 

The planets Jupiter and Saturn contain mostly hydrogen. The sun 


provides enormous energy because of the fusion of hydrogen nuclei 
taking place there. 


Isotopes of Hydrogen 


Ordinary hydrogen exists in three isotopic forms (Fig. 12.4) with mass 
numbers 1, 2 and 3. The isotopes exhibit similar properties (because 
they all contain one proton and one electron each, i.e. the same elec- 
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Hydrogen Deuterium Tritium 
(iH) (1H or D) (3H or T) 
Mass No.1 Mass No. 2 Mass No, 3 
Abundance Abundance Abundance 
99:984% 0:016% 1atom per 10'° 
atoms of 
hydrogen 


Fig. 12.4 Isotopes of hydrogen 


tronic configuration) but differ in physical properties (because of the 
difference in mass number). In general, hydrogen with mass number 1 
(also called protium) undergoes reactions more rapidly than heavy 
hydrogen (also called deuterium, D). The third isotope with mass 
number 3 is called tritium (T) and is radioactive. Some physical pro- 
perties of the three isotopes are given in Table 12.3. The difference in 
physical properties and reaction rates of the isotopes is made use of 
in their separation from each other. 


Table 12.3 Physical properties of Hs, D: and Ts. 


Property Ha D: Ta 
Molecular mass, m/amu 2.016 4.028 6.016 
Melting point, 7/K 13.9 18.7 20.6 
Boiling point, 7/K 20.4 23.7 25.0 
Enthalpy of fusion, AHrus/kJ mol-* — 0.117 0.197 0.250 
Enthalpy of vaporization, 

AHvyap/k] mol-! 0.904 1.226 1.393 
Bond enthalpy, «/kJ mol? 

at 298.2 K 435.9 443.4 446.9 


Internuclear distance, r/pm 74.14 74.14 (74.14) 


Deuterium is invariably prepared by the electrolysis of heavy water, 
D,0, when deuterium is collected at the cathode. Heavy water itself is 
manufactured on a large scale by the electrolytic enrichment of normal 
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water. The most important use of heavy water is in the nuclear reac- 
torsasa coolant and moderator to slow down the high energy neut- 
rons. Since it undergoes exchange reactions, heavy water finds use as 
atracer to study metabolic processes and chemical reactions. In our 
country, heavy water is being manufactured in Tuticorin (Tamil Nadu), 
Baroda (Gujarat), Kota (Rajasthan) and Thal (Maharashtra). 


Preparation of Dihydrogen 
Dihydrogen is prepared by a number of methods from its compounds 
like water, acids and alkalis. 


From Water 


1. By electrolysis Water is made a good conductor of electricity 
by adding to it a small quantity of dilute sulphuric acid or an alkali. 
It is then electrolysed using suitable electrodes (platinum or nickel) and 
dihydrogen is evolved at the cathode, and dioxygen at the anode. 


2. By the action of water on certain active metals Alkali metals (Li, 
Na, K, etc.) decompose water at ordinary temperature. 


2Na + 2H;0 —— 2NaOH + H; 
Certain less reactive metals such as Mg, Zn, etc. decompose hot 
water and dihydrogen gas is evolved. 
Mg + H,O — MgO + H, 


Some even less reactive metals such as Fe, Co, Mn, etc. at red heat 
temperature, decompose steam to liberate dihydrogen. 
3Fe + 4H,0 —— Fe,0, + 4H, 


3. By the action of water on nonmetals Red hot coke decomposes 
steam to form dihydrogen and carbon monoxide. 


1270 K 
C + H,O —> H;-- CO 


The mixture of dihydrogen and carbon monoxide is called water gas. 
Dihydrogen is also liberated by the action of steam on hydro- 
carbons. » 


1170 K 
C, H»a5 H nHO ———- nCO + (2n + 1)H; 
catalyst 


4. By the action of water on metal hydrides The hydrides of alkali 
and alkaline earth metals readily liberate dihydrogen when dissolved 
in water. 


CaH, + 2H;0 ——> Ca(OH), + 2H; 
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From Acids 


Metals like Ni, Co, Fe, Mn, AI, etc. which lie below hydrogen in the 
electrochemical series (standard potential less than zero), have strong 
tendencies to form dihydrogen on their reaction with acids. 


Zn + H,SO,—-> ZnSO, + H, 
Cd + H,SO, —— CdSO, + H, 


From Alkalis 


Metals like Sn, Al, Zn, etc. react with alkalis to liberate dihydrogen 
from alkalis. 


Sn + 2NaOH —— Na,SnO, + H, 
2Al + 2NaOH + 2H;0 —- 2NaAIO; + 3H; 
Zn + 2NaOH —— Na;ZnO, + H, 


As a By-Product 


A very large quantity of dihydrogen is obtained as a by-product 
during the manufacture of NaOH from NaCl 


NaCl = Nat + CI- 


2HOH + 2e" —> H; + pe PUR 
Na+ + OH“ —+ NaOH 


2CI- — 2e* —— Cl, At anode 


Properties and Reactions of Dihydrogen 


Dihydrogen is a colourless, tasteless and odourless gas. It has very low 
solubility in water and is inflammable. Some of its physical properties 
are given in Table 12.3. 

Dihydrogen is relatively inactive (because of high bond enthalpy, 
435.94 kJ mol-!) at ordinary temperature but quite reactive at high 
temperature or in the presence of catalysts. Under appropriate con- 
ditions, it reacts with almost all elements except the noble gases. Some 
of its typical reactions are summarized in Fig. 12.5. Besides forming 
covalent hydrides (NH3, H,O, etc.), and salt-like hydrids (NaH, CaH3, 
etc.) hydrogen also forms interstitial hydrides in which small 
hydrogen atoms occupy interstitial holes in the metallic lattice. The 
interstitial hydrides are formed by transition elements and they do 
not have a definite composition (nonstoichiometric). TiH;.75 ZrH;.o2 
and VH,.; are some such hydrides. 


Uses of Dihydrogen 


Dihydrogen finds many uses in industry. Some of its important applica- 
tions are given below. 
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Vegetable ghee 


Vegetable | Ni 570K; 


o 
Cu0(s) N2(g) NH,lg) 
Cuts) Catalyst, 200x10 Pa, 3 
~~ 675K 
H,O 
NaHS) Heat vacuum oe 
Br,(9) i HCLg) 


HBr (9) ^ cStalyst, 620K Moisture 


CO | Catalyst,700K 
CH30H (9) 
Methanol 

Fig. 12.5 Some reactions of dihydrogen 

1. Manufacture of ammonia Large quantities of hydrogen are used 
in the manufacture of ammonia by Haber’s process. 

2. Manufacture of methyl alcohol By the direct combination of 
hydrogen and carbon monoxide (from water gas) in the presence of 
a catalyst. 

ZnO--Cu 
CO -+ 2H; ————- CHOH 
3. Manufacture of hydrochloric acid 


4. Manufacture of synthetic petrol By heating coal and heavy oil 
with hydrogen under very high pressure in the presence of a catalyst. 


5. Manufacture of acetylene 
electric 
2C + H; —— GH, 
arc 


6. Manufacture of vegetable ghee 


7. Hydrogen fluorine flame A mixture of H, and F; is burned and 
a temperature of 4800 K is obtained. This is used for fusing high-melt- 
ing metals. 


8. Oxy-hydrogen flame A mixture of H, and O, burned in an oxy- 
hydrogen blowpipe is known as oxy-hydrogen torch. A temperature 
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as high as 3300 K is attained which is used for welding and other 
allied purposes. 
It is also used in producing limelight. 


9. In air-ships and balloons A non-inflammable mixture of hydrogen 
(15%) and helium (85%) is used nowadays for this purpose. 


10, Reducing agent A reducing atmosphere is used in furnaces for 
annealing or deoxidizing brass and other metals such as molybdenum 
and tungsten. 


Hydrogen—The Ultimate Fuel? 


Because of the ever increasing demand for fuel and energy, the conventional 
sources are getting exhausted. Hydrogen may come to our rescue in the near 
future, Researches are being carried out in many countries, including India (at 
Banaras Hindu University and Indian Institute of Technology), to make use of 
hydrogen as a fuel and an energy carrier. Here are some reasons which favour 
hydrogen as the ultimate fuel of the future. 


1. Crude oil and natural gas are available in a limited supply. Hydrogen, in 
the form of water, is abundant. 

2. Hydrogen can be readily manufactured. 

3. Hydrogen can be substituted for most fuels which are now in use. 

4. The products of combustion are either non-polluting or at least less poll- 
uting. 

5. Using hydrogen is more economical. For example, if 1 ton of coal is con- 
verted to gasoline fuel, electricity fuel, methanol fuel and hydrogen fuel, it can 
run a bus 700 km, 770 km, 830 km and 1020 km, respectively. 

6. Hydrogen is both a storage and transport energy medium that can con- 
nect the energy source to the energy consumer. 

7. Hydrogen acts as an agent through which a primary energy source (nucle- 
ar, solar) can be stored, transmitted, and utilized to fulfill the present as well as 
future energy requirements. 


12.2 BORON / 


Boron (B), aluminium (AI), gallium (Ga), indium (In) and thallium 
(Tl) belong to group 13 of the periodic table. They all have three 
electrons in their outermost valence shell (configuration nsnp!) and 
generally form compounds with +3 oxidation state. Boron, being the 
first element of the group, shows anomalous behaviour. It is a non- 
metal while others are metals. Because of its high ionization energy, 
small size and low electronegativity, it forms a large number of cova- 
lent compounds but B?*jonis not known. In covalent compounds, 
for instance BX; (where X is a halogen atom), the element boron has 
only three electron pairs and is thus two electrons short of achieving 
the stable octet configuration of a noble gas. Such compounds are 
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usually referred to as electron deficient compounds. The octet may be 
readily completed by the formation of addition compounds with donor 


Lone pair Electron deficient , 


by 2 electrons 
H X fi x 
1) M dA 
SW 


B—X ——H-N > B-x 
ST 


H x Hox 
(Lewis (Lewis (Addition 
base) acid) compound) 


molecules like ammonia. Boron compounds thus behave as Lewis acids 
and donor molecules as Lewis bases. 
Occurrence 


Boron is comparatively less abundant in the universe; it occurs to the 
extent of about 9 ppm in crustal rocks. Commercially valuable depo- 
sits of borates occur in California (USA) and Turkey. Isolated depo- 
sits are also worked in Russia, Tibet, Argentina and India (Puga 
Valley, Ladakh and Sambhar lake). The chief minerals of boron are; 


Borax, NajB4Os(OH4)]-8H;O 
Colemanite, Ca,[B;0,(OH),]}2H,0 
Kernite, Na)[B,Os(OH)]-2H;O 


Isolation 


The mineral is converted into boron trioxide, B,0, and the latter is 
reduced to elementary boron with magnesium. 


Na;[B,O;(OH)4]-8H;0 + 2HCl ——- 2NaCl + 5H,0 + 4H;BO; 
Borax Orthoboric acid 
Red heat 
2H3BO, ——- B,0; + 3H;O 
B20; + 3Mg ——— 2B + 3MgO 
The other boron compounds are also reduced to obtain elemental 
boron. 


Crystalline boron is prepared by reduction of boron trichloride with 
zinc or dihydrogen at high temperatures. 


1200K 
2BCl; + 3Zn ——— 3 ZnCl, + 2B 


1270 K 
BCl + 3H; ——-— 2B + 6HCI 


Boron hydrides or boron halides on thermal decomposition give ele- 
mental boron, 
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Powdered boron is obtained by electrolytic reduction of fused borates 
or tetrafluoroborates like KBF, in molten KCI/F at 1100 K. 


Physical Properties 


Boron is an extremely hard refractory solid of high melting point, low 
density and very low electrical conductivity. At least three allotropic 
forms of boron are known. The most stable form melts at 2453 K and 
boils at about 3925 K. Its density is 2.33 g cm ?. The element occurs 
in two isotopic forms, '°B (about 20%) and ''B (about 80%). 


Chemical Properties and Reactions 


Boron is quite inert to chemical attack at ordinary temperature. It 
reacts only with strong oxidizing agents such as fluorine and concen- 
trated HNO, at room temperature. However, at elevated temperatures, 
it combines with metals (to form borides) and nonmetals. Some of its 
typical reactions are summarized in Fig. 12.6. 


H,B0, 
Boric acid 


HNO, /H,S0, 
(conc) 


CrBn Çr BN 
Chromium Boron 
boride nitride 
Mg, B3 8203 
Magnesium Boric 
boride oxide 


H20 (steam) 


B,0,+H 
231141, Red heat 


8X; 
Boron 
trihalide 


(x=Cl, Br,D) 


Na,B0,+H, 
Sodium borate 


Fig. 12.6 Some reactions of elemental boron 


Although boron does not combine directly with hydrogen, it forms 
several hydrides called boranes. The most important of these boranes 
is the diborane, B,H,. Its structure is given in Fig. 12.7. The molecule 
has two coplanar BH, groups and the remaining two hydrogen atoms 
lie centrally between BH; groups. In the structure, four hydrogen atoms 
are denoted by H,, i.e. terminal hydrogen atoms, and two hydrogen 
atoms are denoted by Hy, i.e, bridging hydrogen atoms, The two BH» 
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groups lie in the same plane while the two bridging hydrogen atoms lie 
in a plane perpendicular to this plane. 


He 


128pm 
Fig. 12.7 Bridge-type structure of diborane, B.H,. 


Borax and Boric Acid 
Borax is the most important compound amongst borates. It occurs as 
such (refer section on occurrence) and can be prepared from the cole- 
manite deposit. The mineral is boiled with sodium carbonate solution 
and precipitated calcium carbonate is filtered off. The solution is eva- 
porated until crystals of borax separate out. 

Ca;B,O;; + 2Na,CO; ——- 2CaCO; + 2NaBO, + Na3B40; 

colemanite sodium metaborate borax 
The mother liquor containing sodium metaborate is also converted 
into borax by passing carbon dioxide through it. 

4NaBO, + CO; —-> Na;CO, + Na,B,O, 

In borax, two boron atoms are in triangular geometry and two boron 
atoms are in tetrahedral geometry (Fig. 12 8). The ion is [B;O;(OH),)- 
and the remaining eight water molecules are associated with the two 
sodium ions. Hence, the borax is formulated as Naj;[B,Os(OH);]- 8H;O. 

Several boric acids are known which are derived from boron trioxide 
with different amounts of water. The most important of these is ortho- 
boric acid (or simply boric acid), H,BO;. 

Boric acid is obtained by the action of hydrochloric acid or sulphu- 
ric acid on borax. On cooling the reaction mixture, white flakes of the 
acid are obtained. 

Na,[B,0;(OH),]-8H,O + 2HCI ——- 2NaCI + 4H3BO; + 5H;O 
Na; [B,Os(OH),]-8H50 + H,SO;—> Na,SO, + 4H5BO;4- 5H;O 
It may also be obtained by the hydrolysis of most boron compounds 
like nitrides, sulphides, etc. 
2BN + 6H,0 —-> 2H;BO; + 2NH; 


B.S; + 6H,O —-> 2H;BO, + 3,8 
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LI Sage i di 
Boric acid is a white erystalline substance, soft and soapy to touch. 
It is moderately soluble in cold water. On heating it decomposes to 


OH 


woo 0 AS 
"sd "a 
Y 
| 


Fig. 12.8 [B.O;(OH);]*- ion in borax molecule 


form metaboric acid at 375 K, tetraboric acid at 435 K and boron 
trioxide at red heat. 


375 K. 
HBO, ——— HBO, 
—H;O Metaboric acid 


435K 
4HBO, ——- H,B,0, 
—H:O Tetraboric acid 


Red heat 
H,B,0, ——- 2B,0, 
—H:O Boric oxide 
Boric acid is a very weak monobasic acid. It does not liberate hydro- 
gen ion but accepts a hydroxyl ion, i.e. it behaves as a Lewis acid. 
Boric acid contains planar BO, units which are bonded together 
through hydrogen bonds forming alayer structure (Fig. 12.9). Hydrogen 
atoms act as bridge between two oxygen atoms of different BO; units. 


Uses of Boron and its Compounds 


Boron is used in making boron-steels which are very hard and used in 
atomic reactors. Boron filaments find use in making light, composite 
materials for aircraft. 

Borax is used in the manufacture of enamels, glazes, optical glass 
and soaps. It finds use as a flux for soldering, as an antiseptic and as a 
cleaning and stiffening agent in laundry. In qualitative analysis, it 1s 
used to perform the borax bead test. 

Boric acid is used as a food preservative and in glass and enamel 
industries. Its aqueous solution is used as a mild antiseptic. 
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Boron-10 (!?B) isotope has a very high ability to absorb neutrons. 
Metal borides are, therefore, used in the nuclear industry as protective 
shields and control rods. They are also used as abrasives. Boron hydri- 


des find use as a rocket fuel. 


Fig. 12.9 Layer structure of H3BO; 


123 CARBON 


Carbon (C), silicon (Si), germanium (Ge), tin (Sn) and lead (Pb) belong 
to group 14 of the periodic table. The outermost orbital of each 
element is characterized by the electronic configuration ns^np?. The 
elements thus exhibit + 4 covalent oxidation state. The last three ele- 
ments namely germanium, tin and lead also show + 2 ionic oxidation 
state. In general, the elements show a gradual transition from non- 
metallic to metallic behaviour. Carbon is a typical nonmetal, silicon 
and ae may be regarded as semi-metals, and tin and lead are 
metals. 

Carbon differs from the rest of the elements of the group because of 
its small size, high electronegativity and nonavailability of d-orbitals. 
It has the unique characteristic of forming compounds with multiple 
bonds such as C=C, C=O, C=C, C=N, etc. It also exhibits the pro- 
perty of catenation, i.e. forming chains of identical atoms. This pro- 
perty is related to the strength of the C—C bond. The higher the bond 
enthalpy, the greater will be the tendency to form chains (C—C bond 
enthalpy 348 kJ mol !, Si—Si bond enthalpy 222 kJ mol). The cova- 
lency of carbon is limited to four because of the nonavailability of 
d-orbitals. The other elements of the group are capable of forming 
compounds in which they attain a covalency higher than four. The 
melting point and boiling point of carbon are exceptionally high as 
compared to those of silicon and other elements of the group. Some 
other important aspects of carbon and its compounds have been dealt 
with earlier in unit 7. 
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12.4 SILICON 


Silicon is the second member of its group (14) following carbon. It has 
some similarities to carbon but there are notable differences as well. 

Both silicon and carbon form tetrahedral compounds like SiH;, Si4X 
(silicon tetrahalide), CH4, CX4 (carbon tetrahalide), etc. However, 
silicon tetrahalide can be hydrolysed while carbon tetrahalide is stable. 
This is because the covalency of carbon is limited to four (nonavaila- 
bility of d-orbitals) while silicon can attain a covalency of six. 

Carbon can form stable multiple bonds such as C—O, C=C, C=C, 
CEN, etc. while silicon and other elements of this group are unable 
to do so. This is because of the increased radii of silicon and other 
elements as compared to that of carbon. In formation of carbon di- 
oxide (O=C=O), for example, p-orbitals of small carbon (radius 77 
pm) can approach p-orbitals of oxygen for an effective lateral overlap 
resulting in the 7-bond formation. Because of the increased size of sili- 
con (and other elements of the group) such a lateral overlap is not 
possible. The carbon dioxide molecule is linear and has no dipole mo- 
ment (O=C=O). For this reason intermolecular forces are very small 
and carbon dioxide is a gas at room temperature. Silicon dioxide is a 
high melting solid. In its structure, silicon and oxygen atoms are held 
together by the strong covalent forces in a continuous chain of atoms 
(Fig. 12.10). Each silicon atom is bonded to four oxygen atoms tetra- 
hedrally. Each oxygen atom is shared by two silicon atoms. 

Silicon is extensively used as a semiconductor in the present-day 
electronic industry. Its alloys such as ferrosilicon, silicon bronze, etc. 
find many applications in industry. The element as used is a deoxidizer 
in the manufacture of steel, copper, bronze, etc. The binary compound 
of silicon with carbon, SiC (called carborundum) is used as a refractory 
material and as an abrasive. Glass and cement are essentially silicates. 


ie) 
07s OOO 
9 a ? 
Fig. 12.10 Crystal structure of silicon dioxide 
Occurrence, Preparation and Properties of Silicon 


Silicon is the most abundant element in the earth’s crust after oxygen 
(Si=27.2%, O = 45.5%). It does not occur freely in nature. Due to 
its great affinity for oxygen, it occurs either as oxide (silica, SiO,) or as 
silicates like feldspar, kaolinite, mica, etc., in rocks and clays. 


424 Chemistry for Class XI 


Silicon (96-99%) is produced by the reduction of sand with coke in 
an electric arc furnace. 


SiO, + 2C — Si + 2CO 


Sand is kept in excess to prevent the accumulation of silicon carbide 
(SiC). 


2SiC + SiO; ——> 3 Si + 2CO 


Silicon, thus obtained, is used in the manufacture of its. alloys and 
silicon polymers. These polymers containing a Si—O—Si framework 
are water-repellent and heat-resistant and find many applications. 

Very pure silicon for semiconductor applications is obtained by re- 
duction of pure SiCl, or SiHCI, with pure Mg or Zn. Thermal decom- 
position of Sil, with dihydrogen is also done. Recently, high-purity 
silicon for solar cells has been produced by the reduction of NajSiF; 
with metallic sodium. 

Silicon is a hard solid with a shining metallic lustre. It melts at 1793 
K and boils at about 3550 K. It reacts with fluorine at room tempera- 
ture to form silicon tetrafluoride, SiF4. With other elements, it reacts 
= ran. temperatures. Some of its reactions are summarized in Fig. 


Silicates, Silica and Glass 


The earth's crustal rocks and their breakdown products like clays, soils 
and sands, are mostly silicates and silica. Mica, asbestos, quartz, feld- 


H? SiF, tH, 
Hydrofluosilicic acid 


Mg,Si 


H20 (steam) 


Si0,+H, Red heat 


Six, 


Na,5i 04 H? 
Fig. 12.11 Some typical reactions of silicon 
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Spars, Zeolites, etc. are some of the important silicate minerals. Basi- 
cally all the silicates and silica contain SiO} tetrahedra. They differ 
only in the way the tetrahedra are linked together. They can be classi- 
fied as given below. 


Orthosilicates 

These contain individual discrete SiO$- tetrahedra (Fig. 12.12). Phena- 
cite (Be;SiO,) and zircon(ZrSiO,) minerals provide examples of ortho- 
silicates. 


4- 


Fig. 12.12. Structure of SiOj- ion 


Pyrosilicates 

These contain discrete, Si,O$- ions and are formed when one oxygen 
atom of two SiO, tetrahedra is shared (Fig. 12. 13). Thorteveitite 
(Sc;Si;O;) is an example of the mineral containing Si,O$ ion. 


O=0 


e=Si 
Fig. 12.13 Structure of Si,0? ion 


Chain and Cyclic Silicates ` 

In these silicates two oxygen atoms per tetrahedron are shared. The 
resulting structure may be the ol type (Fig. 12.14) or the cyclic type 
(Fig. 12.15). 
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e=Si 
Fig. 12.14 Chain silicate ion, (SiOs),"" 


Fig. 12.15 Cyclic silicate ion, SisO$- 


Sheet Silicates 

These are formed by the sharing of three oxygen atoms by each tetra- 
hedron giving an infinite two-dimensional sheet of the empirical for- 
mula, (Si,0s)2”". 


Three-dimensional Silicates 
In these silicates, all the four oxygen atoms of a SiO, tetrahedron are 
shared with other tetrahedra resulting in a three-dimensional lattice. 
In case there is no replacement of silicon by other metals, the result- 
ing formula is SiO; (quartz). Feldspars,) zeolites and ultramarines also 
belong to this class. In these silicate minerals, some of the Si atoms 
are replaced by other metals. 
Silica (SiO;) occurs both in the free and combined state in nature. 
In the free state it is found in several amorphous and crystalline forms. 
Silica is extensively used in industry. It is used in the manufacture 
of glass, porcelain, sand paper, fire bricks, sandstones, etc. Silica gel 
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finds use as a desiccant and as a chromatographic support. Quartz 
(crystalline form of silica) glass is used in the manufacture of optical 
instruments, chemical apparatus, etc. 


Glass is a noncrystalline transparent supercooled mixture of silicates, 
one of which is always an alkali metal. It is not a true solid; it has no 
fixed melting point. Its composition varies with different varieties of 
glass. Ordinary glass is a mixture of sodium and calcium silicates and 
may be represented as Na,SiO;CaSiO;-4SiO,. It is obtained by heat- 
ing a mixture of sodium carbonate, calcium carbonate (or calcium 
oxide) and sand (silicon dioxide, SiO;) in a furnace at 1700-1800 K. 
The reactions taking place are: 


NaCO; + SiO; —-> Na,SiO; + CO; 
CaCO; + SiO; —-> CaSiO; + CO, 


Glass is hard but brittle in nature. On heating it gradually softens 
and is converted into a viscous liquid. Many types of glass are produc- 
ed by changing the raw materials. Coloured glasses are obtained by 
adding metal compounds to the glass mix. Small amounts of Co(II), 
Cr(II), Fe(III) and Mn(IV) compounds impart blue, green, brown and 
violet colours to glass, Hard glass is obtained by substituting K CO, in 
place of Na,CO; in the glass mix. Flint glass is a lead-potash-lime 
glass and is used for making optical devices, It has a high refractive 
index. Pyrex glass is obtained when borax or boric acid is added to the 
glass mix. It is a heat-resistant borosilicate glass and has a very low 
Coefficient of thermal expension. As it can withstand sudden changes 
of temperature, it is extensively used for making laboratory apparatus. 


12.5 NITROGEN 


Nitrogen (N), phosphorus (P), arsenic (As), antimony (Sb) and bismuth 
(Bi) are the elements of group 15 of the periodic table. The elements 
contain five electrons in their outermost shell and have the characteris- 
tic outer electron configuration zis?np?. Aiit 
The factors like small size, high electronegativity and nonavailability 
of d-orbitals are responsible for the anomalous behaviour of nitrogen 
as compared to the rest of the elements of group. Nitrogen is a gas 
and it exists as a stable diatomic molecule (N;). On the other hand, 
the remaining elements are solids and do not form stable diatomic 
molecules. Nitrogen forms compounds with multiple bonding (like 


—N =N-, SM etc.), exhibits catenation behaviour (as in 


. “QO, j 
H,N—NH,, etc), does not exceed its covalency beyond 4 (as in 
NHj ion) and its hydrogen compounds contain hydrogen bonding. 
These features distinguish nitrogen from the rest of the elements of the 
group. Because of hydrogen bonding in ammonia, the hydride shows 
Xeceptionally high melting and boiling points compared to the other 
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ides of the group, viz. PH; AsH, and SbH; (Fig. 12.16). Except 
Sg, the dier E of the group can make use of d-orbitals 
forming compounds of the type PCls, AsFs, etc. 
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Fig. 12.16 Melting and boiling points of hydrides of group 15 


Dinitrogen is the most abundant uncombined element. It comprises 
78.194 by volume of the atmosphere and is produced industrially on a 
very large scale from this source. In the combined form it is essential to 
all forms of life and constitutes about 15% by mass of proteins. Plants 
assimilate nitrogen through the following nitrogen fixation processes. 
By Lightning 
Nitrogen and oxygen present in air combine to form nitrogen oxides 
during lightning in the atmosphere. The oxides are eventually convert- 
ed into nitric acid and nitrates in the soil. These nitrates provide a 
constant source of nitrogen to the plants. 


Lightning 
N: + 0, ———— 2NO 


2NO + 0; —> 2NO; 
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4NO; + 2H,0 + O, —> 4HNO; 


2HNO;-+ CaCO; —-—> Ca(NOj)» + CO, + H,0 
(from the soil) 


By Bacteria 

Some plants like peas, beans, etc. have some nodules on their roots. 
Certain nitrogen-fixing bacteria, called symbiotic bacteria, thriving on 
these root nodules can fix atmospheric nitrogen into compounds that 
the plants can easily assimilate. 

Large amounts of atmospheric nitrogen are converted to ammonia 
by Haber's process. Also, ammonia is oxidized to nitric acid by 
Ostwald’s process. This is the industrial fixation of nitrogen. Ammonia 
and nitric acid, thus produced, are used to manufacture nitrogenous 
fertilizers for the plants. 


Preparation of Dinitrogen 


In the laboratory, dinitrogen is usually prepared by warming a solution 
containing equivalent amounts of sodium nitrite and ammonium 
chloride. 

NaNO, + NH,Cl —-> NaCl + 2H,0 + N, 

It may also be obtained by the thermal decomposition of ammonium 
dichromate, reaction of ammonia with bromine, or the reaction of 
ammonia with copper(II) oxide at high temperature. 

Heat 
(NH,),Cr,0, ——> CrO; + 4H,0 + Nz 
8NH; + 3Br, —-> 6NH,Br + N; 
2NH3+ 3CuO —-> 3Cu + 3H,0 + N; 


The most important large-scale method for the production of dini- 
trogen is the liquefaction and fractional distillation of air. Liquid air 
is a mixture of mostly liquid dinitrogen (boiling point 78 K) and liquid 
dioxygen (boiling point 90.1 K) and the difference in their boiling 
points is used to separate the gases. Liquid dinitrogen distils out first 
leaving behind liquid dioxygen. 


Properties and Reactions of Dinitrogen 


Dinitrogen is a colourless, tasteless, odourless and nontoxic gas. It is 
slightly lighter than air and has very low solubility in water (23.2 cm 
per dm? of water at 273 K and 1 x 105 Pa pressure). 

Dinitrogen is a very stable molecule with a formal triple bond 
character. 


109-8 pm 
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The bond distance and bond dissociation enthalpy are 109.8 pm and 
946 kJ mol"! respectively. Only at high temperatures does dinitrogen 
react with metals and nonmetals forming ionic and covalent com- 
pounds. Some of its reactions are summarized in Fig. 12.17. 


NH,(g) 


H,(q)| Catalyst, 200x10? Pa, 
675K 


N07—73300 -3800K Kd 
B(s) 
BN 
Ba Red heat I: 
nitride Miride 


CaC;| 1300K 


CaCN, 
Calcium cyanamide 
Fig. 12.17 Some typical reactions of dinitrogen 


Uses of Dinitrogen 


Large volumes of dinitrogen are used in the manufacture of ammonia, 
nitric acid and other nitrogenous compounds. It provides an inert 
atmosphere in certain metallurgical (iron and steel industry) and 
chemical operations. It is used in the packaging of processed foods 
and pharmaceuticals. About 10% of the dinitrogen produced is used as 
a refrigerant for various materials. 


Compounds of Nitrogen 


Ammonia 
Traces of ammonia are present in the atmosphere and are produced 
by the decay of organic matter and urine. Plants, animals, rock salts 
and mineral waters also contain small amounts of ammonium salts. 
In the laboratory, ammonia is prepared by heating an ammonium 
salt with a base. Generally, ammonium chloride is heated with slaked 
lime and the ammonia evolved is passed through quick lime (for 
drying) and collected by the downward displacement of air. It may 
also be obtained by the hydrolysis of magnesium nitride. 


Mg;N; + 6H,O —- 3Mg(OH), + 2NH; 


Chemistry of Nonmetals—I 431 


Haber’s process (Fig. 12.18) is generally employed for the large scale 
production of ammonia. The process involves the direct combination 
of dinitrogen and dihydrogen under suitable conditions. The reaction 
is reversible, exothermic and proceeds with a decrease in volume. 
Hence, in conformity with Le Chatelier’s principle, low temperature 
and high pressure should favour the formation of ammonia. In actual 
practice, an optimum temperature of about 680 K and a pressure of 


N: + 3H; = 2NH; (AH = — 924 kJ mol") 
-— NH? 
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Liquid ammonia 
Fig.912.18 JHaber's process (manufacture of ammonia) 


200 x 105 Pa are employed. The reaction is further accelerated by the 
airy of iron oxide catalyst containing small amounts of K,O and 
Al,03. 


German postage stamp shows 


Fritz Haber (1868-1934) who è 
devised a practical method 
for manufacturing ammonia : 
ftom nitrogen and hydrogen. p " x 
td ea 
BUNDESPOST 
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The cyanamide process is also used for the industrial production of 
ammonia. In this process, dinitrogen is reacted with calcium carbide at 
1470 K. The resulting product, known as nitrolim (mixture of calcium 
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cyanamide and graphite), is hydrolysed with steam under a pressure of 
3-4 x 10° Pa to obtain ammonia.  - 


CaC, + Na — CaCN; + C 
(Nitrolim) 


CaCN; + 3H,0 —-> CaCO; + 2NH; 


Ammonia is obtained as an important by-product during the manu- 
facture of coal gas. 

The colourless and pungent smelling ammonia gas can be easily 
liquefied and solidified (melting point 198.4 K, boiling point 239.7 K). 
Its molecule is trigonal pyramidal with nitrogen at the apex and is 
highly polar (Fig. 12.20). Liquid ammonia is extensively hydrogen- 


H H 


Fig. 12.20 Trigonal pyramidal and polar ammonia molecule 


bonded because of the high electronegativity of nitrogen. This addi- 
tional bonding explains the exceptionally high melting and boiling 
points of ammonia as compared to those of the other hydrides of 
group 15. Hydrogen bonding seems to be responsible for the high 
solubility of ammonia in water. The lone pair of electrons available 
on the nitrogen atom in an ammonia mo'ecule can be donated to suit- 
able acceptors resulting in the formation of complex ammines. Some 
such analytically important reactions, in which ammonia behaves as 
a Lewis base, are given below: 


Ag* + 2NH4———» [Hn *Ag*- NH,]* 


HN NS dw 
Cu’? +4NH;——> ud 
HN NH3 
HN NH; ]?* 
N 7 
Cd** +4NH Cd 
ZN 
HN NH; 
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` Ammonia and water are both hydrogen-bonded as they contain the 
highly electronegative atoms nitrogen and oxygen respectively. Like 
water, ammonia also undergoes auto-ionization: 


Auto-ionization in water 2H;O = H40* + OH™ 
Auto-ionization in ammonia 2NH; = NH} + NHz 


Because of these similarities, liquid ammonia behaves as a solvent like 
water. Sodium, potassium, barium and calcium metals dissolve in 
liquid ammonia to give coloured solutions. AgCI dissolves to form 
the diammine complex, [Ag(NH3);] Cl. 

Ammonia is used in the manufacture of nitric acid, various nitro- 
genous fertilizers and other compounds. It is also used as a refrigerant, 
in the manufacture of artificial silk and for removing grease in dry 
cleaning. 


Cr?* SN — 5 NÉ 


Oxides of Nitrogen 


In oxides of nitrogen, all the oxidation states of the element from +1 
to 4-5 are very well exhibited (Table 12.4). Nitric oxide(NO) and 
nitrogen dioxide(NO3) are important in the production of nitric acid 
and nitrate fertilizers. Nitrous oxide(N;O) is used as a propellant and 
aering agent for *whipped' ice cream. It has been used earlier as an 
anaesthetic, Mixed with acetylene, nitrous oxide is used for obtaining 
high-temperature flames in atomic absorption spectroscopy. Dinitrogen 
tetroxide(N,O,) finds use as an oxidizer in rocket fuel for space pro- 
grammes, 


? l 
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Table 12.4 Oxides of nitrogen and their molecular shapes 


Oxide Oxida- Description Molecular shape 
tion 
state 
Nitrous oxide T1 Colourless 
(dinitrogen oxide), gas, b.p.* 184.5 K N— N= 0 
NO 
Nitric oxide +2 Colourless N o 
(nitrogen monoxide), gas, b.p. 121.2 K 
NO 
1°) 0 
Dinitrogen +3 Blue solid | N Wa 
trioxide, N:Os m.p.t 172.3 K i 
Nitrogen +4 Brown gas N 
dioxide, NO: dimerizes to N,Ox oti p 
0 0 
Dinitrogen +4 Colourless liquid, \ / 
tetroxide, NsOx dissociates to NO: Vus FAN 
0 0 
0 ^ p 
Dinitrogen +5 Colourless ionic \ d 
pentoxide, NiO; solid, sublimes N He N 
at 305.6 K 7 NA 
0 0 
*b.p.-boiling point 


Tm.p.-melting point 


436 Chemistry for Class XI 


Smog 


The word ‘smog’ is coined by the combination of smoke and fog. Industrial 
towns are polluted with soot particles and sulphur dioxide originating from 
power plants burning coal or high sulphur content fuel oils and industrial oper- 
ations such as those occurring in coke plants, smelters, oil refineries and sulph- 
uric acid plants. These pollutants coupled with the morning fog, particularly in 
winter, produce what is called industrial smog. 

There is yet another kind of smog. Photochemical pollutants originate from 
aseries of complicated reactions starting with the absorption of radiation by 
nitrogen dioxide (from automobile engines or furnaces). The molecule absorbs 
sunlight in the blue and near-ultraviolet region of the spectrum and decomposes 
into nitric oxide and atomic oxygen. 


NO: + hy & NO -O 


This is followed by a series of reactions when ozone and other secondary 
pollutants like formaldehyde, acrolein and peroxyacyl nitrates (PAN) are produ- 
ced. These pollutants are very harmful since they cause bronchial irritation and 
are powerful eye irritants. The aerosols formed in these reactions contribute 
significantly to the white haze that reduces visibility. This is called photochemi- 
cal smog. 


Nitric acid 

The most important oxyacid of nitrogen is nitric acid, :HNO;. In the 
laboratory, it is generally prepared by distilling a mixture of sodium 
nitrate (or potassium nitrate) and concentrated sulphuric acid. The 
vapours of the acid produced are condensed in a cooled receiver. 


MNO, + MH,SO, ——> MHSO, + HNO; 
(where M =: Na or K) 


On a commercial scale, nitric acid is obtained by the catalytic 
oxidation of ammonia (Ostwald process). A mixture of ammonia and 
air (1: 10, vol./vol.) is heated to 1000-1100 K in the presence ofa 
platinum-rhodium catalyst when nitric oxide is obtained. The oxide is 
oxidized by air to nitrogen dioxide and the latter reacts with water to 
give nitric acid, 


Pt/Rh 
4 NH; + 50; — 4NO + 6H;0 
catalyst 


2NO + 0, ——» 2NO, 
3NO; + H,O —> 2HNO, + NO 


The nitric oxide produced (along with nitric acid) is recycled to obtain 
nitric acid. 

Nitric acid thus obtained is concentrated to 68% by distillation and 
a constant boiling point mixture is obtained. Fuming nitric acid (98%) 
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is obtained by distilling the acid with concentrated sulphuric acid. 
Further low-pressure distillation with P4O;o produced anhydrous nitric 
acid. 

Pure nitric acid is a colourless fuming liquid (melting point 231.4 K, 
boiling point 355.6 K, density 1.504 g cm™ at 298 K). It has an extre- 
mely corrosive action on skin. 

Nitric acid is a planar molecule in the gaseous phase with dimen- 
sions as shown in Fig. 12.21. 


Fig.12.21 Structure of nitric acid in gaseous phase 


Nitric acid is a very strong acid. It is almost completely ionized in 
aqueous solutions. 


HNO; + H;O = H30* + NOx 
Hydro- Nitrate 
nium ion ion 
The nitrate ion, NO; has the structure of a plane equilateral triangle 
with nitrogen at the centre. Bond lengths of each of the N—O bonds 
is 121.8 pm. The ion may be represented by the following resonance 
Structures (Fig, 12.22). 
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Fig. 12.22 Resonance structures of NO; ion 
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Concentrated nitric acid undergoes photo-decomposition and slowly 
acquires a yellow colour due to the formation of nitrogen dioxide. 
4HNO; —-> 4NO, + 2H,O + Op 


Nitric acid reacts with most metals (except noble metals like plati- 
num and gold) and the products formed depend on the electropositive 
nature of the metal, concentration of the acid and the temperature. 
For instance, a weakly electropositive metal like copper reacts with 
concentrated nitric acid to form nitrogen dioxide while nitric oxide 
is obtained with the dilute acid. 

Cu + 4HNO; ——> Cu(NO;), + 2H,0 + 2NO, 


(conc.) 


3Cu + SENO; —-» 3Cu(NO;) + 4H,0 + 2NO 


The more electropositive zinc gives nitrous oxide with dilute nitric 
acid and ammonium nitrate with very dilute acid. 


4Zn + 10 HNO, —> 4Zn (NO;) + 5H,0 + N,0 


4Zn + 10HNO, —-—- 4Zn (NO;) + 3H;0 -+ NH,NO; 
(very dil.) 
Nonmetals are oxidized to their oxides or oxyacids with concentrat- 
ed nitric acid. For example: 


C + 4HNO; —— CO; + 2H,0 + 4NO, 
P, + 20HNO; ——> 4H;PO, + 4H,0 + 20NO, 


1 
3 Ss + 6HNO; ——> H,SO, + 2H,0 + 6NO, 
I, + 10HNO; —> 2HIO; + 4H,O + 10NO, 
Todic acid 
Concentrated nitric acid (in the presence of concentrated sulphuric 
acid) is used for nitrating the organic compounds. For example, 


glycerol gives nitrolycerine (an explosive used in the manufacture of 
dynamite) and benzene is converted into nitrobenzene. 


CHOH CHONO, 
| Conc. H:S0, 

CHOH + 3HNO; —————-+ CHONO, 

CH;OH CH;ONO 

Glycerol Nitroglyceritie 


NO? 
Conc.H2S0, F 
HRNO e 
-H;0 


Benzene Nitrobenzene 
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The presence of nitrate ion is detected by the brown-ring test. A 
ferrous sulphate solution is added to an aqueous solution containing 
nitrate ions in a test tube. It is followed by carefully adding concentra- 
ted sulphuric acid through the sides of the test tube to form a separate 
layer. A brown-ring appears at the junction of the two liquids due to 
the formation of [Fe (H,O); NO}* species (Fig. 12.23). The reactions 
involved are: 


NO; + 4H?* + 3Fe?* —— 2Fe*+ + 2H,0 + NO 


Fe?+ -+ NO —-> [Fe(H,0);NOF+ 
(brown colour) 


Conc. H,S0, 


Test tube kept undisturbed 


Dark ring at the junction 
of two layers 


Nitrate solution + FeSO, 


Fig. 12.23 Brown-ring test for nitrates 


Uses of nitric acid Nitric acid is used in the manufacture of fertili- 
zers, explosives (nitroglycerine, dynamite, trinitrotoluene, etc.), artifi- 
cial silk (cellulose nitrate), perfumes, dyes and medicines. It is also used 
in pickling of stainless steel, etching of metals, purification of gold 
and silver and as an oxidizer. It is an important laboratory reagent. 


12.6 PHOSPHORUS 


Phosphorus (electronic configuration 1s? 2s? 2p* 3s? 3p?) follows 
nitrogen in group 15 of the periodic table. The two elements phos- 
phorus and nitrogen differ considerably in their reactivity because the 
former has a larger size and lower electronegativity. Moreover, 3d 
orbitals are available for bonding in phosphorus. Some of the physi- 
cal properties of the two elements are given in Table 12.5. 
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Table 12.5 Physical properties of nitrogen and phosphorus 


Property Nitrogen Phosphorus 
Atomic number 7 15 
Atomic radius, r/pm 74 110 
Electronegativity 3.0 24 
First ionization energy, J/kJ mol 1403 1012 
Melting point, T/K 63 317 
Boiling point, 7/K Tl 552 
Density, »/g cm~? 0.88 1.82 

Occurrence 


Phosphorus is the eleventh most abundant element in the earth's crust 
and it occurs there to the extent of about 1120 ppm. The element 
occurs only in the combined form as phosphates. The important 
minerals are fluoroapatite Ca; (PO,);F, chloroapatite Cas (PO,)3 CI, 
hydroxyapatite Cas(PO,); (OH) and phosphorite Ca,(PO,),. The 
deposits are widely spread all over the world. In India, we have 
phosphate rocks in Rajasthan. Phosphorus occurs in all living beings 
and the phosphate cycle is of great interest. 


Preparation and Properties 


The element phosphorus is obtained by heating the rock phosphate 
(phosphorite) or bone ash with coke and sand in an electric furnace at 
about 1700-1800 K (Fig. 12.24). The vapours are 


2Ca; (PO4), + 6SiO, -+ 10C —-> 6CaSiO; + 10CO — P4 
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Fig. 12.24 Manufacture of phosphorus, P4 
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condensed under water when white phosphorus corresponding to dis- 
crete P4 molecules is obtained., 

At least three allotropic forms of phosphorus are well-defined, These 
are white phosphorus, red phosphorus and black phosphorus. Black 
phosphorus exists in one amorphous and three crystalline forms. 

White phosphorus is a transparent waxy solid (melting point 317 K) 
with a characteristic garlic smell. It is insoluble in water but readily 
soluble in carbon disulphite. Its mole- P. : 


cular mass corresponds to the formula, 
P4. The four atoms present in the mole- 
cule are arranged at the corners of a 
tetrahedron (Fig. 12.25). 
At high temperature (> 1070 K) it 
dissociates to P; molecules. 
P, = 2P, 


Red phosphorus is prepared by heat- P.------ E 
ing white phosphorus at about 550 K 
in the absence of air for several hours. 
It is powdered and boiled with sodium 
hydroxide solution to remove any white 
variety, if present. It is a dark red pow- P 
der that sublimes when heated, in the Fig. 12.25 Structure of white 
absence;of air, to about 565 K. Chemi- ^ phosphorus  ' 
cally red phosphorus is much less reac- 
tive than the white form. It is insoluble both in water and carbon 
disulphide. It is denser than white phosphorus, has a much higher 
melting point (about 875 K) and is nontoxic. It is safer to handle this 
variety of phosphorus. It has a polymeric structure in which each P 
atom is pyramidal and tri-coordinate (Fig. 12.26). 


ED a - ie 
MD oa 


Black phosphorus is the most stable form of the element. It is more 
highly polymerized than the red variety and has a still higher density. 
It is prepared by heating white phosphorus at 475 K under very high 
pressure of 12000 x 105 Pa. Black phosphorus is semiconducting in 
nature but its electrical properties are affected by the impurities present. 
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Oxides and Oxyacids of Phosphorus 


Phosphorus trioxide (P,O,) and phosphorus pentoxide(P,O,o) are 
two well known oxides of phosphorus. The lower oxide is obtained by 
burning phosphorus in a limited supply of air. 
P, + 30; —» P40, 
The higher oxide is formed as a white solid by burning phosphorus in 
excess of air. 
P, + 50; —— P4015 
Both the oxides are acidic oxides and dissolve in water to form 
acids. Phosphorus trioxide reacts with water to give orthophosphorous 
(or simply phosphorus) acid, H;PO;. 
P,O, + 6H;O —-> 4H;PO, 
When phosphorus pentoxide reacts with water, orthophosphoric (or 
simply phosphoric) acid, HPO, is obtained as the final product. 
P4Oio + 2H;O —> 4HPO, 
Metaphosphoric acid 
2HPO; + H,O —> H4P,0; 
Pyrophosphoric acid 
H4P,0, + H,O —> 2H;PO, 
Phosphoric acid 
Phosphorus pentoxide is a Strong dehydrating agent and removes 
water from many inorganic and organic compounds. For example, 
sulphuric acid and nitric acid are dehydrated when they react with the 
pentoxide and form their corresponding anhydrides. 
2H;80, + P,0,, — 4HPO, + 280, 
4HNO, + P,Oj; —> 4HPO; + 2N50; 


In the Structure of P4O,, four P atoms lie at the corners of a tetra- 
hedron and the six oxygen atoms along the edges (Fig. 12.27). In 


Fig. 12.27 Structure of PuOc Fig. 12.28 Structure of P410: 


» 
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P4O,o, each P atom forms three bonds to oxygen atoms as in P406 and 
also an additional bond with an oxygen atom (Fig. 12.28). 


Orthophosphoric acid is prepared by the hydrolysis of phosphorus 
pentoxide. 


P40,o + 6H;0 — 4H;PO; 


It is manufactured by treating phosphorite rock with sulphuric acid 
for several hours. Insoluble calcium sulphate is filtered off. 


Ca,(PO,); + 3H,80, ——> 3CaSO, + 2H;PO, 


Orthophosphoric acid is a tribasic acid (structure shown in 
Fig. 12.29) and forms three series of salts with alkalis. Thus, the three 
sodium salts formed with sodium hydroxide are NaH ,PO,, Na,HPO, 
and Na;PO,. 


2 o 
0H HO > AN OH 
OH OH 


Orthophosphoric acid Pyrophosphoric acid 
Fig. 12.29 Structure of ortho- Fig. 12.30 Structure of pyrophosphoric 
phosphoric acid, H3PO; acid, H1P.O; 


On heating, orthophosphoric acid. gives pyrophosphoric acid and 
metaphosphoric acid. 


520K 870K 
2H;PO, ——-> H,P,0, ——-> 2HPO; 
Orthophos- Pyrophos- Metaphosphoric 
phoric acid phoric acid acid 


Pyrophosphoric acid is a tetrabasic acid. Its structure is shown in 
Fig. 12.30. 


Many interesting phosphates are known. Condensed phosphates are 
obtained when two or more PO} units join together. Thus, we have 
pyrophosphates (salts of metaphosphoric acid). Metaphosphates 
(empirical formula PO; ) can be cyclic or linear. Their structures are 
shown in Figs 12.31-12.33. 
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Orthophosphoric acid is used in the preparation of many phosphatic 
salts which are of immense use in fertilizer, pharmaceutical, detergent 
and food industries. 
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Fig. 12.33 Structure of linear metaphosphate 


Chemical Fertilizers 


Growing plants obtain most of their nutrients from the soil. Since the 
soil does not contain an inexhaustible supply of these elements, it be- 
comes exhausted of these nutrients after repeated cultivation. Thus, in 
order to make up the deficiency, nutrients in the form of chemical 
compounds are added to the soil to make it reproductive. These che- 
mical substances are called fertilizers. Nitrogen, phosphorus and potas- 
sium are the main elements which are required by the plants for their 
growth. Thus, we have: 


1. Nitrogenous fertilizers. These supply nitrogen to the soil. Some 
examples of nitrogenous fertilizers are urea, ammonium sulphate, cal- 
cium ammonium nitrate (CAN) and calcium cyananide. 


2. Phosphatic fertilizers. These supply phosphorus to the plants. 
Superphosphate of lime and triple superphosphate are examples of 
phosphatic fertilizers. 


* 3, Mixed fertilizers or NPK fertilizers. These supply all the three 
elements, namely, nitrogen (N), phosphorus (P) and potassium (K) to 
the soil and are obtained by mixing salts of the three elements. 

In our country, we have many fertilizer plants to meet our require- 
ments, Still more are needed to meet ever increasing need of these 
plant nutrients for better crops. 
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Fig. 11.34 Desulphurization section in the urea plant 
(Fertilizers and Chemicals, Travancore, Ltd.) 
(Courtesy: PIB, New Delhi) 


Ammonium sulphate At Sindri, it is manufactured by passing carbon 
dioxide into a suspension of finely ground gypsum (CaSO,-2H50) in 
water saturated with ammonia. 


2NH; + H,O + CaSO, — (NH4)550, + CaCO, | 


Urea It is manufactured by the interaction of liquid carbon dioxide 
and liquor ammonia under pressure. : 


2NH; + CO, —> NH,COONH, —> NH,CONH,+H,0 
Ammonium Urea 
carbamate 


Superphosphate of lime It is produced by the action of concentrated 
sulphuric acid on insoluble rock phosphate. $ 


Ca,(PO,),-+2H,S0,+5H,0 —— Ca(H;PO,);.H;O --2(CaSO,:2H50) 
(from phosphate Superphosphate of 
rock, insoluble) lime (soluble) 


Thus, insoluble phosphate is converted into soluble phosphate which 
can! be easily assimilated by the plants. The product obtained, 
Ca(H;PO;),-H5O + 2(CaSO,:2H,0). is used as such. 
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Fig. 12.35 A 50 kg NPK fertilizer bag being mechanically stitched 
at the bagging plant (Kandla) 
(Courtesy: PIB, New Delhi) 


_ Triple superphosphate, Ca(H;PO;);:H;O which is free from cal- 
cium sulphate can be obtained by treating phosphate minerals with 
phosphoric acid. 


Ca;(PO,), + 4H;PO, + 3H,O —- 3Ca(H;PO,);: H20 
(from phos- 
phorite rock) 


Cas(PO,);F + 7H;PO,4-5H;0 —-- 5Ca(H;PO4);H;O--HF 
Fluoroapatite 
mineral 


EXERCISES 


1. Discuss the unique position of hydrogen in the periodic table. 


2. Name the isotopes of hydrogen. Why do these differ in physical proper- 
ties but not in chemical properties? 


3. How is dihydrogen obtained on a large scale? Discuss its properties and 
uses. 


22. 


23. 
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. Why are boron trihalides called electron-deficient compounds? How is 


the octet completed in these compounds? 


. How is boron isolated from borax? Give its reactions with (a) nitrogen 


(b) oxygen, (c) halogens, (d) conc. HNO,/H,SOx and (e) fused NaOH. 


Draw the structures of diborane and borax. What is the action of hydro- 
chloric acid on borax? 


. How is orthoboric acid obtained? What is the action of heat on the 


acid? 


. Give the uses of boron and its eompounds. 

. Why does carbon differ from the other members of group 14? 

. Why is carbon dioxide a gas while silicon dioxide is a solid? 

. Why is sillicon tetrachloride hydrolysed but not carbon tetrachloride? 

. How is very pure silicon obtained for semiconductor application? Give 


some typical reactions of silicon. 
How are the silicates classified? Draw their structures. 


Define glass. How is ordinary soft glass obtained? Give its approximate 
composition. 


. What are the factors responsible for the anomalous behaviour of nitrogen 


compared to other members of the group? 


Why is the melting point of ammonia exceptionally high as compared to 
those of other hydrides of the group 15 of the periodic table? 


Outline the nitrogen fixation processes occurring in nature. 


. How is dinitrogen prepared in the laboratory and obtained ona large 


scale? Give its reactions with (a) lithium, (b) magnesium, (c) oxygen, 
(d) boron and (c) calcium carbide. 

How is ammonia manufactured by Haber's process? What are the opti- 
mum conditions to obtain its maximum yield? 


. How is ammonia obtained by cyanamide process? Draw its structure. 
. Give some analytically important reactions in which metal ions behave 


as Lewis acids and ammonia behaves as a Lewis base. 

Name the oxid2s of nitrogen. Give their oxidation states and draw their 
structures. 

How is niteiz acid obtained (a) in laboratory and (b) on a large scale? 
Draw its structure. 


. Balance the following equations: 


(a) Cu + HNO; (conc.) —> Cu(NO;), + NO; 

(b) Cu -+ HNO, (dil) —- Cu(NO,), + NO 

(© Zn + HNO, (dil) —- Zn(NOj); + N:O 

(d) Zn + HNO, (v.dil.) —> Zn(NO,), + NHiNO; 
(©) C + HNO, (cone) —> CO, + NO; 

(© I, + HNO, Conc.) —- HIO, + NO, 
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25. Describe the chemistry of the brown-ring test for nitrates. 

26. What are the uses of nitric acid? metu» 

27. How does phosphorus differ from nitrogen? 

28. How does phosphorus occur in nature? How is it obtained commercially? 

29. Draw the structures of (a) white phosphorus and (b) red phosphorus. 
Which of the two forms is more reactive? 

30, How are P,O; and P4O1 obtained? Give their reactions with water. 

31. What is the action of P4O1 on (a) conc. HNO; and (b) conc. H,SO4? 

32. Discuss the structures of P4O« and P4O;. 

33. How is orthophosphoric acid obtained? What are the products obtained 
on heating the acid? 

34. Discuss the structures of (a) orthophosphoric acid and (b) pyrophospho- 
ric acid. 

35, Draw the structures of (a) a cyclic metaphosphate and (b) a linear meta- 
phosphate. 

36. What are nitrogenous fertilizers? Give three examples of these fertilizers. 

37. How is superphosphate of lime obtained? Give its chemical formula. 

38. What are NPK fertilizers? Name one fertilizer which can supply both 
nitrogen and phosphorus to the soil. 


Multiple-Choice Questions 


1. Tritium contains 
(a) one proton and no neutron 
(b) one proton and one neutron 
(c) one proton and two neutrons 
(d) one proton and three neutron. 


2. Which of the following is called heavy hydrogen? 


(a) deuterium (b) liquid hydrogen 
(c) protium (d) tritium 

3. Which of the following is a salt-like hydride? 
(a) NH; (b) H,O 
(c) NaH (d) TiHi.7, 

4. Which of the following is an interstitial hydride? 
(a) CaH, (b) KH 
(c) VHo.c (d) HF 

5. Which of the following is an electron deficient compound? 
(a) NH; (b) NHOH 
(c) BCl; (d) HN BCl, 

6. Which of the following is the correct formula of borax? 
(a) Na,[Bs0;(OH)s]-2H,0 . (b) Na:[B4O;(OH)4]-4H.O 


(c) Na[B10;(OH)4]-6H.O (d) Na,[B10;(OH),]-8H.O 


10. 


IRE 


12. 


13; 


15. 
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Orthoboric acid is _ 

(a) monobasic (b) dibasic 

(c) tribasic (d) tetrabasic. 

Which of the following represents pyrosilicate ion? 

(a) SiOi- (b) SixO£- 

(c) (Sio? (d) Si,O5- 

Only one oxygen atom of two SiO, tetrahedra are shared in 
(a) orthosilicates (b) pyrosilicates 

(c) chain silicates (d) cyclic silicates. 

Which of the following hydrides has the highest melting point? 
(a) NH; (b) PH; 

(c) AsHs (d) SbHs 


In the reaction, N: + 3H: ^ 2NH,, the maximum yield of ammonia is 
obtained at 


(a) low temperature and low pressure 
(b) low temperature and high pressure 
(c) high temperature and low pressure 
(d) high temperature and high pressure. 


Nitrogen is in the lowest oxidation state in 

(a) nitrous oxide (b) nitric oxide 

(c) nitrogen dioxide (d) dinitrogen pentoxide. 

Highest oxidation state of nitrogen is achieved in 

(a) nitrogen dioxide (b) dinitrogen trioxide 

(c) dinitrogen tetroxide (d) dinitrogen pentoxide. 
. Which of the nitrogen oxides is obtained when copper reacts with conc. 

HNO;? 

(a) NO (b) NO, 

(c) N:O; (d) N,Os 

Orthophosphoric acid is a 

(a) monobasic acid (b) dibasic acid 

(b) tribasic acid (d) tetrabasic acid. 


Answers (Multiple-Choice Questions) 


1. ©) 2. (a) 3. (c) 4. (c) 5. (c) 
6. (d) 7. (a) 8. (b) 9. (b) 10. (a) 
11. (b) 12. (a) 13. (d) 14, (b) 15. (c) 
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Objectives General Discussion of Group 16 of the Periodic Table O Chemis- 
try of Oxygen and Sulphur O Hard Water and Soft Water O Structures of 
Water Molecule and Ice O Preparation, Properties, Uses and Structures of 
Ozone, Hydrogen Peroxide, Oxides of Sulphur, Sulphuric Acid and Sodium 
Thiosulphate O General Discussion of Halogens (Group 17) of the Periodic 
Table O Preparation, Properties, and Uses of Halogens O Hydrogen Halides O 
Interhalogens © Occurrence, Isolation and Uses of the Noble Gases O Xenon 
Fluorides 


In Unit 12, we studied the chemistry of nonmetals hydrogen (group 1), 
boron (group 13), carbon and silicon (both of group 14), and nitrogen 
and phosphorus (both of group 15). For this Unit, we have selected 
some more nonmetals, namely, oxygen and sulphur (both of group 16), 
halogens (group 17) and noble gases (group 18): 

Oxygen is an essential element for life processes. Its chemistry and 
that of its compounds make an interesting study. Water, a hydride of 
oxygen, is equally important for our existence. The element following 
oxygen in group 16 is sulphur. 

Halogens belong to group 17 of the periodic table. We shall discuss 
their position in the periodic table with special reference to the ano- 
malous behaviour of fluorine. 

Noble gases are present to the extent of about 1% in the atmo- 
s phere. For a long time, these were regarded as completely inert because 
of their stable electronic configurations. No real chemical compounds 
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of these were known before 1962. After the discovery that xenon could 
react with platinum hexafluoride, many new compounds of noble gases 
(particularly xenon fluorides) have been prepared and characterized. 


13.1 OXYGEN 


Oxygen is the first element of group 16 of the periodic table. All the 
elements of the group, namely, sulphur (S), selenium (Se), tellurium 
(Te) and polonium (Po) have the general electronic structure ns?np*. 
These elements tend to attain a noble gas configuration by gaining 
two electrons or by sharing two electrons. Oxygen is unique and exists 
as diatomic gaseous molecules (O;) while other members of the group 
are solids and have a puckered ring structure. Some of the atomic and 
molecular properties of oxygen are given below: 


Electronic configuration : 1s?2s?2p4 
Oxidation states :—-2,-1 
Atomic radius, r/pm 43 

Ionic (O?>) radius, r/pm :140 


Ionization energy, Z/kJ mol — : 1310 
Electron affinity, E/kJ mol-' : 140 


Electronegativity 53,5 
Melting point, 7/K : 54.4 
Boiling point, 7/K : 90.2 
Density, p/g cm~> at STP ; 1.429. 
Bond enthalpy e/kJ mol 2493.4 
Bond length, //pm : 120.7 


Because of its small size, high electronegativity and nonavailability 
of d-orbitals, oxygen shows anomalous behaviour. Its most important 
oxidation state is —2 (only in few compoundsit is in — 1 oxidation state) 
while other elements of the group show additional oxidation states. 
Melting and boiling points of the hydride of oxygen (ie. water) are 
much higher as compared to those of the hydrides of the other elements 
of the group (Fig. 13.1). This is because of the hydrogen bonding in 
water which, in turn, is due to the small size and high electronegativity 
of oxygen. 


Occurrence 


Oxygen is the most abundant element on earth. In addition to its pre- 
sence as free dioxygen, O; (23.15% by mass) in the atmosphere and 
dissolved in surface waters, it occurs in the combined form as water 
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Fig. 13.1 Boiling points of hydrides of oxygen and the 
other elements of group 16 of the periodic table 


and as a constituent of most rocks, soils and minerals. It constitutes 
45.5% by mass of the earth’s crust. Free dioxygen present in the 
atmosphere is of biological origin. It is generated by green-plant photo- 
synthesis from water. An oversimplified version of the reaction may 
be represented as: 
Chlorophyll, 
xH,O + nCO, -- hy ———— — nO; + (CH,0), 


enzymes 
Preparation 
Laboratory preparation of dioxygen involves thermal decomposition 
of potassium chlorate (KCIO;) or potassium permanganate (KMn0O,). 
MnO: ¢ 
2KCIO;(s), ———- 2KCI (s) + 30, (g) 
420 K 


The thermal decomposition of KCIO; is carried out in the presence of 
manganese dioxide (MnO;) catalyst which lowers the decomposition 
temperature from 700 K to 420 K. 
S 500 K 
2KMnO,(s) ——-- K;MnO,(s) + MnO,(s) + Ox(g) 


The gas may be readily obtained in the laboratory by the action of 
water on sodium peroxide 


2Na,0,(s) + 2H;O(1) —> 4NaOH(aq) + O;(g) 
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Dioxygen is obtained on a commercial scale either by the electro- 
sis of water or by the fractional distillation of liquid air. Liquid air 
consists of mostly liquid dinitrogen (boiling point 78 K) and liquid 
dioxygen (boiling point 90 K). On fractional distillation liquid dinitro- 
gen distils out first and liquid dioxygen is left behind. 


Properties and Reactions 


Dioxygen is a colourless, odourless, and tasteless gas. It is only slightly 
soluble in water. About 3 cm? of the gas at STP dissolves in 100 cm? 
water at 293 K. Solubility in salt water is still less but is sufficient to 
sustain marine and aquatic life and to destroy the organic matter in 
water bodies. 


The bond dissociation energy of dioxygen is quite high (493.4 kJ 
mol-!). Some heating is, therefore, required to initiate reactions with 
metals, nonmetals and other compounds with the exception of noble 
gases and some noble metals like gold and platinum, the dioxygen 
reacts with most metals and nonmetals. Some of its reaction are sum- 
marized in Fig. 13.2. 


H,0 


Hag) |Pt or Pd, 970K 


2n0(s) « SO) e — 20) Na,0,ls) 
Sts) 
39219) (9). X gots) 


P, Oio(s) 


Al,0,(s) 
NO(g) E 


H50(9)* CO; (9) CO;(9) 


€0,(g)+ SO;(9) 
Fig.13.2 Some typical reactions of dioxygen 


The electronic structure of oxygen :O: :O: does not show any un- 
paired electron and, therefore, it fails to account for the paramagnetic 
behaviour of the molecule. It is suggested that in the structure two 
oxygen atoms are joined by an electron-pair bond (shown by the line 
bond) and two 3-electron bonds. The 3-electron bonds have one un- 
paired electron each and account for paramagnetism. 


:0 35$ 0: 
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Uses of Dioxygen 


Dioxygen is essential to respiration and hence to life. The largest con- 
sumption of dioxygen is in the iron and steel industry where itis used 
to convert pig iron into steel. It is used in the manufacture of many 
compounds like nitric acid (by oxidation of ammonia), ethylene oxide, 
etc. Oxy-hydrogen and oxy-acetylene flames are used for welding and 
cutting the metals. Liquid dioxygen is an essential constituent of rocket 
fuels. 


Simple Oxides 


Oxides may be defined as the binary compounds of oxygen with 
another element. As most elements of the periodic table react with 
oxygen to form a variety of oxides, their properties and structural 
aspects vary widely. A simpler classification of the oxides is based on 
their acid-base character. Thus, we have acidic oxides, basic oxides, 
amphoteric oxides and neutral oxides. 

Acidic Oxides 


These oxides react with water and yield'acids. These are usually deri- 
ved from nonmetals. CO, SiO2, N;Os, NOs, P4O6, P4010, SO», SOs, 
Cl,O;, etc. are some of the examples of acidic oxides. All of them 
react with water to form ácids. 


N20; + H,O —- 2HNO; 

P409 + 6H;0 —-> 4H;PO, 

SO; + H,O ——> H,SO, 

CLO; + H,O —- 2HCIO, 
Basic Oxides 


These react with water to form bases and are usually derived from 


metals. Na;O, K,0, MgO, CaO, etc. are some of the examples of 
basic oxides. 


Na,O + H,O —> 2NaOH 
MgO + H;O —> Mg(OH), 
Amphoteric Oxides 


These oxides possess both acidic and basic properties. They react with 
acids as well as bases to form salts. SnO,, Al,O3, SiO;, ZnO, etc. are 
the examples of amphoteric oxides. 


NaOH HCI 
Na,SnO; + H,O <—— SnO, ——> SNCI, + H,O 
Sodium (amphoteric Tin (IV) 
stannate oxide) chloride 
NaOH HCI 
Na,ZnO, + H,O <—— ZnO > ZnCl, + H;O 
Sodium (amphoteric Zinc 


zincate oxide) chloride 
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Neutral Oxides 


These oxides are neither acidic nor basic. The oxides like H30, CO, 
NO, N50, etc. are neutral oxides. 


Ozone 


Another molecular form of oxygen is ozone, O;. It is very reactive and 
does not remain in the atmosphere for long at sea level. However, it is 
formed in the upper layers of atmosphere (about 20 km above the 
earth's surface) by the action of ultraviolet light on oxygen. The 
ozone layer protects the earth’s surface from an excessive concentra- 
tion of the harmful ultraviolet radiation. 

When cold, dry oxygen is subjected to a silent electric discharge in 
an ozonizer, about 1075 oxygen gets converted into ozone. 


30, = 203; AH = 142.7 kJ mol! of ozone formed. 


The silent electric discharge is used to avoid the decomposition of the 
endothermic ozone. In a sparking electric discharge, heat is produced 
which will decompose ozone. 

The two types of ozonizers used are shown in Figs 13.3 (Siemen’s 
ozonizer) and 13.4 (Brodie’s ozonizer). Siemen’s ozonizer consists of 
two coaxial glass tubes sealed at one end and coated with tin foil as 
shown. When the coatings are connected with the terminals of a power- 
ful induction coil, the oxygen gas passing through the annular space is 
subjected to silent electric discharge and becomes ozonizedjoxygen. 


Tin foil Oxygen 
- 


Ozonized 
oxygen 


[ 7 e on 


ze coil " 


Fig. 13.3 Siemen's ozonizer 


In Brodie's ozonizer, the annular space is surrounded by dilute 
sulphuric acid. Copper electrodes are dipped in the acid and are con- 
nected to an induction coil. When oxygen passes through the annular 
space, it is subjected to silent electric discharge and gets partially 
changed into ozone. 

The pale blue ozone gas can beliquified to a deep blue liquid and 
solidified to voilet black csystals. The gas has a characteristic odour 
and is harmful if its concentration exceeds 100 ppm. Itis an endother- 
mic compound and is, therefore, unstable and reactive. 
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Ozone is a strong oxidizing agent—much more powerful than mole- 
cular oxygen. It oxidizes ferrous to ferric, lead sulphide to lead 


Ozonised 
oxygen 


t= 
electrodes 


Dilute 
H350; 


Fig. 13.4 Brodie's ozonizer 


sulphate, iodide to iodine, iodine to iodic acid and potassium ferro- 
cyanide to potassium ferricyanide, 
2Fe?* + 2H+ + 0; — 2Fe** + H,O + O, 
PbS + 40; ——> PbSO, 4- 40, 
2I- + H;0 + O; — I, + 20H- + O, 
I, + 50; + H,O —— 2HIO; + 50; 
2K4Fe(CN) + Oz + H,O —— 2K;Fe (CN), + 2KOH + O; 
The reaction of ozone with iodine is used for the quantitative estima- 
tion of ozone. The iodine liberated in the reaction is titrated with 
standard thiosulphate solution. 
Ozone reacts with unsaturated organic compounds containing car- 
bon-carbon double bonds to form ozonides. These products are hydro- 
lysed to obtain aldehydes and ketones. The reaction (called ozonolysis) 


is used to locate the position of carbon-carbon double bond in the 
original unsaturated compound. For example: 
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0. 
CH3-CH;—CH 7 CH; 0,- Sega ene et Hg 
But-I-ene 0-0 
(Ozonide) 


Ax 
CHg-CHy- CH 4 OH, + HO ce CHj- CHz CHO CHO THO; 


(Ozonide) Propionaldehyde Formaldehyde 
LUN 
CH,- CHE CH-CH, 40, —— CH;- CH ira 
E 0- 
Butgén tne (Ozonide) 
Ox 
CH,- CH HCH 40 — 2CH,- CHO H0, 
od Acetaldehyde 
(Ozonide) (Ethana!) 


Mercury is partially oxidized with ozone and thereby sticks to the 
walls of the vessel in which it is contained. This is called ‘tailing’ of 
mercury and serves as a test for the presence of ozone. 


Ozone is a resonance hybrid of the following two structures: 
+6 
Gall Wi. 
4 of PA Ng 


The two oxygen-oxygen bond lengths in the molecule are identical 
and have the value 127.8 pm. This value is intermediate between the 
bond length for an oxygen-oxygen double 
bond and that for an oxygen-oxygen 
single bond. The ozone molecule is 
angular with a bond angle of about 117°. 
The scale model of ozone molecules may 
be represented as shown in Fig. 13.5. 


Fig. 13.5 Scale model of 


Uses 
. à ozone molecule 
Ozone is used for the following purposes. 


1. As a germicide and disinfectant for the purification of air in 
crowded places and for sterilizing water. 

2. As a mild bleaching agent for ivory, flour, starch, oils, etc. 

3. In the manufacture of artificial silk and synthetic camphor. 

4. In the ozonolysis reactions to determine the position of carbon- 
carbon double bond in the organic unsaturated molecules. 
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13.2 WATER AND HYDROGEN PEROXIDE 


Water is the most abundant liquid—75% of the earth’s surface is full 
of oceans, lakes and rivers. It plays a vital role in the life processes of 
plants and animals. Oceans, saline lakes and inland seas hold more 
than 97.3% of the total global water, rest is fresh water in polar ice 
and glaciers, lakes, rivers, etc. Only 0.003% of the total global water 
is available for human consumption. 

Water is the only chemical species that occurs naturally of the earth 
in all three states. namely, solid, liquid and gaseous. It is close to 
being the universal solvent; almost anything dissolves in water, at least 
to some extent. It expands on freezing, something that very few liquids 
do. It has an usually high specific heat capacity (4.177 J g^! K^!) and 
enthalpy of vaporization. Even the very liquid nature of water is 
interesting. The other comparable hydrides of nitrogen and fluorine 
(ie. ammonia, NH; and hydrogen fluoride, HF) are gaseous over all, 
or most, of the range of temperature for which water is a liquid. 


When water is cooled, its density first increases and then, below 277 K, 
decreases. When it is frozen to ice its density decreases still further to 
0.917 g cm? at 273 K. It is this unusual variation in density that makes 
aquatic life possible in cold waters. When the temperature of the 
air falls below the freezing point, the water at the surface of water- 
bodies cools first, and then, being denser than the water below it, sinks. 
Warmer water rising to the top is cooled and sinks in turn, and so on 
until all the water is at the temperature of its maximum density. When 
the surface water is cooled below this temperature, it remains on top 
(being less dense now) and eventually freezes there. The ice, being less 
dense than water, stays on the surface freezing the water-body at the 
surface. Since both ice and water are poor conductors of heat, the 
water below the ice thereafter loses its heat very slowly and the ice 
layer thickens very slowly. If the cold water and ice were denser than 
the warmer water, lakes and rivers would quickly freeze from the 
bottom up. This would have made survival impossible for aquatic 
animals and plants. 


Structure of Water Molecule and Its Aggregates 


Some of the abnormal properties of water can be explained by struc- 
tural consideration. The water molecule, HO, has an angular bent 
structure with H—O—H bond angle of 104.5? (Fig. 13.6). Oxygen is 
strongly electronegative and so its atoms pull the electrons that make 


Fig. 13.6 Bent structure of water molecule, H:O 
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up the O—H bonds toward themselves at the expense of hydrogen 
atoms. The water thereby develops a slight positive (8*) and negative 
(8^) polarity (Fig. 13.7). Consequently some head-to-tail intermolecular 
attraction, i.e. hydrogen bonding, develops resulting in the associated 


Fig. 13.7 Polar water molecule 


molecules. This bonding comes into play when a hydrogen atom takes 
up a position between two strongly electronegative atoms (Fig. 13.8). 
Hydrogen bonding is much stronger than the van der Waals attractions. 
Exceptionally higher melting and boiling points of water compared to 
those of the other hydrides of the group (H,S, H,Se, etc.), are due to 
hydrogen bonding in former. $ 


H 1 
fi door d ji Dei 
D 
i t MSc Qe 
| H-bonding: 
20 Eo: AK 
H, we pP H aa UN iQ 
e 4 hs | d Ct Ai 
| "0. 
0 e Hydrogen 
Hm O Oxygen 
Fig. 13.8 Hydrogen bonding in Fig. 13.9 Structure of ice 


water molecules 


When water freezes, its molecules get arranged in a three-dimensional 
geometric pattern (Fig. 13.9). The oxygen atoms are arranged similar 
to the carbon atoms in diamond, and the hydrogen atoms lie between 
the oxygen atoms. This arrangement gives an opportunity for the 
formation of hydrogen. bonds. between. adjacent molecules. Because 
of these bonds ice acquires an ‘open’ network character, i.e. a good 
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deal of space remains available within the structure that is not filled 
by atoms, This point is amply demonstrated by the scale model of ice 
(Fig. 13.10). Somewhat closer packing of the molecules can be achie- 
ved if they are no longer required to occupy the fixed positions of the 
network, but are free to mingle in a random way. It means that more 
molecules can be accomodated in a given volume by the disordered 
packing typical of a liquid than can be arranged in the same volume 
by the ordered pattern characteristic of ice. This explains why expan- 
sion occurs when water freezes. 


e Hydrogen 
atom 


Fig. 13.10 In ice, hydrogen atoms are located between oxygen 
atoms, and by forming hydrogen bonds with the latter bind the 
whole structure together into a huge network of atoms. 
Throughout the network there are four hydrogen atoms arrang- 
ed tetrahedrally about each oxygen atom, two oxygen atoms on 
either side of each hydrogen atom 


Physical Properties of Water 


Water is a volatile, mobile liquid with many abnormal properties, most 

of which can be attributed to its structure and the presence of extensive 

hydrogen bonding. Some properties of liquid water, as well as those 

o v we D5O and the tritium analogue TO, are summarized in 
able 13.1. 
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Table 13.1 Some physical properties of H:O, D.0 and T:0 


Physical property H:O D:0 T:0 


Molecular mass, m/amu 18.015 20.028 22.032 
Melting point, 7/K 273.2 276.8 277.5 
Boiling point, T/K 373.2 374.6 374.7 
Temperature (T/K) of maximum density 277.2 284.4 286.6 
Maximum density, 2/g cm~? 1.000 1.106 1.215 
Density, at 298 K e/g cm^? 0.997 1.104 1.214 
Ionization, constant, K/(mol dm-?)* 1.008x107*: 1,.95x10-5 6x107" 
Dielectric constant at 298 K 78.39 78.06 - 
Viscosity, 4/centipoise 0.890 1.107 — 
Solubility of NaCl at 298 K, c/g dm? 359 305 -— 
Solubility of BaCls at 298 K c/g dm * 377 289 — 


Enthalpy of formation, AH: kJ mol-* —285.9 —294.6 — 


Chemical Properties of Water 


High dielectric constant (Table 13.1) and strong solvating power make 
water an excellent solvent. In its reactions, water behaves as an acid, 
base, oxidant, reductant and versatile ligand for metal ions. Because 
of its high negative heat of formation (Table 13.1), water is highly 
stable thermally. It dissociates less than 0.02% at 1500 K. 


Pure water ionizes a little as shown below. 
2H,0(1) = H;O*(aq) + OH-(aq) 
k„ = 1.008 + 107" (mol dm™°®, at 298 K 
This shows that water can act both as an acid. and a base (H5O* and 


OH- ions are formed). It acts as an acid in the presence of a base 
stronger than itself, Thus, 


H,O(I) + NH;(ag) = NH4 (aq) + OH-(ag) 
(acid) (base) (acid) (base) 


It acts as a base in the presence of an acid stronger than itself. Thus, 


H,O(I) + HCl(aq) = H3O'(ag) + Cl'(ag) 
(base) (acid) (acid) (base) 


H50(I) + HCN(ag) = H3O*(ag) + CN (aq) 
(base) (acid) (acid) (base) 
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In addition to acid-base reactions, several other types of reactions 
such as oxidation-reduction, hydrolysis and hydrate formation, are 
also important in the chemistry of water. 

Water is reduced to dihydrogen by metals having reduction potential 
E^less than —0.41 V. Thus, sodium (E^ = —2.71 V), magnesium 
(E? = —2.37 V), iron (E° = —0.44 V), etc. all reduce water to 
dihydrogen. 


2Na(s) + 2H,0(I) — 2NaOH(aq) + H;(g) 
Mg(s) + H;0() — MgO(s) + H2(g) 
3Fe(s) + 4H,O(1) ——- Fe;0,(s) + 4H2(g) 


(steam) 
Water can be oxidized to oxygen by strong oxidizing halogens. 


2F,(g) + 2H,0(1) —-> 4H*(aq) + 4F (ag) + Ox(g) 


Sunlight 
2CL(g) + 2H,0( ————. 4HCl(aq) + O; 


Dioxygen is generated by green-plant photosynthesis from water 


Chlorophyll 
—— nH,0 + (CH50), 
enzymes 


nH5O + nCO, + hv 


| 

Compounds like calcium hydride, aluminium nitride, calcium phos- | 
phide, calcium carbide, silicon halide, etc., undergo hydrolysis with | 
water. 


CaH, + 2H;0 —-> Ca(OH), + 2H, 
AIN + 3H;0 —-> Al(OH); + NH; | 
Ca;P; + 6H,0 ——> 3Ca(OH), + 2PH; 
CaC, + 2H,0 — Ca(OH), + C;H; 
SiCl, + 4H,0 —> Si(OH), + 4HCI 


Water reacts with certain metal salts to form hydrates. These are of 
three types. | 


1. Water coordinated in a cationic complex This is the most impor- 
tant class. Water molecules are coordinated to metal ions in complex 
species. Some typical examples are provided by [Be(H,O),]SO,, 
[Mg(H,0),]Cl, [Ni(H20),J(NO3). and [Cr(H,0),JCl;. In these com- 
plexes, metal is usually in the +2 or +3 oxidation state. . 
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2. Water coordinated by hydrogen bonding to oxoanions A classic 
example is provided by CuSO,.5H;O. In this case, four water mole- 
cules are coordinated to a central Cu?* 


ion while the fifth water molecule is Mp 

hydrogen bonded to sulphate (Fig. 13.11). INS 

Not many examples are known of this 0 o 

type of hydrate. | j^ 
3. Lattice water In these hydrates, Her READ 

water molecules occupy interstitial sites in ix Cu y; 

the crystal lattice. Larger alkali metals Hp ee we - on, 


(like K, Rb or Cs) fluorides or smaller 

alkali metal (like Li or Na) chlorides from y 0 
such hydrates. KF:2H,0, KF.4H,0, « 0 o 
NaCl-2H,0, etc. are well known examples. * 


Hard and Soft Water—Water Softening ib M 
Pure water or water containing dissolved EDT er 


sodium salts easily gives lather with soap. D / 
Such a water sample is called ‘soft water’ Hoc Won; 
and is suitable for use. On the other hand, 0 0 
if the sample contains dissolved calcium Ney, 


or magnesium salts, it is hard to get a 5 , 
lather with soap (sodium stearate). This y SS 

is because of the formation of an insoluble 

scum of metal (calcium or magnesium) Fig. 13.11 Structure of 


Stearate. CuSO,.5H:O 
2C,;H3sCOONa + M?* ——> 2Na* + (C,;H34COO); M 
Sodium stearate (soluble sap) (insoluble metal stearate) 


(where M — Ca or Mg) 


This kind of water sample is called *hard water' and is not suitable 
for use. 

Hardness in water is of two types—temporary and permanent, Tem- 
porary hardness is due to the presence of bicarbonates of calcium or 
magnesium. It can be removed by boiling the water when carbonates 
formed are precipitated out. 


boil 
M(HCO;), ——> CO; + H,O + MCO; Y 
(soluble (insoluble carbonate) 
bicarbonate) 


In an alternative method, carbonates can be precipitated and subse- 
quently removed by the addition of a calculated amount of slaked 
lime (Clarke's method). 


M(HCO;), + Ca(OH), —> CaCO; + MCO; + 2H;0 
(slaked lime) 
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Permanent hardness is caused when calcium or magnesium salts 
(usually chloride or sulphate) other than bicarbonates are present. This 
type of hardness (along with temporary hardness) can be removed by 
the additon of sodium hydroxide, carbonate or sodium phosphate 
when corresponding insoluble salts of calcium and magnesium are 
formed and removed. 

M?* + 2NaOH —-> 2Na* + M(OH), 
M?* + NayCO; —— 2Na* + MCO, 
M? + (NaPO;), —— 2Na* + Na, Ca(PO;), 


Ion exchange resins are also used extensively to soften the water. In 
this method, hard water is passed through a column of artificial zeo- 
lites (complex sodium aluminosilicates, abbreviated as Na*Z-) or 
synthetic cation exchange resins (giant organic compounds with an 
acidic group attached, abbreviated as H+ R-) when Ca*+ or Mg? ions 
present in hard water are exchanged for Na* or H* ions. 

2NatZ~ + M?* —. M?+(Z-), + 2Na* 
(Zeolite) 

2H*R- + M?* —+ M?+(R-), + 2H* 
(Resin) 


To prepare de-ionized water (water without any ions, cations or 
anions) the sample may bé further passed through anion exchanger 
(Ri'OH-) when the anions (CI, SO2-, etc.) are exchanged for OH- 
ions. 

2RtOH- + SO} —> (RPSO, + 20H- 
A typical ion exchanger is shown in Fig. 13.12. 


—- 


Pure 
de-ionized 
water 


Fig. 13.12 A typical ion exchanger 
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Water is extensively used for making steam in industries. It should 
be free from chemical impurities otherwise they will be deposited 
within the boiler and corrode it. Suitable reagents may also be added 
in the boiler for cleaning and proper functioning. In some industrial 
preparations and in the laboratory, distilled or de-ionized water (using 
ion exchangers) is needed. 

Drinking water should be odourless, colourless and free from sus- 
pended impurities and bacteria. The impurities present can be coagu- 
lated, along with microorganisms, by the addition of a calculated 
amount of potash alum or aluminium sulphate. Water is then filtered 
through beds of sand and treated with chlorine (or bleaching powder) 
and fresh air under pressure to destroy the remaining bacteria. Some- 
times, ozonization (passing ozonized air through water) may also be 
carried out to kill the bacteria. 

More than 700 specific compounds, including volatile organics, syn- 
thetic organics, and organo-pesticides, many of them proven or poten- 
tially hazardous, have been identified in sources of drinking water. 
Chlorination practices, together with the widespread contamination of 
waters by chlorinated solvents from industrial sources and landfill sites 
are the main contributors to this problem. Research is being carried 
out to remove low molecular mass chlorinated species from drinking 
water by adsorption onto recently developed high silica adsorbents 
known as pentasilzeolites, These adsorbents, which attract hydrocar- 
bons but reject water, are stable in air upto temperatures as high as 
1280 K. 


Hydrogen Peroxide 


Preparation 


Hydrogen peroxide (H,O;) can be prepared in „the laboratory by 
treating sodium peroxide or barium peroxide with dilute sulphuric acid 
at 273 K. 


Na,0, + H S0, ——> Na;SO, + H20, 
BaO, + H,SO, ——> BaSO, + H20, 


On a commercial scale, it is obtained by electrolysis of dilute sul- 
phuric acid and subsequent distillation of the product (perdisulphuric 
acid) under reduced pressure. 


H,SO, —> H+ + HSO7 
2H* + 2e —> H, * (At cathode) 


2HSO; —> 2e^ + H,S,0; (At anode) 
perdisulphuric acid 


H,S,0, + 2H,0 —> 2H;S0, + H,0, 


It may also be manufactured by catalytically reducing 2-ethyl (or butyl) 
anthraquinone to corresponding quinol and oxidizing the latter with 
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oxygen. The quinóne is regenerated and the hydrogen peroxide formed 
is extracted with{water to obtain its 20% solution. 


o OH 
s R 
QUO I udo 
0 OH 


2-Alkylanthraquinone 2-Alkylanthraquinol 


(where RzC;H, or C, Hy) 


2-Alkyianthraqinone 
lregenerated) 


Physical Properties and Structure 

Pure hydrogen peroxide is a very pale blue viscous liquid (density at 
298 K, 1.44 g cm™) which freezes at 272.1 K and boils at 423.2 K 
(with decomposition), It is more hydrogen bonded than water and the 
two liquids are freely.miscible with each other. 

Structurally, hydrogen peroxide is represented by the dihydroxy! 
formula (Fig. 13.13) in which two O—H groups do not lie in the same 
plane. In the crystalline phase of the molecule, the dihedral angle redu- 
ces from 111.5° to 90.2? due to hydrogen bonding, and the O—O— 


ti 


angle expands from 94.8? to 101,9°. 


TERI ue p------. 3 
: 1 h i 
iH i I B 
1 M50pm d ( 98-8pm i 
t 147-5pm. nig?! 145-8piy. 'GQ-2^. 
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Xr Line aeos viru Joyce Mess 


Fig. 13.13 Nonplanar dihydroxyl structure of hydrogen peroxide in 
(a) gaseous phase and (b) crystalline phase 
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Reactions of Hydrogen Peroxide 
Hydrogen peroxide is a strong oxidizing agent owing to its decomposi- 
tion to dioxygen and water. 


2 H,0,(1) —> 2H,0(1) + OxX(g) 


The oxidation state of oxygen is —1 in hydrogen peroxide while it 
is zero in dioxygen. 

Hydrogen peroxide oxidizes iron(II) to iron(III), iodide to iodine, 
lead sulphide to lead sulphate, potassium ferrocyanide to potassium 
ferricyanide and manganese(II) to manganese(IV) 


2Fe?+ -+ 2H* + H0; —> 2Fe'* + 2H,0 

2I- + 2H* + H50, — I, + 2H;0 

PbS + 4H,0, —-> PbSO, + 4H,0 

2[Fe(CN)g- + 2H* + H,O; —> 2[Fe(CN)<*- + 2H,0 
Mn% + H,O, —— Mn** + 20H- 


Hydrogen peroxide also acts as a reducing agent when it is reduced 
to OH- or H;O in which the oxidation state of oxygen is —2. Thus, it 
reduces permanganate to manganese(II), iron(II) to iron(II), ferri- 
cyanide to ferrocyanide, periodate to iodate, ozone to oxygen and 
silver oxide to metallic silver. 


2Mn0; + 6H* + 5H,0, — 2Mn?+ + 8H,O + 50; 
2Fe^* + 20H- + H,O0, —-> 2Fe?+ + 2H;0 + O, 


2[Fe(CN)qP- + 20H- -+ H,0, — 2[Fe(CN)g- 
-- 28,0 +0, 


KIO, + H;0; —> KIO; + H;0 + Oz 
O; + H50, — 20, + H,O 
Ag,O + H,0, —> 2Ag + H,0 + O, 


Uses 

Hydrogen peroxide is used as a bleaching agent for hair, wool, feat- 
hers, grains, etc. Its dilute solution is used as an antiseptic and has 
medicinal value. Liquid hydrogen peroxide is used as a fuel for rock- 
ets and submarines. It forms coloured complexes with titanium, van- 
adium and chromium salts and is used for their detection. Hydrogen 
peroxide is employed as an oxidizing agent and in the preparation. of 
peroxides. Organic peroxides are very important compounds in initiat- 
ing polymerization reactions and as antiseptics, u 


468 Chemistry for Class XI 


13.3 SULPHUR 


Sulphur follows oxygen in group 16 of the periodic table. It has the 
electronic configuration 1s? 2s? 2p$ 3s? 3p*. Apart from —2 oxidation 
state, sulphur, also exhibits +2, + 4 and +6 oxidation states be- 
cause of the presence of vacant d-orbitals. 


s LÀ 
Sulphur atom in thi 
"omen MID 


s p 4 
suene — [8] UTO GET TTI 


excitation state 


s p 1 
semen nome [1] TTT HLT 
excitation state 

Fig. 13.14 Various oxidation states shown by sulphur 


Occurrence and Extraction 


Sulphur occurs both in the elementary form and in the combined state. 
The biggest deposits of the elementary sulphur are in Texas (USA). It 
also occurs in the volcanic regions of many countries. In India, we 
have small deposits in Kangra district and Himachal Pradesh. 

In the combined form, sulphur occurs in many minerals like pyrite 
(fool's gold, FeS,), galena (PbS), sphalerite (zinc blende, ZnS), cinna- 
bar (HgS), chalcopyrite (CuFeS;), realgar (As,S,), orpiment (As,S;) 
and stibnite (Sb;S;). Sulpur is an essential constituent of many natural 
products like mustard, garlic, eggs, etc. 


A natural crystal of pyrite, FeS;. Its colour and lustre are like 
gold and is nicknamed ‘fool’s gold’ 


Chemistry of Nonmetals—II 469 


Sulphur is also recovered from natural gas (which contains 15-20% 
H,S) and crude oil. 

Sulphur is extracted from underground sulphur-bearing rocks by 
three concentric pipes deep into the ground (Fig. 13.15). A stream of 
superheated water at about 440 K is forced under high pressure 
through the outer tube to melt sulphur. Compressed air is blown 
through the inner pipe which forces the liquid sulphur into a foam and 
this is brought up to the surface through the middle pipe. This sulphur 
is 99.5% pure. 


Hot compressed. 
air 


~» Sulphur 
foam 
Superheated 
water — —- 
(about 440K 


Fig.13.15 Extraction of sulphur 


Sulphur is recovered from natural gas by absorption of H5S in 
mono-ethanolamine and then converting the absorbed gas to elemental 
sulphur. In the process one-third of the H;S is burned to obtain SO;, 
water vapour and sulphur vapour. Sulphur dioxide, thus produced, 
reacts with the remaining HS in the presence of Fe,O; or Al,O; cata- 
lyst to give more of water vapour and sulphur vapour. 

low temp. 


> g9s + H,0 


HS + 40, z 
combustion 


H,S + 0; ——> SO, + H,0 
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FeO; or Al:Os 3 
DES AE. 
670K 8 


2H5S + SO; S, + 2H0 


The large quantities of sulphur produced are used in the manufacture 
of sulphuric acid and other sulphur compounds like sulphur dioxide, 
carbon disulphide, phosphorus trisulphide, calcium bisulphite, etc. 
These compounds find extensive use in industries. Sulphur is also used 
in vulcanization of rubber, in agriculture as fungicide and in medi- 
cines. 


Properties and Reactions 


Several allotropic modifications of sulphur such as rhombic sulphur 
(also called octahedral or «-sulphur), monoclinic sulphur (prismatic or 
B-sulphur), plastic sulphur (y-sulphur), colloidal sulphur, etc. are 
known. Some other cyclic modifications with 6-20 sulphur atoms per 
ring have also been synthesized. 

Rhombic sulphur is stable at room temperature and is obtained by 
evaporating a solution of roll sulphur in carbon disulphide. 

Monoclinic sulphur is stable above 369 K and passes into the rhom- 
bic form below this temperature. Both rhombic and monoclinic sulpliur 
are soluble in carbon disulphide. They have a puckered-ring structure 
of eight sulphur atoms (Fig. 13.16) differing in the symmetry. 


9/5 


S S S 
Hi v ANN 5 
Fig. 13.16 Puckered-ring structure of Ss molecule 


Plastic sulphur is obtained by pouring molten sulphur in cold water. 
The rubber like mass has no sharp melting point and is insoluble in 
carbon disulphide. 

Colloidal sulphur is obtained when hydrogen sulphide is bubbled 
through nitric acid. 


2HNO; + H5$ —— 2NO, + 2H,0 + S 
(colloidal) 


Sulphur reacts directly with most elements except noble gases, some 
noble metals, nitrogen, tellurium and iodine. Some of its typical reac- 
tions are summarized in Fig. 13.17. 

Treatment of metal sulphides with acids gives a foul smelling poison- 
ous hydrogen sulphide (HS) gas which is extensively used in qualita- 
tive analysis of metal ions. In the laboratory, it is produced by the 
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H,50, + NO, + HO 


Na,S+Na,S,0,+H,0 
Fig. 13.17 Some typical reactions of sulphur 


action of sulphuric acid on iron sul- 
phide in a Kipp’s apparatus (Fig. 
13.18). 


FeS + H;SO, — > FeSO, + H3S 


The gas may also be generated by 
heating thioacetamide solution. 


CH,CS(NH,) + 2H,0 ——> 
CH4COONH, + H,S 
Oxides of Sulphur and Sulphuric Acid 


Several oxides of sulphur are known, 
the most important being sulphur 
dioxide (SO;) and sulphur trioxide 
(S0;). 


centrated sulphuric acid on copper. 


Stop cork 


=e lS gas 


Rubber cork 


Iron sulphide 


Sulphuric acid 


Fig. 13.18 Kipp’s apparatus 
for generating H:S 


Sulphur dioxide is prepared in the laboratory by the action of con- 


Cu + 2H,S0; — CuSO, + $0; + 2H;0 
It may also be obtained by the acid decomposition of sulphites or 


bisulphites 


Na;SO; + E80, —> Na,SO, + SO, + H,O 


2NaHSO; -+ H,S0, ——> Na,SO, + 280; + 2H,0 
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On a commercial scale, the gas is obtained by burning sulphur of 
iron pyrites. 


$, + 80; — 8S0; 
4FeS, + 110, — 2Fe;0; + 8S0, 


Some natural processes like volcanic activity release sulphur dioxide 
and other sulphur compounds into the atmosphere. Large amounts of 
the gas are released as a result of coal-based or oil-fired power gene- 
ration, oil-refinery operations and several metallurgical operations 
causing severe atmospheric pollution. The gas causes damage to the 
respiratory organs of man and animals, to plants, water-streams, 
aquatic life and buildings. It is necessary to eliminate or reduce its 
concentration in the atmosphere. 

Sulphur dioxide is a pungent smelling colourless gas. It is poisonous 
and causes inflammation of the lungs. 

The gas is acidic in nature and has bleaching and disinfectant pro- 
perties. It acts both'as a reducing as well as an oxidizing agent. It 
reduces acidified permanganate solution, dichromate solution and 
iron(II) to iron(Ii), 

2MnO; + 2H;O + 580; —— 2Mn?* + 4H* + 5S0} 

Cr,037 -+ 2H* ++ 380, ——> 2Cr^* + 38077 + H,O 

2Fe*+ + SO, + 2H,0 —— 2Fe?* + SO} + 4H* 
Some reactions in which it acts as an oxidizing agent are given below: 

4K + 380, —-> K,SO; + K,S,0; 

3Fe + SO, —-> 2FeO + FeS 


Sulphur dioxide molecule has as angular shape like the water mole- 
cule [Fig. 13.19(a)]. It is regarded as a resonance hybrid of the follow- 
ing canonical forms [Fig. 13.19(b)]. 


(a) (b) 
Fig. 13.19 (a) Angular SO: molecule, (b) Resonating forms of 
SO, molecule 


Sulphur trioxide is obtained by the catalytic oxidation of sulphur 
dioxide. 


Pt or 
2SO,(g) + Og) ———-> 280,(g) AH = — 196.6 kJ 
V.0;/K:0 
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it is anhydride of sulphuric acid and may be obtained by dehydra- 
tion of the acid. 


P40:v 
H,SO, ——— SO; 
— HO 


Sulphur trioxide exists in three forms, namely, «-, B- and y-sul- 
phur trioxide. The «-form in the gas phase is monomeric and has a 
plane triangular structure (Fig. 13.20). 


0 
142pm| 


S. 


o^ 6^ "o 


Fig.13.20 Plane triangular structure of monomeric sulphur trioxide 


Sulphuric acid is the most important oxy-acid of sulphur which. 
finds extensive use in the manufacture of fertilizers, dyestuffs, plastics, 
paints, pigments, explosives and many other products. It is. manufac- 
tured by the catalytic oxidation of SO; to SO; and conversion of the 
latter to H,SO,. 

Sulphur dioxide is obtained by burning sulphur or roasting pyrites. 


S + O, — SO, 
Sulphur dioxide is oxidized catalytically to SO; with air: 
SO, + 30; = SO; AH — —95 kJ mol"! 


This reaction is slow, reversible and an exothermic process. According 
to the Le Chatelier's principle, low temperature, use of a catalyst, 
excess of air and high pressure should favour the formation of sul- 
phur trioxide. The optimum working conditions for the reaction are 
found to be: 

1. Temperature Between 675 K and 725 K. 

2. Catalyst Platinum, ferric oxide or vanadium pentoxide. These 
days vanadium pentoxide is perferred as it is much cheaper than 
platinum and is not easily poisoned. 

3. Sulphur dioxide and oxygen taken in the molecular ratio 2 : 3 
give the optimum yield. 

4. Though a high pressure favours the forward reaction, usually 
the atmospheric pressure is maintained. This saves the extra expenses 
and also the plant is less corroded at atmospheric pressure than at 
higher pressure. 

The flow diagram of the contact process which is usually employed 
for the manufacture of sulphuric acid is shown in Fig. 13.21. 

The gases obtained by burning sulphur or iron pyrites contain 
impurities like arsenious oxide, sulphur dust and acid fog which can 
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poison the catalyst. These impurities are removed in the precipitator. 
The gases are then passed through cooling pipes and are washed in a 
Scrubber by.a down-flowing stream of water. The most gases are dried 
in a drying tower by a spray of concentrated sulphuric acid coming 
down. The dried gases are passed through the arsenic purifier which 
contains shelves holding gelatinous ferric hydroxide. Arsenic oxide is 
absorbed by ferric hydroxide. The gases are then passed in a testing box 
to find whether they are free from impurities or not. In the box, a strong 
beam of Jight is passed against the gases. If any particles are present, 
they get illuminated due to the Tyndall effect. The purified gases are 
then led into a heat exchanger where they are preheated to/675-725|K by 


Heat 


Converter 
exchanger 


Water — H,SO, 


Cooling 
coit 


Pyrites 


Hi Auc Precipltator Scrubber Orying Purifier 


tower Ole F m 
Fig. 13.21 Contact process for the manufacture of sulphuric acid 


Fig. 13.22 Sulphuric acid plant (Fertilizers and Chemicals, 
Travancore, Ltd.) (Courtesy: PIB, New Delhi) 


* 


Chemistry of Nonmetals—11 475 


the hot gases from the converter. The hot gases now enter a converter 
fitted inside with iron tubes containing vanadium pentoxide catalyst. 
Here sulphur dioxide is oxidized to sulphur trioxide. The reaction is 
exothermic and the heat produced raises the temperature of the cata- 
lyst to 725 K. Once the process starts, the gases need not be heated in 
the heat exchanger but passed directly into an absorption tower. The 
gases containing mainly sulphur trioxide and nitrogen enter the absorp- 
tion tower where sulphur trioxide is absorbed by 98% sulphuric acid 
to give fuming sulphuric acid or oleum. 


H,SO, + SO; —> H;S,0; 
Sulphuric acid of desired concentration can be prepared by diluting 
the oleum with water. 
H,S,0, + H,O —> 2H,S0, 


Properties of Sulphuric Acid 


Pure sulphuric acid is a colourless, viscous liquid (density = 1.84 g 
cm-? at 288 K) which boils at about 575 K. Its high boiling point and 
viscosity are presumably:because of hydrogen bonding: 


HO 0... H—O [E] [T 
NA NA Ne 


^ M Ed > ZEN 


seH 0 O0. H—0 0... 


The chemical properties of sulphuric acid may be studied under 
the heads: 

1. Acid properties 2. Dehydrating properties 

3. Oxidizing properties 4. Miscellaneous reactions 


1. Acid properties In aqueous solution, sulphuric acid behaves as 
a strong acid. Its ionization takes place in the following two steps: 


H,SO, + H,O —> H;0* + HSOF 
HSO; + H;O = H30* + SOF 
It exhibits typical properties of an acid, SO?" ions and HSO; ions. 
It neutralizes alkalis and reacts with metals to form salts: 
NaOH + H;SO, —* NaHSO, + H;O 
2NaOH + HSO, ——> NaSO, +.2H,0 
Zn + H;SO,; ——> ZnSO, + H: 


Tts sulphate ions react with barium ions and lead ions to form the 
white precipitate of barium sulphate and lead sulphate, respectively. 


i 
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2. Dehydrating properties Tt has a strong affinity for water and is 
thus used as a dehydrating agent. It removes water from many organic 
compounds like formic acid, oxalic acid, glucose, etc. 


Conc. H:SO, 
HCOOH —————— CO 
Formic acid —H,O 
COOH Cone. H;S0. 
—————— CO + CO, 

COOH -H:O 
Oxalic acid 

Conc. H,SO4 
CH1206 —————— 6C 
Glucose —6H;O0 


This property of the acid is used in the manufacture of many impor- 
tant compounds. For example, ether is manufactured by the dehydra- 
tion of alcohol. 

Conc. H;SO, 
2C,H;0H ————_——> C,H; —O — CH; 
Ethyl alcohol —H:0 Diethyl ether 


When a mixture of chlorobenzene and trichloroacetaldehyde (chloral) 
LOS with concentrated sulphuric acid, the insecticide DDT is 
obtained: 


Conc. H2504 H e 
(Oa + CCl3CH0 ——— ———5» «(Q- Lc 
í 


e 
DDT 
The dehydrating action of sulphuric acid is used in drying the gases 


(like chlorine, sulphur dioxide, hydrogen chlorine, etc.) which do not 
treact with the acid 


3. Oxidizing properties Hot concentrated sulphuric acid acts as a 
powerful oxidizing agent. It oxidizes nonmetals like carbon, phos- 
phorus, sulphur, etc. 


C + 2H,SO, — CO, + 2SO, + 2H;0 
2P + 3H,S0, —> 2H;PO; + 380; 
S + 2H,SO, — > 3S0; + 2H,0 
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HBr, HI and H;S are oxidized to bromine, iodine and sulphur, 
respectively. 


2HX + H,SO, —> X; + SO; + 2H,0 
(where X = Br or I) 


3H,S + H,SO, — 4H,0 + 48 


4, Miscellaneous reactions Sulphuric acid reacts with nitrates and 
chlorides to form nitric acid and hydrochloric acid which are more 
volatile than itself. 


NO; + H;SO, —— HSO; + HNO, 
CI7 + H,SO, ——> HSO; + HCl 


Sulphuric acid reacts with phosphorus pentachloride when one or 
both of its hydroxyl groups are replaced by chlorine atoms. 


HO-—SO, — OH + PCl; —- HO—SO,—Cl + POCI, + HCl 
Chlorosulphonic acid 


HO-—SO,—Cl + PCl; —> CI—S0;—CI + POCI, + HCI 
Sulphuryl chloride 


Acid Rain 

Man’s impact on atmospheric chemistry is steadily increasing with progressive 
industrialization and urbanization. In the last few decades precipitation in seve- 
ral areas of the world has become increasingly more acidic. The term acid rain 
is used to describe all precipitation rain, snow, sleet, etc. that has a pH less 
than 5.6, the pH expected in pure rain is 7. 

Acid rain is produced due to increase in sulphuric acid and nitric acid aero- 
sols by fossil fuel combustion, metal smelting and industrial processes. Sulphur 
dioxide and nitrogen oxides are the two main culprits responsible for the acidic 
precipitation problem. 


50; 


Sulphur 
dioxide 


NO 
Nitric oxide’ 


The study of precipitation chemistry is a relatively new field and the under- 
standing of the phenomenon is limited. However, on the basis of available 
information, ecological effects of acid rain are far reaching, insidious, often 


« 
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irreversible and operating slowly in complex ways. In regions where acid neut- 
ralizing capacity of soils and water is low, the pH of streams and lakes have 
decreased and the metal concentration has increased. Aquatic organisms have 
been affected at all tropic levels, abundance, production and growth have been 
reduced and sensitive species have been lost. Steps are being taken to reduce 
the effects of acid rain. 


Many organic compounds are sulphonated when treated with con- 
centrated sulphuric acid. For example: 


( ) + H504 === Q-» + 120 


Tetrahedral structures of H,SO, (in vapour phase) and sulphate ion 
are shown in Fig. 13.23. 


sal (b) 


Fig. 13.23 (a) Tetrahedral structure of sulphuric acid (in 
vapour phase) (b) Tetrahedral structure of sulphate ion 


Uses of Sulphuric Acid 


It is one of the most important chemicals which is used in a large 
number of industries. Some of its uses are: 


1. In the fertilizer industry for the manufacture of ammonium sul- 
phate and superphosphate of lime. 
2. In the manufacture of dyes, drugs and disinfectants. 
3. In refining petroleum and in the coal tar industry. 
4. In paper, textile, leather and rubber industries. 
5. In the manufacture of important chemicals like hydrochloric 
acid, nitric acid, phosphoric acid, alums, sulphates, ether, etc. 
6. In storage batteries. 
7. In the manufacture of explosives like T.N.T., dynamite, nitro- 
glycerine, etc. 
8. In the manufacture of paints and pigments. 
9. In metallurgical operations. 
10. For pickling (removing the basic oxide layer) of metal surfaces 
before treatment. 
11; As a dehydrating and drying agent. 


Chemistry of Nonmetals—II 479 


12. As an important reagent in the laboratory. 

13. In the manufacture of synthetic fibres like rayon and in plastic 
industry. 

14. In the manufacture of detergents. 


Sodium Thiosulphate 


Extensively used in photography as ‘hypo’, sodium  thiosulphate 
(Na,S,0;'5H,0) is prepared in the laboratory by boiling sodium sul- 
phite solution with sulphur. 


NaSO; + i Ss —> Na,S,0; 


It is manufactured from the waste liquor of sodium sulphide which 
contains sodium salts such as sulphite, carbonate and sulphate. When 
sulphur dioxide is passed through the concentrated solution of the 
liquor, sodium thiosulphate is formed 


NaSO; + 2Na,S + 380; — 3Na,S,0; 
Na;CO, + 2Na;S + 480; —-> 3Na,S,0; + CO; 


The solution is filtered, concentrated and allowed to crystallize when 
crystals of Na;S,0,:5H;O separate out. 

Sodium thiosulphate is a colourless, crystalline solid and is extremely 
soluble in water. Thiosulphate ion is tetrabedral and its structure is 
similar to that of sulphate ion in which one of 
the oxygen atoms is replaced by sulphur (Fig. S qe 
13.24). h 

h bi A f Oipm 
Its reaction with iodine forms the basis of 
iodometric and iodimetric titrations. 
2NajS;0; + 1 —-> NajS,0, + 2Nal Be 
sodium 
tetrathionate 


ommi V—— 
M 
PS 
E 


Sodium thiosulphate is used as an ‘antichlor” Fig. 13.24, Structure 
in the textile industry to remove the excess chlo- of thiosulphate ion 
rine from fibres. 

S,02- + Cl + H,O —> SO?- + S -+ 2HC1 
It dissolves silver halides, and is used in photography for ‘fixing’. 
AgBr + 28:07 —> [Ag(S,0,).!" + Br 


13.4 HALOGENS 


The halogen family (Group 17) comprises highly reactive elements— 
fluorine, chlorine, bromine, iodine and the short-lived radioactive asta- 
tine. The name halogen is derived from Greek which means sea salts 
producer (halos = sea salts, genes = born). These elements, with the 
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exception of astatine, occur extensively in the form of salts in sea 
water and other places. 1 

The halogens are characterized by the electronic configuration of 
ns?np? (Table 13.2). They have only one electron less than the number 
present in the adjacent noble gas. Thus they show a strong tendency 
to complete the octet and acquire the stable noble gas configuration. 
This. is achieved either by taking up an electron from metals to form 
ionic compounds or by sharing an electron with nonmetals to form 
covalent compounds. 

All the halogens form diatomic molecules. They are coloured because 
they absorb light in the visible region resulting in the excitation of 
outer electrons to higher energy levels. The smaller the atom, more 
will be the energy needed for excitation. Gaseous F, molecules absorb 
high energy violet light and appear pale yellow while gaseous I; mole- 
cules absorb /ow energy yellow light and appear violet. Similarly, chlo- 
rine molecules appear greenish yellow and bromine molecules reddish- 
brown. 

The halogens show a general gradation in their properties. Their 
typical nonmetallic character gradually decreases down the group and 
iodine shows some metallic character. It has a metallic lustre and can 
exist as positive ion in ICI or ICN. 


ICI =I + CI7 
ICN = It + CN- 

As expected, atomic and ionic radii (Table 13.2), densities (Table 
13.3) and melting _and boiling points (Table 13.3) increase steadily 
from fluorine to iodine. The ionization energies (Table 13.2) and elec- 
tronegativities (Table 13.2) are very high and decrease gradually from 


fluorine to iodine. The electron affinities of the elements are very high 
(Table 13.2). 


Table 13.2 Atomic properties of the halogens 


Property F [o] Br I 
Electronic configu- [He] 2s°2p* ^ [Ne] 3s?3p* [Ar] 3d!^4s?. [Kr] 4d?°5s* 
ration 4p* 5p 
Atomic number 9 17 35 53 
Relative atomic mass 18.998 35.453 79.904 126.905 
Covalent radius r/pm 72 99 114 133 
Tonic radius, r/pm 133 184 196 220 
Electronegativity 4.0 3.0 2.8 2:5 
Tonization energy, 1681 1256 1143 1009 

I|kJ mol-* 
Electron affinity, 333 349 325 296 


E/k3 mol 
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Table 13,3 Molecular properties of the halogens 


Property F: Cl: Brs Is 
Melting point, 7/K 54 172 266 387 
Boiling point, 7/K 85 239 333 458 
Density, liquid state, 1,513 at 1.655 at 3.187 at 3.960 at 

e/g cm? 85K 203 K 273 K 493 K 
Colour pale greenish- reddish- violet 
yellow yellow brown 
Bond enthalpy, «/kJ mol 158.8 242.6 192.8 151.1 
Bond distance, //pm 143 199 228 266 
Enthalpy of vaporization, 6.54 20.41 29.56 41.95 
AHvap/kJ mol-* 
Enthalpy of fusion, 0.51 6.41 10.57 15.52 


AHtus/kJ mol 


All the halogens exhibit —1 oxidation state. Except fluorine, rest 
of the halogens also show +1, +3, + 5 and +7 oxidation states. 
Fluorine is the most electronegative element, it shows —1 oxidation 
state. The other halogens exhibit 4-1 oxidation state in fluoro com- 
pounds like CIF, BrF and IF. Fluorine atom does not possess d-orbit- 
als in its valence shell while other halogens do. This is why all, except 
fluorine, show higher positive oxidation states because the vacant d- 
orbitals in their valence shells allow easy excitation of p- as well as 
s- electrons, as shown in Fig. 13.25. 


s d 
Halogens atom in ground state m ELERA 
Halogen atom in first excited state m ABE W E E | 


Halogen atom in second excited state [8] pr eLO 
Halogen atom in third excited state WH oon nonan 


Fig. 13.25 Variable oxidation states showntby;thejhalogens 


Because of its small size and highly electronegative nature, fluorine 
is hydrogen bonded in its hydride, i.e. HF. This explains why the 
melting and boiling points of HF are exceptionally high compared to 
those of HCI, 11Br and HI (Fig. 13.26). 
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Fig. 13.26 Comparison of melting points and boiling points of 
hydrogen halides 


The halogens are very reactive and hence they do not occur freely in 
nature. In the combined form, fluorine occurs as insoluble CaF, (fluo- 
rspar), Na;AIF, (cryolite) and Cas(PO,)F (fluoroapatite). Chlorine 
and bromine occur as chlorides and bromides in sea water and under- 
ground brines. Sodium chloride also occurs as rock salt. Some sea 
weeds and sponges contain iodine as iodides. Chile saltpeter (NaNO:) 
contains 0.02-1% iodine in the form of sodium iodate, NalO;. The 
order of abundance of halogens and their concentrations in earth's 
crust (in ppm) are given in Table 13.4. 


Table 13.4 Distribution of halogens in earth's crust 


Halogen Order of abundance Abundance in 
in earth's crust earth's crust 

(ppm) 
Fluorine 13 544 
Chlorine 20 126 
Bromine 46 2.5 
Todine 60 0.46 

Preparation 


Fluorine is extremely reactive and the strongest oxidizing agent. Its 
isolation in the free form was a difficult task as it would react with 
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almost any material. Moissan, in 1886, obtained the gas by electrolysis 
of KF dissolved in anhydrous HF. The reactions taking place at the 
cathode and anode are: 


2H* + 2e° ——> H, (at cathode) 
2F- — 2e —> F, (at anode) 


A typical fluorine-generating cell (Fig. 13.27) consists of a steel pot 
(which facts as cathode) containing the electrolyte KF-2HF, The 
anode is a central carbon rod free from graphite. The cell is kept at 
350-370 K. The gases (H, and F,) obtained are kept separate by a. 
teflon diaphragm. An accidental mixing of the two gases can result in 
an explosion and hence great care is taken to keep them separate. 
Electrolytic cells made of nickel, copper or Monel metal (an alloy of 
Ni—Cu— Fe) are also used, These become coated with a protective 
metal fluoride film. 


Insulator (teflon) 
Diaphragm 


Heating coil 


Carbon anode 


Fused electrolyte 
Steel 
r*—- cathode vessel 


Fig. 13.27 Electrolytic cell for the production of fluorine 


In the laboratory, chlorine is prepared by the action of concentrated 
hydrochloric acid on manganese dioxide. 


MnO, + 4HCI —— MnCl, + 2H;0 + Cl 


It may also be obtained by the oxidation of HCl (or NaCl in 
H,SO,) by strong oxidizing agents such as KMnO;, K;Cr;O;, etc. 


2MnO; + 16H* + 10CI- —-> 2Mn?+ + 8H;0 + 5Cl 
CrO? + 14H* + 6CI- —-> 2Cr** + 7H;0 + 3Cl 


On a commercial scale, chlorine is obtained either by electrolysis of 
natural brines (or aqueous solutions of NaCl) or molten sodium chlo- 
ride. When aqueous NaCl solution is electrolysed in an asbestos dia- 
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phragm cell or mercury cathode cell, the co-products are sodium 
hydroxide and dihydrogen 


NaCl = Nat + CI 


2H;0 + 2e° —> 20H™ + H; (at cathode) 
Nat + OH- —-> NaOH (at cathode) 
2Cl- — 2e“ —— Ch (at anode) 


The electrolysis of molten sodium chloride (Downs cell) gives metallic 
sodium (at cathode) and chlorine (at anode). 

Bromine is prepared in the laboratory by the oxidation of bromide 
ion with chlorine gas or manganese dioxide in presence of concentrat- 
ed sulphuric acid. 


2Br- + Cl, — Br; + 2C 
2Br- + MnO, + 4H* —- Br; + Mn? + 2H,0 


Large scale production of bromine is also carried out by oxidatior 
of bromide ion with chlorine. ] 


2Br- + Cl, — Br; + 2CI- 


Bromine is removed from the solution either by the passage of steam 
or air, and then condensed and purified. 

Laboratory preparation of iodine involves the oxidation of iodide 
ion by chlorine (or bromine) or manganese dioxide in presence of con- 
centrated sulphuric acid 


2E 93 X, 9594 NAN 
(where X = Cl or Br) 


2I- + MnO, + 4H* —— I, + Mn?* + 2H;0 


Iodine is recovered on a large scale from sea weeds and Chile salt- 
peter. Sea weeds are dried and burned. The ash contains iodides, 
chlorides and sulphates. It is treated with hot water and concentrated 
when the less soluble sulphates and chlorides are crystallized out. The 
mother liquor containing iodides is heated with manganese dioxide 
pnd USC sulphuric acid and then iodine is liberated and con- 

ensed. 

Iodine is present as sodium iodate (NaIO;) in Chile saltpeter. The 
mother liquor left after the crystallization of NaNO; is treated with a 
stoichiometric amount of sodium hydrogen sulphite and the iodate 
present is reduced to iodide. 


2105 + 6HSO; —— 2I- + 6H* + 6SO}- 


The resulting acidic mixture is treated with more mother liquor to 
precipitate elemental iodine. 


5I- + 10; + 6H* — 31, + 3H,0 
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Chemical Reactions of Halogens 


Oxidizing Action 

Halogens show a great tendency to pick up electrons because of their 
high electron affinities. Thus they act as strong oxidizing agents. 
However, the oxidizing power decreases on descending the group. 
Fluorine is highly oxidizing and oxidizes water to oxygen and ozone. 


2F, + 2H;0 —> 4HF + 0; 
3F, + 3H,0 —> 6HF + O; 
The reactions with chlorine and bromine are less vigorous. 
X, + H,O ——> HX + HOX 
(where X = Cl or Br) 


Iodine is an even weaker oxidizing agent and scarcely reacts with water. 
At low temperatures, the crystals of halogen hydrates, X;'"nH;O, are 
obtained. 


Reaction with Alkalis 
Fluorine reacts with a 2% alkali solution to form oxygen difluoride 
F;. 
2F, + 20H- —-> 2F- + H,O + OE; 
With hot and concentrated alkali solution, fluorine yields fluoride and 
oxygen. 
2F, + 40H- —— 4F- + 2H50 + O; 
The other halogens react with cold and dilute alkali solution to give 
hypohalites, With hot and concentrated alkali, halates are obtained. 


X; + 20H- ——> H;0 + X^ + XOT 


(cold and dil. alkali) Hypohalite ion 
3X, + 60H- ——- 3H;0 + 5X” + XO 
(hot and conc. alkali) Halate ion 


Reaction with Metals and Nonmetals 

Halogens react with metals as well as nonmetals to form halides. The 
reactivity decreases as we descend the group. Some typical reactions 
are given below. 

H, + X; — 2HX 
(where X = F, Cl, Br or I) 
Light 
Xe + F, — XeF; 


675 K 
Xe + 2E; ——— XeF, 
6 atm 
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525-575 K 


Xe + 3E; — XeFg 
' 50-60 atm 


Si + 2F, —> SiF; 
S E 3F, — SE; 
2Na + F, — 2NaF 
Ca + F; — CaF, 
2Sb + 3Cl, —» 28bCl; 
2Al + 3Cl, — 2AICI, 
2Fe + 3Cl, —— 2FeCl, 
Cu + Cl —- EN 
2As 4- 3Br; —> 2AsBr; 
2K + Br, ——> 2KBr 
P4 + 61, —> 4PI, 
Interhalogen Compounds 


Each halogen reacts with every other halogen to form compounds 
known as interhalogens or interhalogen compounds. They are of four 
types AX, AX;, AXs and AX; (where A and X are different halogen 
atoms) as given in Table 13.5. These can be prepared by direct combi- 
nation of the halogens. For example: 


Cl, + F, ——-— 2CIF 
(equal volutes 


Cl, + 3F, ——— 2CIF, 
(in excess) 


Br, + 5F, ———> 2BrF; 
(in excess) 
Interhalogens are more reactive than elemental halogens except 
fluorine. This is because A—X bond energy is less than the A—A or 
X—X bond energy. 


Table 13.5 Types of interhalogens 


AX AX; AX; AX; | 


CIF CIF; CIF; HE; 
BrF BrFs BrFs 

BrCl IF; IF; 

IF (unstable) ICls 

ICI 


IBr | 
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Hydrogen Halides 


Allthe halogens react with hydrogen to form hydrogen halides, 
HX. The reaction between fluorine and hydrogen is violent while that 
between iodine and hydrogen is very slow at room temperature. This 
illustrates the decreasing reactivity of halogens on descending the 
group. 

HF and HCI can be prepared by treating fluorides and chlorides 
with concentrated sulphuric acid. 


CaF, + H,SO, —- CaSO, + 2HF 
NH,Cl + H,SO, —-> NH4HSO, + HCl 
NaCl + H,SO, —— NaHSO, + HC! 


HBr and HI cannot be prepared by similar treatment of bromides 
or iodides with sulphuric acid. This is because H,SO, oxidizes HBr 
and HI to bromine and iodine, respectively. These halides are prepared 
by hydrolysis of phosphorus trihalides with cold water (Fig. 13.28). 


2P + 3X, ——2PX; 


PX; + 3H;0 —> H3PO; + 3HX 
(where X — Br or I) 


HF is a liquid while HCI, HBr and 
HI are gases. This anomalous behavi- 
our of HF is due to hydrogen bond- T, ] md 
ing and also explains its exceptionally ls idm yr board 
high melting and boiling points. In I js 
the gaseous state, the hydrogen hali- 
des are covalent. In aqueous solu- 
tions, they ionize and function as 
strong acids. 


Red P water 
HX + H,O —— H;O* + X^ Fig. 13.28 Preparation of HBr 


The acidic character increases in the order, HF < HCl < HBr < HI. 
Salts of these acids are called halides like sodium chloride, potassium 
bromide, calcium fluoride, sodium iodide, etc. Some of the physical 
properties of the hydrogen halides are given in Table 13.6. Í 


Uses of Halogens 


Fluorine is a very strong oxidizing agent and is used as a rocket fuel. 
Fluorocarbons are extremely inert and stable and find use as refriger- 
ant gases (like Freon-12 CF;Cl;) and in manufacturing heat-resistant 
plastics (like Teflon, polymerized C;F4). The isotopes of uranium can 
be separated by gaseous diffusion of UFs. 

Chlorine is the most useful among halogens. It is extensively used 
for the manufacture of a very large variety of organic chemicals which 
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Table 13.6 Physical properties of hydrogen halides 


Property HF HCI HBr HI 

Melting point, T/K 189.8 158.5 184.6 222.2 

Boiling point, T/K 292.7 189.0 206.1 238.1 

Density, p/g cm~? 1.002 at 1.187 at 2.603 at 2.85 at 
23K 159K 189 K 226 K 

Viscosity, »/centipoise 0.256 at 0.51 at 0.83 at 1.35 at 
23K 178K 206 K 231.6 K 

Bond dissociation 

enthalpy, «/kJ mol-* — 574 428 363 295 

Bond length of H—X, 

I/pm 91.7 127.4 141.4 160.9 


include solvents like chloroform and carbon tetrachloride, plastics like 
polyvinyl chloride (PVC), insecticides like DDT, germicides, drugs, 
dyes, refrigerants, etc. Chlorine is used for sterilizing water and as a 
bleaching agent for wood pulp, cotton and rayon, Some of the impor- 
tant uses of chlorine are illustrated in Fig. 13.29. 

Bromine is used in the manufacture of silver bromide which forms 
the basis of photographic films. The bromine compound 1,2-dibromo- 
ethane is added to petrol to remove lead as volatile lead bromide. Some 
bromine preparations are used as drugs. 

A familiar use of iodine is in the form of its alcoholic solution, tinc- 
ture iodine (antiseptic). Iodine is used in the manufacture of silver 
iodide (used in photographic films), dyes (used in colour photography) 
and some preparations like iodized salt. 


13.5 NOBLE GASES 


The gases helium (He), neon (Ne), argon (An), krypton (Kr), xenon (Xe) 
and radon (Rn) belong to group 18 of the periodictable. Because of 
their extremely low reactivity, these are called noble gases. 


Discovery of Noble Gases 


In 1785, Henry Cavendish passed repeated electric sparks in a mixture 
of dry air (free from carbon dioxide) and oxygen in order to achieve 
complete conversion of nitrogen of the air to its oxides. The resulting 
nitrogen oxides were absorbed in caustic potash solution and the 
excess oxygen was removed by potassium pentasulphide. Still, a very 
small volume of the gas (1/120th of the original volume of air) was 
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Fig. 13.29 Important uses of chlorine 


left behind which neither combined with oxygen nor with any other 
element. This remarkable observation of Cavendish remained unnoti- 
ced for more than a century. In 1895, Lord Rayleigh found that the 
density of nitrogen obtained from atmosphere was about 0.47% higher 
than that prepared from chemical sources such as by the decomposi- 
tion of ammonium nitrite. He concluded that the nitrogen obtained 
from atmosphere contains some constituent or constituents which are 
beavier than nitrogen. From spectroscopic studies, it was found to be 
a new gas and was given the name argon (from Greek word argos — 
inert or lazy). However, the new gas was soon found to be a mixture 
of a number of chemically inert gases and the spectrum originally iden- 
tified was also a mixed one. The brilliant researches of Rayleigh, Ram- 
say and Travers would lead to the discovery and isolation of all other 
nobel gases except radon from atmosphere. Radioactive and short- 
lived radon is identified in the decay series from uranium and thorium. 
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The history of discovery of helium is also very interesting. As early 
as 1868, Lockyer concluded that the bright yellow line (which he called 
D; line) observed in the solar spectrum during a total eclipse is due to 
the presence of a new clement in the sun. He called this element helium 
(from the Greek word helios, the sun). Ramsay, in 1895, showed that 
the gas isolated by Hillebrand, from uranium minerals, had the same 
spectrum as helium discovered by Lockyer. Thus Ramsay was the first 
to characterize helium on the earth. In the same year Kayser detected 
helium in the atmosphere. 


Occurrence and Isolation of Noble Gases 
Noble gases are present to the extent of about 1% in the atmosphere, 


the major component is argon. Small concentrations of the {gases are 


He+Ne+No 
mixture 


Liquid N2 
(99 %) 


MTT 


Cold air from . 
MOM eng B —» Krypton 
+N = 
O2tN2 sor 


CTT 


OMe ==—s Xenon 


Fig. 13.30 Isolation of noble gases, nitrogen and oxygen 
by fractionation of liquid air 
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also occluded in igneous rocks. Helium is mainly obtained from natural 
gas. , ' 

Because of sufficient difference in boiling points, all the noble gases 
(except radon), nitrogen and oxygen can be obtained by the fractional 
distillation of liquid air (Fig. 13.30). As the boiling points of the noble 
gases increase from helium to xenon (Table 13.7) the gases escape 
from the liquid air in order of their volatility during the fractionation. 


The boiling points of helium and neon are much lower than nitro- 
gen, they escape liquefaction and accumulate over liquid nitrogen. The 
gaseous mixture of helium, neon and nitrogen passes through a spiral 
column cooled by liquid nitrogen, whereby most ofthe nitrogen gets 
liquefied while helium and neon pass out. The residual nitrogen is 
completely removed by passing it over caleium carbide. The mixture 
of helium and neon is then cooled in liquid hydrogen when neon 
solidifies and helium passes on uncondensed. 

Since there is a slight difference in the boiling points of oxygen and 
argon, the mixture of the two is circulated through a tube cooled by 
liquid nitrogen when oxygen condenses and argon passes out in the 
gaseous form. 


The residual liquid becomes richer in krypton and xenon. It is frac- 
tionated by liquid air when the two are separated because of the con- 
siderable difference in their boiling points. 


Physical Properties of Noble Gases 


The physical properties of the monoatomic noble gases are summari- 
zed in Table 13.7. The typical element helium of the series has a satu- 
rated valence electron shell (1s?) and all other gases have an octet of 
electrons in their outer shell. This imparts exceptional stability and 
consequent inactivity to the elements. The radii of the elements are 
very large (Table 13.7) and increase on descending the group as expect- 
ed. These nonbonded radii should be compared with the van der 
Waals radii of the other elements and not with covalent bonded radii. 


The ionization energies of the noble gases are of very high order 
(Fig. 13.31)—helium has the highest value (2372 kJ mol) of all the 
elements and its polarizability is the lowest. Very low values for heat 
of vaporization (Table 13.7) and for melting and boiling points (Table 
13.7) indicate very weak interatomic forces (van der Waals type) 
between the monatomic elements. These forces arise because of the 
induction ofa weak dipole in one electronic system by another. The 
increase in values (Table 13.7) with relative atomic mass points towards 
the increasing polarizability of the larger electronic clouds of the ele- 
ments. 


Special Properties of Helium 

When helium is cooled below 2.178 K at 1 atmospheric pressure, a 
remarkable liquid with abnormal properties is obtained. The liquid is 
referred to as helium II and the characteristic temperature is called the 
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Table 13.7 Physical properties of noble gases 


Property He Ne Ar Kr Xe Rn 
Outer electronic F; 
configuration 1s? 2s*2p* — 3s!'3p* — 4s?4p* 5s?5p* 6s*6p* 
Atomic number 2 10 18 36 54 86 
Relative atomic mass 4.002 20.179 39,098 83.80 131.29 222.018 
Abundance in dry 
air by volume (ppm) 5.24 18.18 93.40 1.14 0.09 Traces 
Melting point, TJK * 24.6 83.8 115.9 161.3 202.0 
Boiling point, T/K 4.2 271 87.3 119.7 165.0 211.0 
Atomic radius, r/pm 93 112 154 167 190 - 
Tonization energy, 7/ 
kJ mol™. 2372 2080 1520 1351 1170 1037 
Enthalpy of vapori- 
zation, AHvap/kJ 0.08 1.74 6.52 9.05 12.65 18.1 


mol-* 


*Helium is the only liquid that cannot be frozen without applying pressure. 
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lamda (A) point. The liquid is a superfluid, i.e. its viscosity is zero and 
it can flow up the surface of the vessel in which it is contained. It 
attains superconductivity, i.e. its electrical resistance is zero. It has 
anomalous values for specific heat capacity, surface tension and com- 
pressibility. 


Chemistry of Noble Gases 


No real compounds of the noble gases were known before 1962. As 
highly oxidizing PtFg could oxidize oxygen 


PF, + O, —> Oj[PtEJ- 


it was thought that xenon should also react in the same way. This is 
because the first ionization energy for the reaction Ke — Xe* is nearly 
the same as that of O, — OZ (Fig. 13.31). In June 1962, N. Bartlett 
could actually prepare a yellow-red powder corresponding to Xe*PtFg 
by interaction of PtF; with xenon 


298 K 
Xe + PtF; ——> Xe*PtFg 


This was the beginning of the reasearch in very interesting field of 

noble gas compounds. Since then many compounds have been isolated 

m characterized. Some more important xenon fluorides are described 
elow: 


Xenon Fluorides 

XeF,, XeF, or XeF, is obtained by the interaction of xenon with fluo- 
rine. The product obtained depends on the temperature, pressure and 
mixing ratio of the constituents. Thus, 


Sunlight or 
Xe + FE, ———— XeF; 
(2: 1 volume 675 K 
mixture) 
K 
Xe + 2F; — XeF, 
(1:5 volume | 6x10* Pa 
Mixture) 
575-675 K 
Xe + 3E; ——————.  XeF, 
(1:20 volume — 50-60: 10* Pa 
mixture) 


Xenon difluoride molecule possesses a trigonal bipyraminal struc- 
ture. The xenon and fluorine atoms lie in a straight line (linear posi- 
tion) while the three lone pairs of xenon occupy the equatorial posi- 
tions (Fig. 13.32). The structure of xenon tetrafluoride is regarded as 
pseudo-octahedral with its nonbonding pairs trans to each other, leav- 
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ing the four fluorine atoms in a square plane around the xenon atom 
(Fig. 13.33). 


F 
* ^ F F 
Y F F 
F . 
Fig. 13.32 Structure of xenon Fig. 13.33 Structure of xenon tetra- 
difluoride fluoride 


Uses of Noble Gases 


The noble gases are used for a variety of purposes. Some important 
uses of each one of them are given below. 


Helium 
Being noninflammable and very light, it finds extensive use in filling 
weather observation balloons and inflating aeroplane tyres. 

A mixture of helium and oxygen is used by divers in preference to 
nitrogen-oxygen mixtures. Helium being much less soluble in blood 
than nitrogen, it does not cause pain (as it happens in case nitrogen is 
used) when a diver comes to the surface and the pressure is released. 

, Helium-oxygen mixture is also used in the treatment of asthama; the 
lightness and rapid diffusibility of helium reduces the muscular effort 
required in breathing. 

Liquid helium is used to attain very low temperatures (in the neigh- 
bourhood of absolute zero) in scientific research. This has given birth 
to a new branch of science known as cryogenics under which we study 
the matter and its properties at very low temperature. The gas is also 
used in low temperature thermometry. 

Helium is used to provide an inert atmosphere in the melting and 
welding of easily oxidizable metals and alloys. 

Owing to its high viscosity, it is used as damper in compasses and 
other nautical instruments. 

Being an inert gas, it is widely used in: vaccum tubes, radio tubes, 
signal lamps and filling electrical transformers. 

Helium is used in fuel pressure systems for rockets and in heat 
transfer atmosphere for nuclear reactors. 

A small amount of helium is sometimes added to neon lights to 
obtain a different colour. 


Neon 
When neon is subjected to an electric discharge at a very low pressure 
(2 mm), it emits a characteristic orange-red glow. Besides being attrac- 


| 
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tive, this glow is visible even in mists and fogs. Thus, neon lights are 
used for advertising purposes and as beacon lights for pilots. Different 
shades are obtained by varying the colour of the tube and using a suit- 
able mixture of neon with mercury vapours or other noble gas. Neon 
is also used in photography. 

Neon-helium mixtures do not conduct electricity until a certain 
limiting voltage is reached. Only after this point, they become conduc- 
tors. This property is used in safety devices for protecting electrical 
instruments from high voltages. 


Neon light is used in botanical gardens as it stimulates growth and 
helps the formation of chlorophyll. 
Argon 


Tt is mainly used in filling incandescent lamps where it checks the vola- 
tilization of the tungsten filament and enhances its life. 


It is also used for blending neon in discharge tubes to obtain diffe- 
rent colours for illumination. 


It provides an inert atmosphere in welding and in metallurgical 
operations. 


Krypton and Xenon 


These gases are also used in incandescent, fluorescent and discharge 
lamps. It has been found that they are superior to argon for filling the 
electric bulbs. 

Krypton is used in ionization chamber for cosmic ray measurements. 
Xenon is used in the construction of xenon bubble chamber for the 
detection of uncharged radiations. 


Radon 


It is used in the treatment of cancer (radiotherapy) and in radioactive 
research. 


EXERCISES 


1, Why does oxygen show anomalous behaviour in its group? 
2. How is dioxygen prepared in the laboratory? Give its reactions with (a) 
nitrogen, (b) phosphorus, (c) aluminium and (d) sodium. 
How are the oxides classified? Give two examples of each type of oxide, 
- How is ozone prepared? Give its oxidizing reactions. 
. What is ‘ozonolysis’? Give the structure of ozone molecule. 
. What are the uses of (a) ozone and (b) hydrogen peroxide? 
. Discuss the structures of (a) water molecule and (b) ice. 
. Why does liquid water expand on freezing? 
9. Give two examples for each of the following types of reactions of water: 
(a) Acid-base (b) Oxidation-reduction an (c) Hydrolysis. 


SrA DAA YW 
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10. 


11. 


12. 


13. 


14. 


15. 


16. 


17. 


18. 


19. 


20. 


21. 


22 


23. 


24. 


25. 
26. 


27. 


What are the types of hydrates formed by water? Give examples of each 
type. 

How are ‘temporary’ and ‘permanent’ hardness of water caused? How is 
hard water softened? 

How is hydrogen peroxide prepared in the laboratory and on a commer- 
cial scale? Describe its structure. 

Balance the following equations: 

(a) Fe** + H:O: ——> Fe*+ 

(b) I7 + HO: — la 

(c) [Fe(CN)s]*- + H0: —— [Fe(CN)o]*- 

(d) MnO~ + H:O: —> Mn** + Os 

(e) Fe*+ + H0, — Fe*+ + Os 

(£) [Fe(CN)s}*- + H10: —— [Fe(CN).] + O: 

How does sulphur occur in nature? How is it extracted from underground 
deposits? 

How is sulphur recovered from natural gas? Give its typical reactions 
with metals and nonmetals. 

What are the various allotropic forms of sulphur and how are they 
obtained? 

Justify the statement, ‘Sulphur dioxide acts both as a reducing as well as 
an oxidizing agent'. How is it obtained commercially? Give its structure. 

Outline the principle involved in the manufacture of sulphuric acid by 


contact process. How does it react with (a) carbon, (b) oxalic acid, (c) 
ethyl alcohol and (d) phosphorus pentachloride? 

Give the structure of sulphuric acid in vapour phase? What are the uses 
of the acid? 

How is ‘hypo’ prepared in the luboratory? Justify giving equations, its 
use in iodometric titrations, as an ‘antichlor’ and in photography. 
Discuss the position of halogens in the periodic table with special refe- 
rence to the anomalous behaviour of fluorine, 

Why are the melting point and boiling point of hydrogen fluoride excep- 
tionally high as compared to those of other hydrides of halogens? 

How do halogens occur in nature? Name important sources of their com- 
mercial production. 

How is fluorine obtained on a large scale? Give its reactions with (a) 
water, (b) sodium hydroxide, (c) silicon and (d) sodium. 

How is chlorine obtained commercially? What are its uses? 

How is bromine prepared in the laboratory? What are the products form- 
ed when it reacts with (a) arsenic, (b) phosphorus and (c) potassium? 
How is iodine obtained from (a) sea weeds and (b) Chile saltpetre? What 
are the products obtained when it reacts with (a) cold and dilute sodium 
hydroxide solution and (b) hot and concentrated sodium hydroxide solu- 
tion? 
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. What are interhalogens? How are they prepared? 


How are hydrogen halides obtained? Can you prepare HBr by the action 
of concentrated sulphuric acid on a bromide? 


. What are the uses of (a) fluorine, (b) bromine and (c) iodine? 
- Outline the history of the discovery of noble gases. To what extent are 


they present in the atmosphere? 


. How are the noble gases obtained from air? Discuss their properties. 
- How are xenon fluorides obtained? What are the structures of xenon 


difluoride and xenon tetrafluoride? 
What are the uses of noble gases? 


Multiple-Choice Questions 


Tick (v) the correct choice. 


1. 


Which of the following is an acidic oxide? 


(a) SiO; (b) SnO; 
(c) MgO (d) ZnO 
. Which of the following is a neutral oxide? 
(a) CO (b) CO: 
(c) SOs (d) MgO 


- Which of the following reactions shows the oxidizing nature of hydrogen 


peroxide? 

(a) 2MnO; + 6H* + 5H:0; —> 2Mn** + 8H;O + 50; 

(b) 2Fe*+ + 20H- + H,O, —- 2Fe** +- 2H,O + O; 

(c) 2I- + 2H* + H,O, —- I, + 2H,0 

(d) KIO, + H,O, —- KIO; + H,O + O, 

Which of the following reactions depicts the reducing nature of hydrogen 
peroxide? 

(a) 2LFe(CN4]*7 + 2H* + H,O, — 2[Fe(CN)¢]*- + 2H;0 

(b) O: + H,O, — 20, --H;O 

(c) Mn*+ + H,O, —> Mn'* + 20H- 

(d) PbS + 4H,0, ——> PbSO, + 4H,O 

Which allotropic form of sulphur is obtained on passing hydrogen sul- 
phide through nitric acid? 

(a) rhombic sulphur (b) monoclinic sulphur 

(c) plastic sulphur (d) colloidal sulphur 

Which of the following reactions shows the oxidizing action of sulphur 
dioxide? 

(a) 2Fe*+ + SO, + 2H,O —- 2Fe** + SO} + 4H* 

(b) 3Fe + SO, —+ 2FeO + Fes 


498 Chemistry for Class XI 


10. 


il. 


12, 


13. 


14. 


15. 


(c) 2Mn0; + 2H;0 + 580, — 2Mn*+ + 4H* + 58017 
(d) Cr,0?- + 2H+ + 380, —> 2Cr*+ + 380;- + H,O 


In the catalytic oxidation of sulphur dioxide, 
SO, + 40, € SOs AH = — 95 kJ mol! 


the most favourable conditions for the reaction are: 


(a) low temperature and low pressure 

(b) low temperature and high pressure 4 
(c) high temperature and high pressure 

(d) high temperature and low pressure. 


. Which of the following hydrogen halides has the lowest melting point? 


(a) HF (b) HCI 
(c) HBr (d) HI 
. Which of the following hydrogen halides has the highest boiling point? 
(a) HF (b) HCI 
(c) HBr (d) HI 
Which of the following halogen atoms has the highest electron affinity? 
(a) F Wc ; 
(c) Br (d) I 
Which of the following halogens is the strongest oxidizing agent? 
(a) fluorine (b) chlorine 
(c) bromine (d) iodine 
Which of the following halogens is solid at room temperature? 


(a) fluorine (b) chlorine 
(c) bromine (d) iodine 


When chlorine reacts with cold and dilute solution of sodium hydroxide, 
the products obtained are: 


(a) ci- + Clo- (5) CI- + Cloz 
(c) CI- + CIO; (d) Cl- + Cor 


When iodine reacts with a hot and concentrated solution of sodium 
hydroxide, the products obtained are: 

(a) I- + IO- (b) I- + IOF 

OE +107 (d) I- + LOS | 
Which of the following interhalogens does not exist? | 
(a) CIF (b) CIF, | 
(c) CIFs (d) IF; 
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16. The first ionization energy of molecular oxygen is nearly the same as that 


of 
(a) Ne (b) Ar 
(c) Kr (d) Xe 


Answers (Multiple-Choice Questions) 


1. (a) 2. (a) 3. (c) 4. (b) 5. (0 
6. (b) 7. (b) 8. (b) 9. (a) 10. (b) 
11. (a) 12. (d) 13. (a) 14. (b) 15. (b) 


16.(d) 


14 


Chemistry of Lighter 
Metals 


Objectives Occurrence, Extraction, Properties and Uses of Sodium, Potas- 
sium, Magnesium, Calcium and Aluminium © Chemistry of some Important 
Compounds of these Metals O Manufacture of some Industrially Useful Com- 
pounds of these Metals such as Soda Ash, Caustic Soda, Lime, Plaster of Paris 
and Cement O Biological Role of Nat, K+, Mg*+ and Ca** Ions 


In Units 12 and 13, we have studied the chemistry of some nonmetals. 
In this Unit, we shall study some lighter metals like sodium and potas- 
sium (alkali metals of group 1 of the periodic table), magnesium and 
calcium (alkaline earth metals of group 2) and aluminium (group 13). 
These are referred to as lighter metals because of their low density. 
Many important compounds are formed by these metals. Monovalent 
sodium and potassium ions as well as bivalent magnesium and calcium 
ions perform a variety of functions in animal and plant organisms. 
The biological fluids contain a large proportion of these elements. The 
roles of these elements have been discussed in biological processes. 


141 SODIUM AND POTASSIUM 


Group 1 of the periodic table is composed of the alkali metals lithium 
(Li), sodium (Na), potassium (K), rubidium (Rb), caesium (Cs) an 
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francium (Fr). All the metals have one electron in ug pe 
orbitals (see electronic configuration in Table 14.1) an t ah from 
unipositive M* ions (where M is an alkali metal). As can be à ados 
Table 14.1, the elements follow a general gradation in er p prae m 
with an increase in the atomic number. Their radii and dens Pd 
crease while ionization energies and melting and pone Lani a 
rease while moving down the group. Because of d xs undc 
availability of only one electron per atom for bonding t i orto: 
soft and low melting. This also explains the high mex d 
ments. The lower the ionization energy, the more is the E EAD 
Thus caesium is the most reactive among the alkali metals. ys scm 
being radioactive, is not studied much. Because of Qu giae xim 
gies, the metals are strong reducing agents and can re ad hung 
electronegative element like nitrogen, phosphorus or su Pun peel 
flame, the electron is easily excited (because of low jon d AC 
to a higher energy level and when it returns to the groun ie atenionts 
absorbed energy is released in the visible region. Tons etected (by 
impart characteristic colours to the flame and can b AldGon with 
flame test) or determined (by flame photometry). On apost nd 
light, the elements emit electrons and thus potassium an 

use in photoelectric cells. 


Table 14.1 General physical properties of alkali metals 


Property Li Na K Rb Cs Fr 
Electronic 1 i 
configuration [He] 2st [Ne] 3st [Ar] 4s‘ [Kr] 5s* [Xe]6s peor 
Atomic number 3 11 19 37 55 

Relative atomic 

mass 6.941 22.990 39.008 85.468 132905 223 
Abundance in a. 
earth’s crust (ppm) — 18 22700 18400 78 2.6 

Atomic radius, r/pm 152 186 227 248 265 

Tonic radius, r/pm 16 102 138 152 167 


B m 
Melting point, T/K ^ 453.5 — 370.8 3362 3120 301 
Boiling point, TJK 1620.0 1154.4 1038.5 961.0 978.0 


Density at 293 K tue 
Plg cm~ 0.53 0.97 0.86 1.3 190 


Ionization energy 


375 
I/kJ mol-* 520 496 419 403 376 
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Occurrence and Extraction 


As can be seen in Table 14.1, sodium and potassium are found in 
abundance in the earth's crust. Sodium occurs in rock salt (NaCI), 
Chile saltpeter (NaNO;) and in many clays. Potassium occurs in car- 
nallite (KCl: MgCb-6H;O), kainite (K;:SO4MgSO, MgCl; 6H.O), 
saltpeter (KNO;) and potassium feldspar (K,0°A1,0;-6SiO,). Sea 
water is an important source of sodium chloride and potassium 
chloride, 

Because of the strong reducing nature of the alkali metals (low 
ionization energies), these cannot be obtained by chemical reduction 
of their compounds. The electrolytic reduction method is, therefore, 
used to isolate them. Sodium is produced on a large scale by the elec- 
trolysis of a molten mixture of 40% sodium chloride (NaCl) and 60% 
calcium chloride (CaCl,) at 850 K in a Downs cell (Fig. 14.1). Calcium 
chloride is added to lower the high melting point of sodium chloride 
(1081 K). On electrolysis, both sodium and calcium are liberated at 
the steel cathode and rise through a cooled collecting pipe. Calcium 
solidifies and falls back into the molten mixture while sodium is collec- 
ted. Chlorine is liberated at the anode as an important by-product. 


Cl; 


t 


Steel, cover 


Steel canopy 


gm 


Heat resistant 
bricks 


Cylindrical 
steel cathode 


Molten 


Steel gauge N ? 
diaphragm to cs SA 
prevent diffusion Cacis(60%) 
of Cl, to cathode (+) f i 


Fig. 14.1. Downs cell for production of sodium 


Potassium cannot be obtained by a similar method. This is because 
potassium is very soluble in molten chloride and does not float on the 
top of the cell. Moreover, it vaporizes readily at the operating tempe- 
rature causing problems. The metal is obtained by reduction of molten 
potassium chloride with metallic sodium at 1120-1150 K. At this tem- 
perature, the following equilibrium is set up: 


Na(g) + K*(I)  Na*(l) + K(g) 
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Potassium being more volatile, distils off and thus the equilibrium 
moves to right. By fractional distillation, potassium of 99.57% purity 
can be obtained. The metal can also be obtained by the electrolysis of 
molten potassium hydroxide (KOH). 


D 


Properties of Sodium and Potassium 


Sodium and potassium are soft and silvery-white metals when freshly 
out but get tarnished in air due to the formation of a layer of oxides 
or carbonates. Their general physical properties are given in Table 
14.1. Being extremely reactive, they are kept under kerosene to avoid 
the contact with air and moisture. 

Sodium reacts with dry oxygen to form the monoxide (Na;O) which 
is subsequently oxidized to pale yellow sodium peroxide (Na,0z). 


4Na + O, —> 2Na,0 
2Na,0 + O, ——> 2Na,02 
Potassium burns in dry oxygen to form the superoxide (KO,). 
K + O, — KO, 
Both the alkali metals react violently with water and form the metal 
hydroxides along with dihydrogen gas. 
2M + 2H,0 —> 2MOH + H5 
(where M = Na or K) 


Sodium, potassium and the other alkali metals dissolve. in’ liquid 
ammonia forming metal amides(MNH,). The solutions of alkali metals 
in liquid ammonia are powerful and selective reducing agents. 


2M + 2NH; —> 2MNH, + H5 
(where M = Na, K or any other alkali metal) 


Uses 


Sodium and potassium are extensively used as reducing agents. Their 
numerous compounds such as NaCl, Na4CO;, NaHCO; NaOH, KCN, 
K,CO,, etc. and alloys like Na/K, Na/Pb, etc. are used for a variety 
of purposes. Because of easy emission of electrons when irradiated with 
light, potassium is used in photoelectric cells. Liquid sodium or Na/K 
alloy finds use as a coolant in nuclear reactors. Many organic com- 
pounds are prepared making use of amalgams of sodium and potas- 
sium with mercury. ; 


Some Important Compounds of Sodium and Potassium 


Sodium and potassium form many useful compounds which are gene- 
rally ionic in nature and are soluble in water. Some of these com- 


pounds are described below. 
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Sodium Chloride 


Sodium chloride (NaCl) is present in abundance in sea water (2.7 to 
2.9%), inland lakes (like Sambhar lake in India) and salt wells. In 
India, we are producing over 50 lakh tons of salt annually by evapo- 
ration of sea water or lake water. Salt is also widespread as natural 
deposits of rock salt. 

Crude salt obtained by evaporation of water contains impurities like 
calcium chloride, magnesium chloride, calcium sulphate and sodium 
sulphate. It is purified by passing hydrogen chloride gas through its 
saturated solution when crystals of the salt separate out. The undesir- 
able impurities such as calcium chloride and magnesium chloride 
(which are deliquescent and absorb moisture from the atmosphere), 
being more soluble than sodium chloride, remain in solution. 

Sodium chloride is a colourless, crystalline substance (cubic crystals, 
melting point 1081 K) which is soluble in water (360.0 g dm at 273 
K). The solubility does not change appreciably with increase or dec- 
rease in temperature, 

Sodium chloride is well known as an essential constituent of our 
diet. It is of paramount importance as a starting material in many 
chemical industries. It is used in the manufacture of sodium metal, 
sodium hydroxide, chlorine, sodium carbonate, sodium bicarbonate, 
sodium hypochlorite, sodium chlorate and many other salts. It is also 
used in the salting-out of Soap, regeneration of water softners and pre- 
servation of food. An ice-salt mixture is used for freezing purposes in 
the laboratory and industry. 


Sodium Carbonate 


The industrially important compound sodium carbonate (Na,CO,: 
10H,0) is manufactured by the ammonia-soda (also called Solvay) 
process (Fig. 14.2. The main raw materials needed are limestone 
(CaCO,) and sodium chloride. Limestone is heated to obtain quick- 
lime (CaO) and carbon dioxide (kiln used for heating limestone is not 
Shown in Fig. 14.2). 


CaCO; ——— CaO + CO, @ 
(Limestone) (Quicklime) 


Carbon dioxide is passed up the carbonation tower, fitted with per- 
forated plates, down which ammoniated sodium chloride (also con- 
taining carbon dioxide) solution trickles, The following reactions take 
place in the tower: 


NH; + H;0 —. NH; + OH- (ii) 
NaCI-- NHg---OH---CO; —» NH4CI--NaHCO, (iii) 
Sodium hydrogen 


carbonate 
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Ammoniated NaCl + CO; 


Carbonation Ammonia 


tower 


Ammonia 
absorber 


Sediment 


Quicklime 


NaHCO, 
to calcination 


Fig. 14.2 Solvay (ammonia soda) process for the manufacture of 
sodium carbonate 


Sodium hydrogen carbonate being less soluble, is filtered off and heat- 
ed to obtain sodium carbonate. 


Heat 
2NaHCO; —— Na,CO; + H;O + CO; (iv) 
Sodium 
carbonate " 


Carbon dioxide produced in reaction (iv) is also used in the tower. 
Ammonia is generated by reacting quicklime [from reaction ()] with 
ammonium chloride [from reaction Tiii. 


CaO + 2NH4CI — 2NH; + H,O + CaCl, 
(by-product) 


Thus, the actual by-product of the process is calcium chloride. 
Sodium carbonate forms white efflorescent crystals with composition 

Na;CO;:10H;0. It is commonly called washing soda or soda ash and 

is used for softening water and for washing purposes in the laboratory. 


It is also used in the manufacture of soap and glass, in paper-making 
and in the preparation of many other sodium compounds. 


Sodium Hydrogen Carbonate 
Also known as baking soda, it is the primary product obtained during 


the Solvay process. It can also be produced by passing carbon dioxide 
through a cold and concentrated solution of sodium carbonate. 


Na,CO; + CO, + H,O —> 2NaHCO; 


506 Chemistry for Class X1 


Sodium hydrogen carbonate is less acidic than sodium carbonate 
and is used as a medicine to cure acidity in the stomach. It is also 
used in effervescent drinks, as a constituent in baking powder and as a 
mild antiseptic for skin infections. 


Sodium Hydroxide 


Also known as caustic soda, it is usually manufactured by the electro- 
lysis of sodium chloride solution in a diaphragm cell (Fig. 14.3) or in 
the Castner-Kellner cell (Fig. 14.4). 

The diaphragm cell consists of a U-shaped perforated steel cathode 
tube which is lined inside with asbestos. Sodium chloride solution is 
kept in this cathode tube and a graphite anode dips in the solution. 
On passing the current, chlorine is evolved at the anode and is led 
away through a pipe. Sodium ions penetrate through the asbestos and 
react with OH- ions (from steam) to form sodium hydroxide which is 
collected at the bottom of the cell. Hydrogen ions (H*) obtained from 
Steam are converted to dihydrogen gas which is liberated at the cath- 
ode and collected as an important by-product. 


NaCl 
solution 
> 


Asbestos 
diaphragm 


solution Perforated 
cathode 


solution 


Fig. 14.3 Diaphragm cell for production of caustic soda 


NaCl = Nat + CI- 

2H20 + 2e —+ 20H- tH, ^' (at cathode) 
Na+ + OH- —> NaOH tün: (at cathode) 
2C — 2e — Ch | (at anode) 
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The Castner-Kellner cell consists of a tank with a mercury layer at 
the bottom. The tank is divided into compartments with a slate parti- 
tion not touching the bottom. 


Oilute NaOH 
solution 


Groove Mercury 
Fig. 14.4 Castner-Kellner cell for the production of caustic soda 


The two outer compartments contain sodium chloride solution while 
the central compartment contains dilute solution of sodium hydroxide 
and a series of iron rods which act as the cathode. Two graphite 
anodes are in the outer compartments. Mercury acts as the cathode in 
the outer compartments and as the anode in the central compartment, 
On passing the electric current, sodium chloride solution is electrolys- 
ed in the outer compartments. Chlorine is liberated at the anode and 
sodium forms amalgam with mercury (Na/Hg) at the cathode, The 
amalgam is continually pumped into a separate chamber and is treat- 
ed with water to obtain caustic soda and dihydrogen gas. 


2Na/Hg -+ 2H,0 — 2NaOH + H; + Hg 


The liberated mercury is sent back to the cell; 

Sodium hydroxide is a white deliquescent crystalline solid (melting 
point 591 K) which is readily soluble in water. Its aqueous solution is 
strongly alkaline, soapy to touch and is corrosive. 

Sodium hydroxide is widely used in the manufacture of soap, paper, 
viscose rayon and many other chemical industries. 


Potassium Chloride 
It occurs in nature as sylvine (KCI) and carnallite (KCI-MgCl;: 6H;,0) 
contaminated with sodium chloride and magnesium sulphate. Potas- 


water. These are used as potash fertilizers. Potassium chloride is being 
produced from sea bitterns at Kandla Fertilizer Plant of Indian Far- 
mers Fertilizer Cooperative Ltd. 
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Potassium chloride is a white crystalline solid (melting point 1063 
K) and is quite soluble in water. Besides being used as a potash ferti- 
lizer, it is given to patients with high blood pressure as a substitute for 


sodium chloride. 


Fig. 14.5 Kandla Fertilizer Plant, Gujarat 
(Courtesy: P.I.B. New Delhi) 


Potassium Hydroxide 

Potassium hydroxide (KOH) is manufactured by the electrolysis of 
potassium chloride. It can also be obtained by the action of lime on 
potassium carbonate. 


K5CO; + Ca(OH), —> 2KOH + CaCO, 


Insoluble calcium carbonate is filtered off. 

Potassium hydroxide is a white crystalline solid (melting point 633 
K). It is freely soluble in water and isa stronger alkali than caustic 
soda. Its properties are similar to those of sodium hydroxide. 

Potassium hydroxide is used in the manfacture of soft soap, as an 
electrolyte in the nickel-iron storage battery and for drying gases. 


14.2 MAGNESIUM AND CALCIUM 


Beryllium (Be), magnesium (Mg), calcium (Ca), strontium (Sr), barium 
(Ba) and radium (Ra) belong to group 2 of the periodic table. These 
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are also called alkaline earth metals. Their general physical properties 
are given in Table 14.2. The elements have two electrons in their out- 
ermost valence shell and form bivalent compounds. Being the first 
element of the group, beryllium differs considerably from the rest of 
the elements of the group. Its anhydrous compounds are mainly 2- 
covalent and are easily hydrolysed. Magnesium too has a tendency to 
form compounds with covalent character. The chemistry of calcium, 
strontium, barium and radium is essentially similar, their compounds 
are ionic in nature. Radium is radioactive. 

Atomic and ionic radii (Table 14.2) of the elements increase with an 
increase in atomic number. Because of their comparatively small size, 
alkaline earth metals are harder and denser than alkali metals. Their 
melting points and boiling points are higher because they have two 
valence electrons participating in metallic bonding while alkali metals 
have only one. The ionization energies of the elements decrease, as 


Table 14.2 General physical properties of alkaline earth metals 


Property Be Mg Ca Sr Ba Ra 
Electronic 

configuration [He] 2s? [Ne]3s' [Ar]4s [Kr]5s* [Xe]6s* [Rn] 7s* 
Atomic number 4 12 20 38 56 88 
Relative atomic 

mass 9.012 24.305 40.08 87.67 137.33 226.025 
Abundance in 

earth's crust 2 27640 384 390 ~ 10°* 
(ppm) 

Atomic radius, 

r[pm 112 160 197 215 222. — 
Ionic radius 

for 6-coordi- 

nate r/pm 27* 72 100 118 135 148 
Melting point, 

TIK 1580 922 1112 1041 1000 (973) 
Boiling point, 

TIK ~2773 1378 1767 1654 (2123) (1973) 
Density at 

293 K, »/g cm-? 1.85 1.74 1.55 2.63 3.62 5:5 


Tonization ener- 

gy, I/kJ mol-* 
H 899 738 590 549 503 509 
I 1757 1450 1145 1064 965 975 


*For 4-coordinate. 
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expected, with an increase in the atomic number, However, the densi- 
ties, melting points and boiling points of the elements show some ir- 
regularities in general gradation. This is attributed to their different 
crystal structures. 


Occurrence and Extraction 


Alkaline earth metals are too reactive to occur freely in nature. In the 
combined form, magnesium and calcium are widely distributed (Table 
14.2). The important minerals of magnesium are dolomite (MgCO,- 
CaCO;), magnesite (MgCO,) epsomite, (MgSO:7H,0) carnallite (KCI: 
MgCl, :6H,0), olivine [(Mg, Fe),SiO,], talc [MgsSi,O;, (OH),], asbestos 
[MgSi;Os(OH);] and micas. Sea water contains about 0.137; magne- 
sium, Green leaves of plants contain magnesium in chlorophyll. 

Calcium is ‘present in limestone, marble or chalk (CaCO;), gypsum 
(CaSO,-2H,0) and its anhydrite (CaSO,), fluorite or fluorspar (CaF;), 
dolomite (MgCO;:CaCO;) and hydroxyapatite [Cas(PO4),F]. Sea 
shells, corals and pearls are essentially CaCO,. 

Being strong reducing agents, magnesium and calcium cannot be 
obtained by chemical reduction of their compounds. Their fused an- 
hydrous chlorides are electrolysed to obtain them in the metallic form. 


Dow process 


In this Process, magnesium is recovered from sea water as magnesium 
chloride which is then electrolysed using an iron cathode anda 
6). 


Porcetain hood 


inert gas Inert gas 
-— æ (coal ges) 


Iron cathode 
Mg 

Motten 
electrolyte 


iron ceti 
Fig, 14.6 Electrolytic cell for production of magnesium 


Slaked lime, Ca(OH), is added to sea water to precipitate magne- 
sium hydroxide. 


Mg" + Ca(OH); —> Mg(OH), + Ca% 
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Hydrochloric acid is added to the precipitated magnesium hydroxide 
to obtain magnesium chloride. 


Mg(OH); + 2HCl —> MgCl, + 2H,0 


Hydrated magnesium chloride, MgCl,-6H,O, thus obtained is partially 
dehydrated by dry hydrogen chloride gas. The resulting chloride is 
mixed with a fused mixture of sodium chloride and calcium chloride. 
Magnesium chloride melts in the fused mixture (975-1025 K) and 
becomes completely anhydrous. The molten mixture of three chlorides 
is then electrolysed and magnesium is obtained at the cathode and 
chlorine is liberated at the anode. 


MgCl, = Mg” + 2CI- 
Mg* + 2e- —> Mg (at cathode) 
2Cr —- Ch + 2e (at anode) 


Properties of Magnesium and Calcium 


Silvery-white magnesium metal is malleable and ductile. It burns with 
dazzling light in air to. form magnesium oxide (MgO) and magnesium 
nitride (Mg3N;). It also burns in carbon dioxide and sulphur dioxide. 


2Mg + CO; — 2MgO + C 
2Mg + SO, —> 2MgO +S 
Alkyl and aryl halides react with magnesium to form Grignard 
reagents, RMgX. 
Mg + RX —> RMgX 
(where R is an alkyl or aryl group) 


Silvery-white calcium metal is malleable and is more reactive than 
magnesium. It also burns in air to form its oxide (CaO) and the nitride 
(CaN). When heated in carbon dioxide, it forms both the oxide and 
the carbide (CaC;). : 


5Ca + 2CO, ——> 4CaO + CaC; 
Calcium is a good reducing agent and reduces metallic oxides to metals. 
CrO; + 3Ca — 2Cr + 3CaO 


Uses 


Magnesium (in the form of powder or ribbon) is used in pyrotechnics, 
flash powders and bulbs. The metal is used as a deoxidizer and a redu- 
cing agent in other metallurgical operations. For example, titanium is 
obtained by reduction of its chloride with magnesium. 


1100 K 
TiCl, + 2Mg —— Ti+ 2MgCl 
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Magnesium alloys are used in construction of aircrafts. Many of its 
compounds like Grignard reagents have many useful applications. 

Calcium has great affinity for oxygen and nitrogen. It is, therefore, 
used to remove traces of air from noble Bases and vacuum tubes. 
Being a powerful reducing agent, it is used for reducing metal oxides 
to metals. q 


Some Important Compounds of Magnesium and Calcium 


Many useful compounds are formed by the two metals, magnesium 
and calcium. Some of these are described below. 


Magnesium Chloride 


Magnesium chloride is obtained from its mineral carnallite and from 
sea water. In the laboratory, it is prepared by the action of hydrochlo- 
ric acid on the metal magnesium, magnesium oxide (MgO) or magne- 
sium carbonate (MgCO,). 


Mg --2HCI —> MgCl, + H, 
MgO + 2HCl —Á MgCl, + HO 
MgCO, + 2HCl ——> MgCl, + H,O + CO, 


It crystallizes as MgCl;:6H;O. On heating the hexahydrate, partial 
hydrolysis takes place 


heat 
MgCl;'6H;O —> Mg(OH)CI + HCI + 5H;O 


The anhydrous magnesium chloride can be obtained by heating the 
hexahydrate in a current of dry hydrogen chloride gas. 

Magnesium chloride is used in the manufacture of Sorel's cement 
(MgCl; 5MgO-nH;O). This preparation finds extensive use in dental 
filling and making artificial floors and stones. 


Magnesium Sulphate 

Magnesium sulphate occurs in the mineral epsomite and also in min- 
eral waters of the Epsom spring (UK). In the laboratory, it is prepared 
by the action of dilute sulphuric acid on the metal magnesium, mag- 
nesium oxide or magnesium carbonate. 


Mg + H,SO, — MgSO, + H, 
MgO + H,SO, ——> MgSO, + HO 
MgCO; + H,SO, ——> MgSO, + H,O + CO, 


Magnesium sulphate heptahydrate, MgSO,:7H,O known as Epsom 
salt is used'as a mild purgative It is also used asa mordant in the 
dyeing industry, in soaps and paints. Platnised magnesium sulphate is 
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used as a catalyst. An aqueous solution of magnesium chloride, am- 
monium chloride and ammonium hydroxide (called magnesia mixture) 
is used for testing the presence of phosphate ions (PO ) in solution. 


Mg* + NH} + PO--6H,O —> Mg(NH;)PO,-6H;O 


A white precipitate of magnesium ammonium phosphate (Mg(NHy) 
PO4:6H;O) appears if phosphate is present. 

Calcium Oxide 

It is manufactured by burning limestone in a kiln at 1070-1270 K 


1070-1270 K 
—+ CaO + CO, 


CaCO; 
(limestone) 
Also known as quicklime, CaO is an important building material. It 
isa white porous solid (melting point 2870 K) and is used in the 
manufacture of cement, glass, mortar, calcium chloride, etc. It is also 
used in sugar refining, for white washing and as basic lining in furna- 
ces. 
Calcium Hydroxide 
Calcium hydroxide, Ca(OH), is obtained by adding water to quicklime. 


CaO + H,O —> Ca(OH), 


The process is called slaking of lime. The product calcium hydroxide 
is a white amorphous powder and is also called slaked lime. Its suspen- 
sion in water is known as milk of lime and the filtered solution is 
called lime water, Chemically both of these are Ca(OH);. 


Calcium Carbonate 
Calcium carbonate (CaCO;) occurs in nature as limestone, marble and 
chalk. In the laboratory, it is prepared by passing carbon dioxide 
through lime water. 

Ca(OH), + CO, —— CaCO; + HO 
It may also be obtained by the addition of sodium carbonate to cal- 
cium chloride. 

CaCl, + Na,CO; —-> CaCO; + 2NaCl 


Calcium carbonate is an important building material. It is one of the 
basic raw materials for manufacturing cement and is also used as a flux. 


Calcium Sulphate 

Calcium sulphate occurs in nature as gypsum, CaSO,:2H,O and as 
anhydride, Ca$O,. In the laboratory, it is prepared by adding dilute 
sulphuric acid to a calcium salt solution. 


Ca^* + HNO, —> CaSO, + 2H* 
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When gypsum (CaSO, 2H,0) is heated, it changes its crystal struc- 
ture followed by gradual loss of water and forming CaSO, 3H;O 
(plaster of Paris) at about 400 K and anhydrous CaSO, at 437 K. 

Gypsum (CaSO,:2H;O) is used in the manufacture of plaster of 
Paris and cement. 


Plaster of Paris 

Plaster of Paris is a hemihydrate of calcium sulphate (CaSO,:1H;0). 

It is obtained by heating gypsum in a kiln to about 400 K. 
CaSO,-2H,0 —-> CaSO,'}H20 + 1} H;O 

When made into a paste with water, plaster of Paris sets to a hard 

crystalline mass of gypsum. It is used for making casts and patterns. 

Fractured bones are plastered to make them immobile. It is also used 

for making blackboard chalks. 


14.3 ALUMINIUM 


Boron (B), aluminium (Al), gallium (Ga), indium (In) and thallium 
(TI) belong to group 13 of the periodic table. They all have three 
electrons in their outermost valence shell and generally form com- 
pounds with +3 oxidation state. With an increase in the atomic num- 


ber of the elements in the group, their radii and densities show a gra-: 


dualincrease while boiling points and ionization energies drop in 
values. Boron, being the first element of the group, shows anomalous 
behaviour. It is a nonmetal while aluminium and the rest of the ele- 
ments are metals. Some general physical properties of aluminium are 
given in Table 14.3. 


Table 14.3 General physical properties of aluminium 


Electronic configuration [Ne] 3s?3p* 
Atomic number 13 
Relative atomic mass 26.982 
Abundance in earth's crust 8.31% 
(by mass) : (most abundant metal) 
Atomic radius, r/pm 125 
Tonic Al** radius, r/pm 50 
Melting point, 7/K 933 
Boiling point, T/K 2743 
Density at 293 K, p/g cm-? 2.7 
Tonization energy, 7/kJ mol 
I 577 
I 1816 


m 2744 
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Occurrence and Extraction 


Aluminium is the most abundant metal (8.31% by mass) in the earth's 
crust. It is widely distributed in complex aluminium silicates, clays, 
rocks and micas. The most important mineral is bauxite (A120; 
2H,0). Some other complex minerals are cryolite (Na3AIF,), feld- 
spar (KAISi;O;), mica (KAISi;O;(OH)») and beryl (Be3A!,Si,Oj3). In 
India, mica is found at several places in Bihar, Maharashtra, Madhya 
Pradesh, Tamil Nadu and Jammu and Kashmir. The metal aluminium 
is being produced from bauxite by the Hindustan Aluminium Corpor- 
ation, the Indian Aluminium Company and the Bharat Aluminium 
Corporation. 

Aluminium is usually extracted from bauxite. The mineral is first 
freed from impurities of silica (SiO,) and iron oxide (Fe;O;). The pul- 
verized ore is heated with sodium hydroxide solution under pressure 
when alumina and silica dissolve while iron oxide remains undissolved. 

ALO;:2H50 + 2NaOH —-- 2NaAl0,+3H,0 
Sodium aluminate 
(soluble) 
SiO; + 2NaOH —— Na,SiO; + HO 
Sodium silicate 
(soluble) 


The filtrate is seeded with a little freshly precipitated aluminium 
hydroxide when most of the metal from the solution is precipitated as 
aluminium hydroxide while silica remains undissolved. 


NaAlO, + 2H;0 —- NaOH + AKOR, M 
pp 


The precipitated Al(OH); is heated at 1470 K to obtain anhydrous 
alumina, Al,03. 
2AKOH); —— ALO; + 3H,0 


(+) Graphite anode 


(—) Carbon lining 
(cathode) 


* Na, ALF 


3 


At the cathode: A * +367 —» Al 


At the anode: C(s)+ 20° —» CO? (9) 4e" 
Fig. 14.7 Electrolytic cell fcr tke piccucticn cf aluminium 
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Purified alumina is dissolved in molten cryolite, Na3AIFq containing a 
little fluorspar, CaF, (to lower the temperature of the melt) and elec- 
trolysed at 1170 K. The electrolytic cell used is shown in Fig. 14.7. 


Fig. 14.8 Molten aluminium tapped out of the electrolytic pots is being 
cast into ingots (Bharat Aluminium Company, Ltd., Korba, M.P.). 
(Courtesy: P.1.B., New Delhi) 


The carbon lining of the cell acts as the cathode and graphite rods 
suspended in the melt serve as the anode. The reactions taking place 


can be summarized as: 
AP* + 3e —> Al (at cathode) 


C(s) + O= — CO(g) + 2e (at anode) 
C(s) +20 —+ CO,(g) + 4e- (at anode) 
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Molten aluminium of 99.5% purity is formed at the cathode and is 
collected from the tapping hole at the bottom of the cell. Carbon mon- 
oxide and carbon dioxide are liberated at the anode consuming the 
koe of the graphite rods. Thus, the rods are replaced from time to 
ime. 


Fig.14.9 Aluminium ingots and rods manufactured by Bharat 
Aluminium Company, Ltd., Korba, M.P. 


(Courtesy: P.I.B., New Delhi) 


Properties of Aluminium 


Aluminium is known for its lightness though it possesses considerable 
strength. Tt is a soft and silvery-white metal which conducts heat and 
electricity. It has a brilliant lustre whicls becomes dull owing to atmos- 
pheric oxidation. The metal reacts with nitrogen, oxygen, sulphur and 
halogens at elevated temperatures to form nitride, oxide, sulphide and 
halides, respectively. With hydrochloric acid, it forms aluminium chlo- 
ride (AbCI,). 


2Al + 6HCI —- AlCl, + 3H; : 
Hot concentrated sulphuric acid reacts with the metal and sulphur 
dioxide is liberated. 

2A] + 12H* + 3807- —> 2AP* + 380; + 6H;O 
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With concentrated nitric acid, the metal gets coated with an oxide 
layer and becomes passive. It dissolves in hot concentrated alkalis 
forming soluble aluminate. 
2Al + 2NaOH + 6H;0 ——> 2Na[AKOH),] + 3H» 
(soluble) 
Uses 


Aluminium and its alloys are used extensively as building material, 
in the construction of aircraft and railway coaches, and in ship build- 
ing. Being inexpensive, light and a good conductor of heat and electri- 
city, the metal is used in transmission cables, household utensils. and 
laboratory apparatus. Finely-divided aluminium powder mixed with 
linseed oil is used in silvery paints and lacquers. Aluminium foil finds 
immense use as wrapping material in the food industry. Thermite weld- 
ing and the extraction of chromium, manganese and iron are based on 
the following reactions: 

CrO; + 2Al —+ Al,O; + 2Cr 

3Mn,0, + 8Al — 4ALO; -+ 9Mn 

Fe,0; + 2Al —> Al,O; + 2Fe 


Some Compounds of Aluminium 


Aluminium chloride, aluminium sulphate, alumina and alums are some 
of the important compounds formed by aluminium. 
Aluminium Chloride 
Aluminium chloride (AICI;) is prepared by the action of hydrochloric 
acid (dilute or concentrated) on aluminium. 
2Al + 6HCI ——> 2AICI, + 3H; 
Anhydrous aluminium chloride (Al,Cl,) is prepared by passing dry 
chlorine or dry hydrogen chloride gas over heated aluminium powder. 
2Al + 3Cl, —> AlCl 
2Al + 6HCI —-> ALCI; + 3H; 


The molecule exists as a dimer, is an organic solvent and exists in the 
gas phase at low temperatures (420-480 K) as shown in Fig. 14.10. 


cl ate el 
ct 
d" Du 
ng At ct——at 
AE daten Sx. 
ct cal t ct 
(a) (b) 


Fig. 14.10 _ (a) Four-coordinate Al,Cl, in the vapour phase 
(b) Trigonal planar AICI, at high temperature 
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At higher temperatures it dissociates into trigonal planar AlCl;. 


Anhydrous aluminium chloride is used asa catalyst in the Friedel- 
Crafts reaction. It is also used in petroleum cracking and in the manu- 
facture of dyes, drugs and perfumes. 


Aluminium Sulphate 


Aluminium sulphate, AL(SO4).:18H50 is prepared by dissolving baux- 
ite in hot sulphuric acid. The insoluble residue is filtered off and the 
filtrate is crystallized to obtain the salt. It may also be obtained by 
dissolving aluminium metal or its hydroxide in sulphuric acid. 


Aluminium sulphate is used for purifying water, in tanning, dyeing 
and in calico printing. It is also used in the sizing of paper, in foamite 
fire-extinguishers and for manufacturing alums. 


Alums 
Alums are double salts with the general formula, 


MISO,: MI'(SO;),:24H;0 
(where M! — monovalent Nat, K+, Rb*, Cst, NHY, Tl* or Ag+ 
and MII = trivalent A^, Fe?*, Cr?*, Ga?*, In?*, etc.) 


Li* ion being too small, does not enter into the crystal lattice of an 
alum. Some commonly used alums are: 


Potash alum, K,SO,Ab(SO;);:24H;0 
Sodium alum, Na;SO,AL(SO4); 24H50 
Ferric alum, (NH4 S04 Fe:(S04):24H;0 
Chrome alum, K5S0,: Cr(S0,),: 24H50 


To prepare an alum, hot equimolar solutions of the two metal sul- 
phates are mixed and the resulting solution is cooled to obtain the 
desired crystals. 

Alums are used to purify water and as mordants in dyeing. They act 
as styptics to stop bleeding on small cuts (after-shave cuts). 


Alloys 

Aluminium alloys are extensively used because they are corrosion- 
resistant and possess a high tensile strength. Some commonly used 
alloys and their uses are given in Table 14.4. To increase resistance to 
corrosion, the alloys may be coated with a thin layer of aluminium, 
They are called Alclads or Aldurals. 
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Table 14.4 Some aluminium alloys and their uses 


Alloy Approximate composition Uses 


Duralumin — A195?;, Cu 4%, Mg 0.5%, For construction of aero- 
planes, tubes, cables and rivets, 


Magnalium Al 83%, Mg 15%, Ca 2% For making machine parts, 
balances, etc. 


Aluminium — A1 10%, Cu 90% For making utensils, coins, 
bronze frames, jewellery, statues, etc. 
Alnico Al 20%, Fe 50%, Ni 20%, For making permanent mag- 

Co 10% nets, 
14.4 CEMENT 


The credit for introducing cement goes to an English mason, Joseph 
Aspdin, who prepared it in 1824 by heating a mixture of finely pow- 
dered clay and limestone. The product resembled Portland rock, a 
popular building stone of England. The name ‘Portland Cement’ was 
thus given to it. In India, its manufacture began in 1914 at Porbandar. 
We are now producing several million tons of this important building 
material. In good quality cement, the following ratios of constituents 
are maintained 


SiO, 
ALO; 


= 2.5-4.0 


EA AACO AIN 
SiO; + ALO; + Fe;O; 


In the manufacture of cement, the basic raw materials, namely, clay 
(that provides Al,0; and SiO;) and limestone (that provides lime) are 
mixed in appropriate amounts, pulverized, homogenized and fed into 
a rotary kiln (Fig. 14.11) and heated to 1700 K. The roasted product, 


2 


Raw material 


Coal dust 


chamber Air blower 


Dust 
Chamber 


Fig. 14.11 Manufacture of cement 
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thus obtained, is called cement clinker. It is mixed with 2-3% of its 
weight with gypsum (that regulates the setting) and ground to a fine 
powder. if 

When water is mixed with the cement, a gelatinous mass is obtained 
which soon sets to a hard mass. The reactions taking place are quite 
complicated but essentially the strength of the cement is due to the 
formation of three-dimensional cross links between —Si—O—Si—O— 
and—Si —O — Al— chains. 


14.5 BIOLOGICAL ROLE OF SODIUM, POTASSIUM, 
MAGNESIUM AND CALCIUM 


It has been found that an average human boby weighing 70 kg con- 
tains 0.07 kg of sodium, 0.25 kg of potassium, 0.042 kg of magnesium, 
1.7 kg of calcium and rest other elements. Sodium ions and potassium 
ions play different roles in metabolism, Na* being an extracellular ion 
and K^, an intracellular ion. Size of ions and types of bonding char- 
acteristics of a given ion are the two factors that determine which ions 
can be substituted by others in metabolic processes. The K* ions may 
be substituted in living tissues by large single-charged Rb*, Cst, NH4 
and TI* ions while the relatively small Na* ions can be substituted by 
Lit ions. The mammalian tissues incorporate a sodium or potassium 
ion transport system called sodium (or potassium) pump. The sodium 
pump ensures the desired ratio of Na* and K+ concentrations in the 
extra- and intracellular spaces. The K* ion concentration in most 
animal cells ranges from 0.12 to 0.16 mol dm~, while that of Na* ion 
in the same cells does not exceed 0.01 mol dm^. The ratio in the 
extracellular fluid is reversed, i.e. Na* ion concentration ~ 0.15 mol 
dm and that of Kt ion < 0.004 mol dm”. Thus, there is a consi- 
derable gradient of concentrations of Na* and K* ions between the 
two cellular spaces. To maintain this distribution, energy is needed 
for K^ ions to accumulate inside cells and Na* ions to be taken out. 
It has been confirmed that the pump driving K* ions into cells and 
and forcing Na* ions out, functions aided by phosphate protein which 
forms more stable compounds with K*, as compared to Na*. The K* 
ion traverses the cell membrane as a constituent of a complex with 
phosphate protein. Once inside the cell, the phosphate protein interacts 
with adenosine phosphate. The new ligand forms a more stable com- 
plex with Na* ions, as compared to K^, and they are removed from 
the cell into the extracellular space. 

Magnesium and calcium perform vital functions in biological system. 
Green plants conduct the process of photosynthesis in the presence of 
sunlight and the magnesium containing pigment chlorophyll. 

Large amounts of calcium are present in the bone tissue. The 
approximate composition of bone crystals corresponds to Cajo(POx)¢ 
(OH);. Calcium is involved in enzymatic systems, it plays a role in 
regulating muscle contraction, transmitting nervous pulses and acts as 
an agent of blood coagulation. 
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O=C—CH | CH;CH;C00CooH3s 
COOCH, 
Chiorophyll 


Fig. 14.12. Structure of chlorophyll 


Calcium enters the body with food in the form of neutral phosphate 
which is converted into the readily soluble acid phosphates, CaHPO, 
and Ca(H;PO,), by the acidity in the digestive tract. These acid 

. phosphates are absorbed in the intestine and penetrate the blood 
plasma. The concentration of Ca? ions in human blood ranges bet- 
ween 0.0022 and 0.0028 mol dm-*. Nearly half of this calcium is in 
the form of aquo-ions capable of permeating membranes while the 
rest is bound with albumin and does not pass across membranes. Along 
with K+ and Mg’, the Ca?* ions affect the rate of muscular contrac- 
tion including that of cardiac muscle, and the action of cardiac 
glycosides. An overdose of glycosides leads to cardiac arrest. Injection 
of K* and Mg** ions into the cardiac muscle mitigates the action of 
glycosides, while that of Ca?* enhances it. Excess calcium present in 
the body leads to the formation of stones, deposition of salts, etc. 

The Mg?" and Ca?* ions do not substitute for each other in biosy- 
stems because of pronounced covalence of the bond between Mg?*, as 
opposed to Ca?*, and ligands. 

Thus, we find that Na*, K+, Mg?* and Ca?* ions perform a variety 
of functions in animal and plant organisms. Many of the processes 
involving these ions are quite complex and are yet to be completely 
understood. 


EXERCISES 


1, Discuss the gradation in properties of alkali metals with special reference 
to sodium and potassium. 

2. How does sodium occur in nature? How is it obtained on a large scale? 

3. How is potassium obtained commercially? Give its reactions with (a) 
oxygen, (b) water and (c) ammonia. 

4, What are the uses of sodium and potassium and their important com- 
pounds? 
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Describe the Solvay process for the manufacture of sodium carbonate. 
What are the important uses of sodium carbonate? 


6. How is caustic soda manufactured? What are its uses? 
7. Name the alkaline earth metals and discuss their general properties. 


8. How does magnesium occur in nature? Describe the Dow’s process for 


ll. 


12. 
13. 


14. 
15: 


16. 


17. 
18. 


19. 


its commercial production. 


. What are the important uses of magnesium and calcium? 
10. 


Write notes on the following compounds: 

(a) Sodium peroxide 

(b) Sorel’s cement 

(c) Epsom salt 

(d) Quicklime 

How will you test the presence of Mg** ions in a solution? Give the re- 
action involved. 

How is slaked lime obtained? What are its uses? 

How is plaster of Paris manufactured? What is its chemical formula? 
Give its important uses. 

Name the chief ore of aluminium. How is it extracted from the ore? 
What is the electronic configuration of aluminium? Give its important 
properties and uses. 

How is anhydrous aluminium chloride obtained? Give its structure in the 
vapour form. 

What are alums? How are they prepared? What are their uses? 

Describe the manufacture of Portland cement. What is its approximate 
composition? 

Write a note on the biological role of sodium, potassium, magnesium 
and calcium. 


Multiple-Choice Questions 


Tick (v) the correct choice. 


1c 


Which of the following alkali metals is the most abundant in the earth's 
crust? 


(a) lithium (b) sodium 
(c) potassium (d) rubidium 
Which of the following represents the composition of carnallite mineral? 
(a) KCI- MgCl, 6H.O (b) K,SO.-MgSO.- MgCl, 6H;O 
(c) KNO; (d) K,O- Al,O3- 6Si0, 
. Solvay process is used for the manufacture of 
(a) Na,CO3-10H,O (b) K,COs 
(c) NaOH (d) Na,O, 
Which of the following is called ‘baking soda’? 
(a) Na,COs- 10H,O (b) NaHCO, 


(c) KiCO; (d) NaOH 
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5. Castner-Kellner cell is used for the production of 


(a) NaOH (b) NaCO; 
(c) NaHCOs (d) NaCl 
6. Which of the following is the most abundant alkaline earth metal? 
(a) Mg (b) Ca 
(c) Sr (d) Ba 


7. Magnesium is recovered from sea water using 


(a) ammonia soda process (b) Downs cell 
(c) Dow process (d) Castner-Kellner cell 


8. The composition of Plaster of Paris corresponds to 


(a) CaSO, (b) CaSO,-3H,O0 
(c) CaSO,- H,O (d) CaSO,-2H,O 
9. The chemical formula for gypsum is 
(a) CaSO, ‘ (b) CaSO.-4H,O 
(c) CaSO. H,O : (d) CaSO,-2H,O 
10. The most abundant metal in the earth's crust is 
(a) aluminium (b) calcium 
(c) magnesium (d) sodium 
11. The chief ore for the extraction of aluminium is 
(a) bauxite (b) cryolite 
(c) beryl (d) mica 
12. Chemically, potash alum is ` 
(a) K501- AI,(SO;)-6H,O (b) K,SO,- Al,(S0:)-12H:0O 
(c) KySOx- AL(SO;),- 18H,O (d) KsSOx-Al,(SO,),:24H,O 


13. Which of the following oxides has the largest percentage in a. usual sam- 
ple of Portland cement? 
(a) MgO (b) CaO 
(c) SiO, (d) Al,O, 

14. Which of the following oxides has the lowest percentage in a usual sam- 
ple of Portland cement? 


(a) SO, (b) MgO 
(c) SiO, (d) Al,O, 

15. Which of the following metals is present in chlorophyll? 
(a) sodium (b) potassium r 
(c) calcium (d) magnesium 


Answers (Multiple-Choice Questions) 
1. (b) 2. (a) 3. (a) 4. (b) 5. (a) 
6. (a) 7. (c) 8. (b) 9. (d) 10. (a) 
1l. (a) 12. (d) 13. (b) 14. (c) 15. d)) 
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Chemistry of Heavier Metals 


Objectives General Discussion, Extraction, Properties and Uses of a few 
Heavier Metals like Iron, Copper, Silver, Gold, Zinc, Mercury, Tin and Lead 
O Preparative Methods, Properties and Uses of Oxides, Sulphides, Sulphates 
and Halides of these Heavier Metals O Importants Alloys of these Metals 
and their Applications O Chemical Principles of Photography 


In Unit 14, we studied the chemistry of some lighter metals. In this 
Unit, we will deal with some heavier metals belonging to different 
groups of the periodic table. Some of these heavier metals are transi- 
tion (d-block elements) while others are non-transition. All these 
metals are well known to you and we use them, in one form or the 
other, in our everyday life. 

Iron, a transition metal (clement of 3d series) belongs to group 8 of 
the periodic table. The other elements are: copper, silver, gold (all 
transition elements of group 11); zinc, mercury (group 12); and tin and 
lead (non-transition elements of group 14). Many useful alloys are for- 
med by these metals. Silver compounds play a vital role in the techni- 


que of photography. 


15.1 IRON (Fe) 


Tron is the fourth most abundant element (after oxygen, silicon and 
aluminium) and the second most abundant metal in the earth’s crust. 
The name ‘iron’ is from the German Eisen and the symbol Fe is from 


the Latin Ferrum. 


it plays vital roles in the trans 
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, iron. The metal has been known since prehistoric 
times and it has played a major role in man's progress. Biologically- 
port and storage of oxygen. It is an ele, 
ment of the first transition series (3d series). Some of its general pro- 
perties are given in Table 15.1. j 


Table 15.1 General properties of iron 


Electronic configuration 


[Ar]3d* 4s? 
Atomic number 26 À 
Relative atomic mass 55.847 
Abundance in earth’s crust 6.2% 
(by mass) (second most 
abundant metal) 
Atomic radius, r/pm 126 
Ionic radius, r/pm 
Fett 76 
Fe 64 
Electronegativity 1.8 
Melting point, T/K 1809 
Boiling point, T/K 3023 
Density at 293 K, e/g cm^? 7.87 
Important oxidation states +2, +3 


Occurrence and Extraction 


Tron is widely distributed in the form of oxides and carbonates. The 
chief ores are: haematite, (Fe,O3) magnetite ((Fe3O4), lemonite (Fe3O;: 
3H20) and siderite (FeCO;). The metal also Occurs as iron pyrites 
(FeS;) but this ore is not used for iron extraction because of the diffi- 
culty of removing sulphur. 

In India, large deposits of iron are found in Mayurbhanj, Mysore, 
Singhbhum and other places. These are worked for the manufacture 
of iron and steel at Durgapur, Bhilai, Jamshedpur, Asansol, Bokaro, 
Bhadravati and Rourkela. 

Iron ore, usually haematite, is calcined to remove the volatile impu- 
rities of sulphur, arsenic, etc. The calcined ore mixed with coke and 
limestone (flux) is fed into the top of a blast furnace (Fig. 15.2. A 
blast of hot air (sometimes enriched with oxygen) atabout 880 K is 
blown in at the bottom ofthe furnace. The falling coke burns and 


_— 
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Fig. 15.1 A view of the Durgapur Steel Plant 
(Courtesy: P.I.B., New Delhi , 


intense heat is generated. Temperatures around 2200 K are reached 
near the base of the furnace. 

C + O, — CO, + Heat 

CO; + C — 2CO 
Carbon monoxide, thus produced, acts as a reducing agent and re- 
duces iron oxides to iron. 


FeO; + 3CO — 2Fe +- 3CO, 
(molten) 


Fe,0; + CO — 2FeO + CO; 
Fe,0, + CO — 3FeO + CO; 


FeO + CO —- Fe + CO; 
(molten) 
In the middle of the furnace (temperature around 1300 K), limestone 
decomposes to quicklime (CaO) which reacts with silicaceous impu- 
rities to form calcium silicate (slag). 


CaCO, > .CaO + CO, 


Limestone Quicklime 

(flux) 

CaO + SiO; —— CaSiO, 
(impurity) (slag) 
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In the lower part of the furnace, the spongy iron dissolves carbon, 
sulphur, phosphorus, manganese and silicon. The molten iron sinks 
to the bottom and forms a layer below the slag. It is removed perio- 
dically from a lower hole into sand moulds. It is called cast iron or 
pig iron and contains about 3-57; carbon and small amounts of sul- 
phur, phosphorus, manganese and silicon. It is the least pure form of 
iron. It is hard but too brittle to be used for welding or forging. It 
expands on solidification and, therefore, find extensive use in casting. 


Charge (Ore, limestone and coke) 


= AWA 


WX----- 500K ------------+----- 


3Fe,0,+CO = 2Fe50, CO; 
Caco, ——Ca0-* co, 
Fe30,* CO — 3Fe0 * CO; 


Gases rise 
' 
i 
So 
o 
o 
* 


C4 C0,——e 2C0 
FeO CO —9 Fe(s)* CO; 


"NN uu i tees = = 
Impure iron melts 


Molten slag forms 


Solid charge descends 


Phosphates and silicates 
reduced.P and S pass 
into molten iron 


2G 2000) | 2E e 200 - -+-+ 


Hearth 


Iron 
Fig. 15.2 Blast furnace for the production of iron 


As the charge moves down the furnace, molten iron and slag are 
tapped off separately and the furnace is recharged at the top making 
the process continuous. The gases leaving the furnace contain carbon 
monoxide and are used for heating the air blast. 

There are two other varieties of iron called wrought iron and steel. 
Wrought iron is a comparatively pure form of iron that contains 0.2- 
0.5% carbon and very small amounts of other impurities like sulphur, 
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phosphorus, silicon and manganese. It is obtained by heating cast 
iron with haematite which oxidizes the impurities. 


FeO, + 3C  —— 2Fe + 3CO 
(impurity) 


Carbon escapes as carbon monoxide while other impurities form slag. 


MnO + SiO; ——> MnSiO, 
(slag) 


Wrought iron, thus obtained, "contains traces of these elements in the 
form of slag. It is soft, malleable, ductile and can be welded. It is 
resistant towards corrosion and rusting because of the presence of 
slag. It is used in the manufacture of chains, anchors, wires, bolts, 
nails and cores of electromagnets. 

These days the bulk of cast iron is converted into steel containing 
0.1-1.5% carbon and very little sulphur and phosphorus. Steel is ob- 
tained by one of the following processes: 


1. Bessemer process 
2. Open hearth process 
3. Electric furnace process 


In the Bessemer process, molten cast iron is taken in a pear-shaped 
Bessemer converter lined with refractory material (silica bricks). A 
hot blast of air is blown through until the carbon content has been 
sufficiently lowered and the basic impurities form a slag with the sili- 
caceous lining of the converter. Requisite amounts of carbon and 
manganese (in the form of spiegeleisen) are added to obtain the de- 
sired steel. In a recently developed method called L.D. process (Linz- 
Donawitz process), pure oxygen instead of air is used to oxidize im- 
purities (Fig. 15.3), The converter is lined with magnesia to facilitate 
the removal of phosphorus and sulphur. Some lime is also used which 
acts as a flux. Oxygen, under high pressure, is introduced into the 


Fig. 15.3 L.D. process 
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converter containing the molten cast iron. The impurities are oxidized 
and the temperature rises to 2300-2800 K. 


2€ 3903-9000 
Si + O, — SiO; 
2Mn + O, — 2MnO ~ 


SiO; reacts with MnO and CaO to form fusible MnSiO; and CaSiO; 
respectively. 


MnO + SiO, ——> MnSiO; 
CaO + SiO, — CaSiO; 


Fig. 15.4 L.D. converter designed and fabricated at the 
National Metallurgical Laboratory for the production of 

«4 oxygen-blown steel from Indian pig iron 
: (Courtesy: P.I.B., New Delhi) 
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The fusible slag floats on the surface of the dense iron. The purified 
metal is denser than the impure metal and thus the former forms the 
bottom layer. 


In the open hearth process, a mixture of cast iron, haematite ore, 
scrap iron and lime is melted on a shallow hearth lined with silica (if 
impurities are basic in nature) or calcined dolomite, CaO.MgO (if 
impurities are acidic in nature). In this process external heating to 
about 1900 K is done by burning fuel gas and air. The slag produced 
floats over the steel and protects it from oxidation. This process is 
slower but produces better quality steel. 

In the electric furnace process, the heating is done by an electric 
current. In principle, it is similar to the open hearth process. It is 
widely used in the manufacture of high quality steels and alloy steels. 


Fig. 15.5 India’s first open hearth furnace, Bhilai 
(Courtesy: P.I.B., New Delhi) 
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Properties of Steel 

The hardness of steel can be changed by heat treatment. When a steel 
article is heated to redness and suddenly cooled by putting it into 
water or oil, it acquires more hardness and becomes brittle. The pro- 
cess is called quenching or hardening of steel. 

When the quenched steel is heated again between 500 K and 575 K 
and cooled slowly, its hardness remains intact but the brittleness vani- 
shes. This process is called tempering or annealing of steel. During 
tempering, a very thin oxide film is formed on the surface of steel. 
Depending on the thickness of the film, the surface of the steel acqui- 
res a yellow or blue colour. The process helps to remove the strain 
present in quenched steel without affecting the hardness of the steel. 
Tempered steel is used for making razor blades, axes, knives, swords, 
etc. 


Alloy Steels 

The properties of steel can be modified by addition of other metals. 
When steel is alloyed with at least one metal like titanium, vanadium, 
chromium, molybdenum, manganese, cobalt or nickel, we obtain an 
alloy steel. The alloy steels are of immense use in modern life. Some 
of these alloys with their compositions, special characteristics and uses 
are given in Table 15.2. 


Table 15.2 Some important alloy steels 


Alloy Percentage Special Uses 
composition characteristics 
Stainless Fe 73, Cr 18, Ni 8, Resists corrosion Automobile parts, 
Steel Ct and action of or- cutlery, shaving 
j ganic acids blades 
Nickel Fe 96-98, Ni 2-4 Resists corrosion, Auto and aero- 
steel hard and elastic plane parts, cables, 
armour plates 

Tungsten Fe 94, W5,C1 Very hard and cor- High speed cutting 

steel rosion resistant tools, springs 

Invar Fe 64, Ni 36 Very low coefficient Watches, tapes, 
of expansion metre scales, pen- 

dulums 
Alnico Fe 63, Al 12, Strongly magnetic Permanent magnets 
Ni 20, Co 5 

Permalloy — Fe21, Ni 78, C1 Highly magnetised Electromagnets, 
when current is ocean-cables 
passed 

Manganese Fe 86, Mn 13, C 1 Extremely hard, Rock crushers, sa- 

steel resistant to wear fes, armour plates 


railroad tracks 
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Compounds of Iron 


Iron forms two series of compounds: 


1, Ferrous in which iron is in +2 oxidation state, and 
2. Ferric in which iron is in 4-3 oxidation state. 


Oxides of Iron 
Iron forms three oxides, namely, iron(II) oxide FeO (also called fer- 
rous oxide), iron(II) oxide FeO; (also called ferric oxide) and mixed 
oxide Fe3O4 (FeO-Fe;O;). We have come across all these oxides in the 
metallurgy of iron. 

Iron(II) oxide can be obtained as a black pyrophoric powder by 
heating iron(II) oxalate in absence of air. 


Fe(COO), —-> FeO + CO + CO, 


It dissolves in dilute acids (HCl or H,SO,) and forms iron(II) salts. 
FeO + 2HCl —-> FeCl, + H,O 


Iron(III) oxide occurs in nature as haematite or limonite. When 
iron(III) salts are treated with alkali, a gelatinous reddish brown 
precipitate of hydrated oxide is obtained. This on heating to about 
500 K gives iron(III) oxide. It is used as a red pigment. 

Mixed oxide of iron, Fe3O, occurs in nature as magnetite. It can 
be obtained by partial oxidation of FeO or by heating Fe;O; to about 
1700 K. It is a black strongly ferromagnetic compound which is in- 
soluble in water and acids. 


Halides of Iron 
Iron(II) chloride (or ferrous chloride), FeCl, is obtained by dissolving 
pure iron wire in dilute hydrochloric acid: 


Fe + 2HCl —— FeCl, + Hp 


On crystallization, bluish-green crystals of FeCl,.4H,O are obtained. 
Anhydrous ferrous chloride is obtained by passing dry hydrogen chlo- 
ride gas over iron. 

Iron(III) chloride (or ferric chloride), FeCl, can be obtained by 
dissolving ferric hydroxide in dilute hydrochloric acid. 


Fe(OH); + 3HCl —-> FeCl, + 3H,0 


Anhydrous ferric chloride is obtained by passing dry chlorine over 
heated iron scrap or wire (Fig. 15.6) when the salt sublimes over as 
deep red crystalline plates. 


Heat 
2Fe + 3Cl, —— Fe;Cl; 
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To fume cupboard HM $ 
Dry Ci —> 


Anhydrous Fes Clg 


Iron scrap 
or wire 


Fig. 15.6 Preparation of anhydrous ferric chloride 


In the vapour state, the compound corresponds to the dimer Fe;Cl, 
(structure given below). 


ct ct ct 
Md eet 
ate 3s Diy 


It is soluble in water, alcohol and ether. The aqueous solution of 
ferric chloride is acidic because of the following hydrolysis: 


FeCl, + 3H,O = Fe(OH); + 3HCI 
(weak base) (strong acid) 


The formation of colloidal ferric hydroxide in the reaction imparts 
brown colour to the solution. Ferric hydroxide is an important mor- 
dant in dyeing. 

Ferric chloride is used as a laboratory reagent and in medicines (as 
an antiseptic and as an astringent). It is also used by blockmakers 
for etching copper and silver. The metals are etched because of the 
oxidizing action of iron(II). 


2Fe* (ag) + Cu(s) —> 2Fé (ag) + Cu?*(aq) 
Fe**(ag) + Ag(s) —> Fe?*(ag) + Ag*(aq) 
Sulphides of Iron 


Iron(II) sulphide (or ferrous sulphide), FeS is obtained by heating iron 
filings with sulphur. 


Fe -++ S —— Fes 


It is used in the laboratory for preparation of hydrogen sulphide 
(HS) gas which, in turn, is used in qualitative analysis. 


FeS + H;SO, —-> FeSO, + H?S 
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Sulphates of Iron 
Ferrous sulphate, FeSO,*7H20 (also called green vitriol because of its 
light green colour) is a very important ferrous salt. It is obtained by 
dissolving iron in dilute sulphuric acid and concentrating the solution 
to crystallization. 


Fe + H,SO, ——> FeSO + H, 


On large scale, it is obtained by exposing big heaps of moist iron 
pyrites to air when slow oxidation converts them into ferrous sul- 
phate. 

Light green crystals of FeSO,-7H,O are soluble in water. The 
aqueous solution is acidic because of the following hydrolysis taking 
place: 

FeSO, + 2H;O = Fe(OH), + H50, 
(weak base) (strong acid) 


The crystals lose water and turn brown on exposure to air because 
of the following oxidation: 


4FeSO, -+ 2H,0 + O, —— 4Fe(OH)SO, 
Basic ferric sulphate 
(brown colour) 


On heating the green vitriol (FeSO4.7H;O), white anyhdrous 
FeSO, is obtained. 
Heating 
FeSO,4.7H,0 -> FeSO, + 7H;O 


On strong heating; iron(II) oxide is formed and SO, and SO; are 
liberated. 


strong heating 
2FeSO, ————-—--> Fe,03 + SO, + SO; 


Ferrous sulphate is a reducing agent and is easily oxidized by acidi- 
fied potassium permanganate or dichromate. The reaction is used in 
volumetric estimation of ferrous ions. 


2MnO; + 16H* + 10Fe?* ——- 2Mn?* + 8H,O + 10Fe?* 
Cr0?- + 14H* + 6Fe?* —-> 2Cr^* + 7H;0 + 6Fe** 


Ferrous sulphate reacts with nitric oxide gas to form a brown com- | 
pound, [Fe(H;0)sNO]SO,. This forms the basis of brown ring test for 
nitrates (Unit 12). 

When a solution containing equimolar amounts of ferrous sulphate 
and ammonium sulphate is allowed to crystallize, it yields crystals of 
a double salt known as Mohr's salt, 


FeSO,-(NH4),SO4:6H,0 


This salt is not easily oxidized by air and is used for preparing stand- 
ard solutions of ferrous iron. 
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Ferrous sulphate is used as a mordant in dyeing and tanning indus- 
tries. It is also used in the manufacture of blue-black inks. Anhydrous 
ferrous sulphate is used in medicines when it supplements iron in the 
diet. 

Iron(III) sulphate (or ferric sulphate), Fe(SO;); is obtained by oxi- 
dizing acidified iron(II) sulphate solution with nitric acid. 

6FeSO, + 3H,SO, + 2HNO; —-> 3Fe,(SO,); + 4H;O + 2NO 
On concentrating the solution, crystals of Fe.(SO,);.9H,O are obtained. 

When a solution containing equimolar amounts of ferric sulphate 
and ammonium sulphate is evaporated to crystallization point, voilet 
coloured octahedral crystals of ferric alum, Fe,(SO,);‘(NH4),SO,- 
24H20 are obtained. Ferric alum is used as an indicator in volumetric 
titrations. 


15.2 COPPER, SILVER AND GOLD (Cu, Ag and Au) 


Copper, silver and gold, collectively called coinage metals (because of 
their use in making coins), were known to ancient man. These are 
transition metals with the general electronic configuration (n — 1) 
d'?ns!, They have one s electron in their outer orbital but differ from 
elements of group 1 (alkali metals) in that the penultimate shell con- 
tains 10 d electrons. The metals possess the highest thermal and elec- 
trical conductivities. Some of their properties are given in Table 15.2. 


Table 15.3 General properties of copper, silver and gold 


Property Copper Silver Gold 
Electronic configuration [Ar] 3d!? 4s! [Kr] 4d" 5$ [Xe] 5d!^ 6s! 
Atomic number 29 47 79 
Relative atomic mass 63.546 107.868 196.967 
Abundance in earth's crust — 68 0.08 0.004 

(ppm) 
Atomic radius, r/pm 128 144 144 
Tonic radius, M*, r/pm 96 126 127 
Electronegativity 1.9 1.9 2.4 
Tonization energy, 

I[kJ mol-!, 

I 745 731 890 

II 1957 2073 1973 

IH 3578 3359 2895 
Melting point, T/K 1356 1233 1333 
Boiling point, T/K 2868 2485 3239 
Density at 293 K, p/gcm-* — 8.95 10.49 19.32 


Oxidation states +1, +2 +1 +1, +3 
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Occurrence and Extraction 


Copper 
Copper occurs in the elemental form as well as in the combined form. 
Very pure native copper is found near Lake Superior . (USA). In the 
combined form it occurs as sulphide, oxide, hydroxide or carbonate. 
The important ores of copper are: copper pyrites (chalcopyrites), 
CuFeS,; copper glance (chalcocite), Cu,S; cuprite, Cu;O and malachite, 
CuCO;.Cu(OH);. In India, copper deposits are there in Karnataka, 
Rajasthan (Khetri belt), Bihar (Singhbhum) and in Himalayan belt. 
Copper is mostly extracted from copper pyrites, CuFeS;. The pow- 
dered ore is concentrated by froth floatation process and is roasted on 
the hearth of a reverberatory furnace in a limited supply of air. The 
reactions taking place are: 


2CuFeS, + O, —-> Cu,S + 2FeS+SO, (main reaction) 

2Cu;8 + 30; —— 2Cu,0 + 280; (minor reaction) 

2FeS -+ 30; —— 2FeO + 2805 (minor reaction). 
The roasted ore is mixed with sand (flux) and a little coke and 

smelted in a blast furnace. 
FeO + SiO; — > FeSiO; 
(flux) (slag) 
Cu,0 + FeS ——> CuS + FeO 


The slag is removed and the molten mass containing mostly cuprous 
sulphide with a little ferrous sulphide forms the lower layer. The mix- 
ture of sulphides is called matte. 

The molten matte is taken in a pear-shaped Bessemer converter 
(Fig. 15.7). A blast of air and sand is blown through tuyers. Cuprous 


Fig. 15.7 Bessemer converter 


sulphide gets partially oxidized to cuprous oxide. The unchanged cup- 
rous sulphide and the resulting cuprous oxide react to form copper. 


CuS + 2Cu,0 —+ 6Cu + SO, 
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It is called blister copper as it contains dissolved sulphur dioxide 
which imparts blister type appearance on the metal. It is about 99% 
pure and is used for most of the purposes. 

Very pure copper (99.95-99.997/) is obtained by electrolytic refin- 
ing (Fig. 15.8). The impure metal is made the anode while the thin 
sheet of pure metal acts as the cathode. Copper(II) sulphate solution 
is used as the electrolyte. On passing the electric current, pure metal 
deposits on the cathode, through the solution. The soluble impurities 
go into the solution while the insoluble low electropositive impurities 
collect as a muddy deposit (called anode mud) below the anode. The 
valuable metals silver, gold and platinum, are recovered from the 
anode mud. 


Impure copper el 
(anode) 


Pure copper 
(cathode) 


Cuts) -» Cu’ aq 
4267 
Anode mud 


cu? "aq +2e—» Cu(s) 


Copper sulphate 
solution 


Fig. 15.8 Electrolytic refining of copper 


Silver 


Silver occurs in the elemental form as well as in the combined form. 
The main ores of the mental are: silver glance (argentite) (Ag,S), horn 
silver (AgCI) and pyrargyrite (Ag;S.Sb;S;). It is also recovered from 
copper, lead, gold and zinc ores, and from anode mud resulting from 
electrolytic refining of copper. Most silver is produced in Mexico, 
Peru, USA, Canada, USSR and Australia. No silver ores are found 
in India. The metal is recovered as a by-product from gold, lead and 
zinc ores which contain small amounts of silver. 

Silver is extracted from its ores by the cyanide process. The crushed 
and finely divided ore is concentrated by forth floatation process. It is 
then leached with a dilute solution of sodium cyanide (0.5°/) for seve- 
ral hours and kept agitated by a current of air. Metallic silver or silver 
from the ore forms a soluble complex, dicyanoargentate. 


4Ag + 8CN- + 2H;0 + O, —— 4[Ag(CN);]- + 40H- 


(from ore) 
2Ag,S + 8CN- + 2H50 + O, — 4[Ag(CN);- + 40H- + 2S 
(ore) (soluble complex) 


The solution is treated with more electropositive metal zinc when 
silver gets precipitated while zinc passes into solution. 


2IAg(CN);]- + Zn —> 2Ag + [Zn(CN),f- 


he 
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Pure silver is obtained by electrolytic refining. Impure silver is used 
as anode, pure silver as cathode and silver nitrate solution (acidified 
with nitric acid) as an electrolyte. On passing the carrent, pure silver 
deposits at the cathode, impurities of zinc and copper pass into solu- 
tion while low electropositive gold falls as anode mud. 


Gold 


Associated with quartz or pyrite, gold mostly occurs in the native 
form. In the combined form it occurs as telluride or sulphide. Sea 
water contains gold to the extent of 1 x 107? ppm, depending on 
location. Alluvial sands of rivers that pass over gold-containing rocks 
contain the metal. 

South Africa is the biggest producer of gold. The other gold-pro- 
ducing countries are USA, Canada, USSR, Australia and India. We 
produce about 2% of the total world production of gold. The Kolar 
mines (Karnataka) produce about 99.97% of our total gold produc- 
tion. Gold from Kolar mines is extracted by amalgamation and 
cyanide processes. 


Amalgamation Process The crushed and pulverized gold-bearing 
quartz is washed with water. The slurry obtained is passed over amal- 
gamated copper plates when the gold particles are retained on the 
plates as amalgam. The amalgam from these plates is distilled when 
mercury distils over leaving behind the gold. 


MacArthur-Forrest Cyanide Process The tailings from the Amalga- 
mation process or the crushed and the concentrated gold-containing 
rock is leached with dilute sodium cyanide (or potassium cyanide) 
solution for about two days in the presence of atmospheric oxygen. 
Gold dissolves in cyanide solution forming dicyanoaurate(I) complex. 


4Au + 8CN- + 2H50 + O, ——> 4[Au(CN);]- +- 40H- 
(soluble complex) 
The solution is treated with more electropostitive zinc shavings when 
gold is precipitated while zinc passes into solution. 


2[Au(CN)s}- + Zn — [Zn(CN),?- + 2Au 


Gold, thus obtained, contains silver and copper as the impurities. 
These are removed by heating the impure gold with concentrated sul- 
phuric acid or nitric acid. Copper and silver dissolve in the acid while 
pure gold is left behind. Removal of copper and silver from gold is 
called parting. 

Gold may also refined by the electrolytic method. Impure gold is 
made the anode, pure gold acts as cathode and gold(III) chloride 
solution (acidified with hydrochloric acid) is used as. the electrolyte. 
On passing the electric current, pure gold deposits on the cathode. 


Properties and Uses of Cu, Ag and Au 


Reddish-coloured copper, white-lustrous silver and yellow-coloured 
gold are all heavy metals, malleable, ductile and good conductors of 
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heat and electricity. The metals are not very reactive and their mobi- 
lity increases from copper to silver to gold. 


Action of Air The metals are not attacked by the ordinary dry air. 
However, copper is corroded in moist air and forms basic copper car- 
bonate. 


Cu + O, + CO; + H,O — Cu(OH),-CuCO; 


When heated in air, copper forms cupric oxide below 1400 K and 
cuprous oxide above 1400 K. 


Below 1400 K 
——-— 2CuO 


Above 1400 K 
4Cu + 0, ———— 2Cu,0 


2Cu + O, 


Action of Water Only at white heat temperature, copper decomposes 
steam 


2Cu + H,O —— CuO + H, 
Action of Acids Dilute sulphuric acid and hydrochloric acid do not 
attack copper unless air is present. In presence of air, the reactions 
are: 


2Cu + 2H,80, + O, —> 2CuSO, -+ 2H;O 
(dilute) 


2Cu + 4HCI + O, — 2CuCh + 2H,0 
(dilute) 


Silver and gold do not react even in the presence of air. 
Dilute nitric acid reacts with copper and silver. 


3Cu + 8HNO, —> 3Cu(NO)), + 2NO + 4H;O 
(dilute) 


3Ag + 4HNO; —> 3AgNO, + NO + 2H,0 
(dilute) 


Hot concentrated sulphuric acid reacts with copper and silver but 
not with gold. 


Cu 4- 2H5S0, —-> CuSO, + SO, + 2H,O 
(conc.) 


Reactions of copper and silver with concentrated nitric acid are: 
Cu + 4HNO, —-> Cu(NO;), + 2NO, + 2H,O 
(conc.) 2 


Ag + 2HNO, —. AgNO, + NO, + H,O 
(conc.) 
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Gold reacts only with aqua regia (3 parts concentrated hydrochlo- 
ric acid and 1 part concentrated nitric acid) where nitric acid acts as 
oxidizing agent. 


3HCI + HNO; = NOCI + 2H,0 + 2CI 
Au + 3Cl + HCl —+> HAuCl, 
The net reaction is: 
2Au + 11HCI + 3HNO; — 2H[AuCL] + 6H,0 
+ 3NOCI 
Action of Alkalis The copper group metals do not react with alkalis. 


Action of Hydrogen Sulphide Hydrogen sulphide present in atmos- 
phere or as such can react with copper to form copper sulphide, CuS, 
and with silver to form silver sulphide, Ag;S. 


Action of Ammonia: Copper reacts with ammonia solution in presence 
of air to form deep blue tetraaminecopper(II) hydroxide. 


2Cu + 8NH; + 2H,0 + Oz ——> 2[Cu(NH;),( OB); 
Tetraaminecopper(IT) hydroxide 


Action of Cyanides The metals react with cyanide solution in the pre- 
sence of air and form soluble complexes. 


2Cu + 10 CN- + O; + 2H;0 —-> 2[Cu(CN),)°- 
+ 40H- + CIN; 


4M + 8CN- + O, + 2H;0 —-> 4[M(CN);]- + 40H- 
(where M = Ag or Au) 


Action of Ozone Copper and silver react with ozone but gold does 
not. 


Cu + O; —— CuO + O; 

2Ag + O; —> Ag,O + O; 

AgO + 0; — D 20; 
Action of Chlorine Chlorine reacts with the metals to form their 
chlorides. 

Cu + Ch ——> CuCl, 

2Ag + Cl — 2AgCl 

2Au + 3Cl; ——- 2AuCl, 


Displacement Reactions From the positions of copper, silver and gold 
in the electrochemical series, it is evident that copper can displace 
Silver and gold from their salt solutions, silver can displace gold from 
its salt solution but gold remains the least reactive. 
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Uses 


Because of good conductance, copper is used ‘or conveying electrical 
power and for manufacturing electrical goods. As such or in the form 
of alloys, the metal has wide variety of uses (Table 15.3). Many of 
copper salts are also very useful. 

Silver as such or alloyed silver (Table 15.3) is used in jewellery. 
Silver salts are used in silvering of mirrors, photography and in medi- 
cines. Silver leaves are used in Ayurvedic and Unani systems of medi- 


cines as a tonic. 


Table 15.3 Some important alloys of copper, silver and gold 


Alloy Composition Special characteristics Uses 
percentage 
Brass Cu 60-80 Hard, malleable, ductile, ^ Utensils, casting, 
Zn 20-40 tenacious tubes, catridges 
Bronze Cu 80 Hard, tenacious, durable, Statues, valves, 
Zn 10 resists corrosion machine parts 
Sn 10 
Aluminium Cu 90 Light, strong, resists Utensils, cheap 
bronze Al 10 corrosion, tenacious jewellery, golden 
powder for paints 
Phosphor Cu 95 Hard, tough, resists Springs, suspen- 
bronze Sn 4.8 corrosion, elastic sion wires, aerials, 
P0.2 gears, propellors 
Silica Cu 97 Hard, tenacious, good Telephone and 
bronze Sn2 conductor, resists corro- telegraph wires 
Sil sion 
Gun metal Cu 88 Hard, strong, resists cor- Guns, cannons, 
Sn 10 rosion gears, bearings 
Zn 2 
Constantan Cu 60 Hard, tough, resists cor- For electrical ap- 
Ni 40 rosion paratus 
German Cu 25-50 White shining, malleable, ^ Utensils, jewel- 
silver Zn 25-35 ductile, resists corrosion lery, resistance 
Ni 10-35 wire 
Silver Ag 92.5 Hard, white shining, mal- Silverwares, coins, 
copper alloy Cu 7.5 leable jewellery 
Gold copper Au 90 Hard, malleable, durable Jewellery, 
alloy Cu 10 resists corrosion spectacle 


tims, coins. 
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Gold as such or its alloy with copper (Table 15.3) is used in jewel- 
lery. Gold is an article of wealth. Gold has been used in coins and in 
covering temple domes. The purity of gold is generally given on the 
carat scale—pure gold is 24 carat. 


Compounds of Cu, Ag and Au 


Copper forms compounds in which its oxidation state is +1 (called 
cuprous compounds) or 4-2 (called cupric compounds). The main 
oxidation state of silver is +1 while gold forms compounds in which 
the metal has + 1 and +3 oxidation states. 

Copper(I) or cuprous compounds are not stable in aqueous solution 
in which they disproportionate to copper and copper(II) or cupric 
compounds. A 
2Cu*(aq) —-> Cu?*(aq) + Cu(s) 

They can be stabilized by formation of insoluble compounds like cup- 
rous halides, cuprous thiocyanate, etc. or by complex formation with 
halides, cyanides and ammonia. 


CuCl + CI- —— [Cuch] 
CuCN + CN- —- [Cu(CN);]- 
CuCl + 2NH; —— [Cu(NH3);]CI 
When a cupric salt solution is treated with potassium iodide, cup- 
rous iodide is precipitated. 
2Cw^* + 4I- —> 2Cul + L 
The liberated iodine in the reaction is titrated against thiosulphate to 
estimate the strength of copper solution. 
The formation of insoluble cuprous thiocyanate, CuCNS, is used in 
the gravimetric determination of copper. 
Oxides 
Copper(I) oxide or cuprous oxide, Cu;O is obtained by the reduction 
of an alkaline solution of copper sulphate. 


It is a yellow or red oxide of copper and is used as a colouring 
material in glass industry and in the manufacture of anti-rust paints, 


. Copper(II) oxide or cupric oxide, CuO is manufactured by the cal- 
cination of malachite ore. 


CuCO,-Cu(OH), —-> 2CuO + CO, + H;O 


It may also be obtained by igniting copper(II) nitrate, carbonate or 
hydroxide. 


2Cu(NO;), — 2CuO + 4NO, + O, 
CuCO; ——> CuO + CO; 
Cu(OH), —— CuO + H,O 
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Copper(II) oxide is a black powder, insoluble in water and basic in 
nature. 


CuO + H,SO, ——> CuSO, + H;O 


It is used in the glass industry as a colouring material, in refining 
petroleum and in organic analysis. 

Silver(I) oxide, Ag,O is obtained as a brown precipitate by treating 
silver nitrate solution with sodium hydroxide or potassium hydrox- 
ide. ! 


2Ag* + 20H- —> Ag,O + H,O 


The precipitate is soluble in ammonium hydroxide forming the com- 
plex diamminesilver(I) hydroxide, Ag(NH3);OH. Silver oxide is ther- 
mally unstable and decomposes into silver and oxygen on heating. 


2Ag,0 —— 4Ag + O, 


Gold oxides are unstable and decompose on heating into gold and 
oxygen. 


Sulphides 
Copper(I) sulphide or cuprous sulphide, Cu;S (melting point 1403 K) 
is obtained by heating copper with sulphur in a vacuum furnace. 


2Cu -+ S ——> CuS 


Copper(II) sulphide or cupric sulphide, CuS is obtained as a black 
precipitate when hydrogen sulphide is passed through a Cu(II) salt 
Solution in acidic medium. 


Cu?+ + HS —-> CuS + 2H* 
(black ppt.) 


. Silver(I) sulphide, Ag,S is obtained as a black precipitate by treat- 
ing a silver salt solution with hydrogen sulphide. 


2Ag* + H,S ——> AgS + 2H* 
(black ppt.) 


It is the most insoluble salt of silver. It dissolves in dilute cyanide 
solution, in presence of air, forming soluble complex, [Ag(CN);]-. 


2Ag;S + 8CN^ + 2H,0 + O, —— 4[Ag(CN),]-+40H-+2S 
(soluble complex) 


The action of hydrogen sulphide on acidified potassium dicyanoau- 
rate(D, K [Au(CN);] gives the dark brown solid gold(I) sulphide or 
aurous sulphide, AujS. When H;$ is passed through cold solution of 
gold(III) chloride (AuCl) in dry ether, gold(III) sulphide or auric 
sulphide, AujS; results which is rapidly reduced to metallic gold or 
Aut on addition of water. 
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Halides 

Halides formed by copper, silver and gold are given in Table 15.4. 
Copper(I) chloride or cuprous chloride, CuCl is obtained as a white 

insoluble compound by heating copper(II) chloride or copper(II) sul- 

phate with excess of copper turnings and concentrated hydrochloric 

acid. 


CuCl, + Cu —> 2CuCl 1 
CuSO, + Cu + 2HCI —> 2CuCl + H;S0, 


In presence of air and moisture, it is oxidized to copper(II) chloride. 
It is used in the gas analysis for absorbing acetylene and carbon mon- 
oxide, and also as a catalyst (with NH4CI) in the production of syn- 
thetic rubber. 


Table 15.4 Halides of copper, silver and gold 


Halides Copper Silver Gold 
Fluorides CuF, AgF AuF; 
(white, m.p. (yellow, m.p. (brown, sublimes 
1058 K) 708 K) at 573 K) 
Chlorides CuCl AgCI AuCl 
(white, m.p. (white, m.p. (yellow, decomp. 
695 K) 728 K) above 693 K) 
CuCl, AuCl, 
(brownish, m.p, (red, decomp. 
903 K) above 433 K) 
Bromides CuBr AgBr AuBr 
(white, m.p. (light yellow, 
711 K) m.p. 703 K) 
CuBr, AuBr, 
(black, m.p. (red-brown) 
771 K) 
Todides Cul AgI Aul 
(white, m.p. (yellow, m.p. (yellow) 
879 K) 829 K) 


Copper(II) chloride or cupric chloride, CuCl, is obtained by dissolv- 
ing copper(II) oxide or copper(II) carbonate in hydrochloric acid. 


CuO + 2HCI —— CuCl, + H,O 
CuCO; + 2HCI —-> CuCl, + H20 + CO, 


Anhydrous CuCl, is obtained by burning copper in a current of 
chlorine, 
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All the four silver halides can be obtained directly from the elements. 
AgCI, AgBr and AgI are usually obtained by treating silver nitrate 
with corresponding halide solution. 


Agt + X- —> AgX 
(where X = Cl, Br or I) 


AgF is highly soluble in water (1800 g dm~ at 298 K) while other 
silver halides are insoluble. All silver halides are sensitive to light (AgF 
only to ultraviolet light). Their solubility in ammonia decreases in the 
order: AgCl, AgBr, Agl. d 

Gold forms AuCl, AuBr, Aul, AuF3, AuCl, and AuBr;. The most 
important gold(III) chloride or auric chloride (AuCl;) is obtained by 
passing dry chlorine over finely divided gold powder at about 580 K. 
On exposure to sunlight or on heating AuCl, decomposes to gold(l) 
chloride (AuCl) and chlorine. 

Heat 
AuCl; 


sunl; 


or 
-> AuCl + Cl; 
ght 


Copper Sulphate 

Copper sulphate, CuSO,.5H,O, commonly known as blue vitriol is 
an important compound of copper in which its oxidation state is +2. 
It is obtained by treating scrap copper with hot dilute sulphuric acid 
in the presence of air. 


2Cu + 2H,S0, + O, —-> 2CuSO, + 2H,0 


Blue crystalline copper sulphate is soluble in water. Its aqueous 

solution is acidic in nature due to the following hydrolysis: 
CuSO, + 2H,O —-» Cu(OH), + H,SO,4 
(weak base) (strong acid) 

On exposure to dry air, the blue crystals effloresce to a pale blue 
powder, CuSO,:3H;O which changes to bluish white CuSO, H;O 
on being heated to 373 K. The monohydrate becomes white anhydrous 
CuSO, at 423 K. 


Explosure 373 K 43K 
CuSO,.5H;O = CuSO.3H,0 = CuSO,.H;O = CuSO, 
(blue) (pale blue) (bluish white) (white) 


At above 1000 K copper sulphate decomposes to cupric oxide and 
sulphur trioxide. 


CuSO, —— CuO + SO; 


Blue colour of aqueous cupric solution is due to the presence of 
[Cu(H;O),P* ions. In ammonia solution, cupric ions from tetraami- 
necopper(II) ions which are deep blue in colour. 

Copper sulpate is extensively used in electroplating, batteries and as 
a mordant for dyeing. A mixture of copper sulphate and lime under 
the name Bordeaux mixture is used as a fungicide in agriculture. 
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Silver Nitrate Y 
The most important compound of silver is silver nitrate (AgNO)). It is 
prepared by dissolving silver metal in warm dilute nitric acid. 

3Ag + 4HNO; — 3AgNO, + 2H,O + NO 

Colourless crystals of silver nitrate are highly soluble in water. The 
compound decomposes on heating as shown below: 
About 500 K. 
2AgNO, —_——-> 2AgNO, + O, 


Above 1000 K 
2AgNO; ————-> 2Ag + 2NO, + 0, 


Silver nitrate is an important laboratory reagent and is used for 
detection of many anions like halides, thiosulphate, sulphide, chromate 
and phosphate. 

Ag* + CI —> AgCI 
(white precipitate soluble in 
ammonium hydroxide) 
Agt + Br" —-> AgBr 
(pale yellow precipitate, slightly soluble 
in NH,OH) 
Agt + I- ——> Agl 
(yellow precipitate, insoluble 
in ammonium hydroxide) 
2Agt + $027 ——- Ag,S,0; 
(white precipitate, turning 
yellow, brown and black) 
2Agt + S'- — AgS : 
(black precipitate) 
2Ag* + CrOZ- — Ag;CrO, 
(brick red precipitate) 
3Agt + PO} — Ag;PO, 
(yellow precipitate soluble in 
ammonium hydroxide) 


It is also used for volumetric and gravimetric determinations of 
halide ions. In industry, the salt finds many applications. It is used in 
silvering of mirrors and silver plating, preparing inks for clothes, hair 
dyes and medicines. 


Photography 


Photography is a process of producing pictures of illuminated objects 
on light-sensitive surfaces, Silver halides, particularly silver bromide, 


548 Chemistry for Class XI 


‘are light-sensitive. Their decomposition, on exposure to light, forms 
the basis of photography. The essential steps involved in the process 
are given below: 


1. Preparation of a light-sensitive surface A light-sensitive glass 
plate or celluloid film is made by uniformly coating its surface with 
colloidal gelatinised solution of a silver halide (called emulsion). Except 
silver fluoride, the other silver halides are light sensitive. The halide 
used depends on the sensitivity required, but silver bromide is most 
commonly used on films. Silver iodide is used for fast films. Silver 
chloride and certain organic dyes (called photo-sensitisers) are also 
incorporated in the emulsion. The coating of the surface is done ina 
dark room. 


2. Exposure to obtain a latent image The light-sensitive film is plac- 
ed in a camera. When the shutter of the camera is opened for a mo- 
ment, the image of the object falls on the film. During the exposure, 
silver halide decomposes and forms extremely minute particles of silver 
and halogen, the latter is absorbed by the gelatin. 


X-+hW—>X+e 
Agt + e — Ag 


The exposure produces no visible effect on the film but makes the 
silver salts more easily reducible to the metallic state when treated 
with suitable chemicals. The effect is, therefore, latent (the image is 
called latent image) and is proportional to the intensity of the light 
reflected from the object. 


3. Development to obtain a negative The latent image is developed 
or intensified in a developing bath which consists of an alkaline solu- 
tion of a mild organic reducing agent. The most commonly used deve- 
loper is hydroquinone, C;H4(OH);. The developer acts more rapidly 
on the parts of the film where the illumination was most intense. The 
reduced silver is left here in the form of a black film. Thus, the film 
becomes darkest where the object was brightest and vice versa. 


C;H«(OH), + 2AgX ——- C;H40, + 2Ag + 2HX 


Hydroquinone Quinone 


The image becomes visible but due to its negative relationship with the 
shade of the object, it is called a negative (Fig. 15.9). The film is deve- 
loped in a dark room to avoid the general blackening of the picture. 


4. Fixing The developed film cannot be exposed to light as it still 
contains sensitised emulsion at the points not exposed to light. The 
image on the negative is fixed by dissolving away all the remaining 
silver salts to prevent their further reduction. This is done by immers- 
iig the negative in a bath containing hypo (sodium thiosulphate) 
solution. 


AgX + 2Na,S,0; —> NasAg(S;03); + NaX 
(hypo) pd en 203) (soluble) 
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After fixing the image, the negative is no longer sensitive to light. 


5. Printing A positive print is a negative of the negative. It is 
obtained by passing light tbrough the negative and repeating the deve- 
lopment and fixing processes using a photographic printing paper 
(which also contains silver halide) instead of a celluloid film. 


Fig.15.9 Negative Fig. 15.10 Negative of the negative 
(Fig. 15.9) or a positive print 


15.3 ZINC AND MERCURY (Zn and Hg) 


Zinc (Zn), cadmium (Cd) and mercury (Hg) are the metals of group 

12 of the periodic table. In formation of their compounds, no d elec- 

trons are involved and, hence, the metals are generally not considered 

as transition elements. They form compounds or complexes by losing 

n sectio Some of the general properties of the metals are given in 
able 15.5. 


Occurrence and Extraction 


The main ores of zinc are: zinc blende (also called sphalerite) ZnS, 

calamine (also called smithsonite) ZnCO, and zincite ZnO. Canada, 

USA and Australia have large deposits. Zawar mines near Udaipur 

Nro) contain zinc blende and are worked for the extraction of 
e metal. 


850 Chemistry for Class Xi 


Table 15.5 General properties of zinc, cadmium and mercury 


Property Zine Cadmium Mercury 


Electronic configuration [Ar] 3d!? 4s? [Kr] 4d'e5s* [Xe] 5d'^ 6s? 


Atomic number 30 48 80 
Abundance in earth’s 
crust (ppm) 76 0.16 0.08 
Atomic radius, r/pm 134 151 151 
Tonic radius, M** r/pm 74 95 102 
Electronegativity 1.6 1.7 1.9 
Tonization energy, 
I[kJ mol-* 
I 906 877 1007 
Il 1733 1631 1809 
Melting point, T/K 692 594 234 
Boiling point, T/K 1180 1034 630 
Density at 298/K, 
elg cm~ 74 8.7 13.6 
Oxidation states T2 T2 +1, +2 


Zinc blende ore is crushed and concentrated by froth floatation 
process. It is roasted to zinc oxide at about 1200 K. 


2ZnS + 30, —— 2ZnO + 250, 

ZnS + 20, ——> ZnSO, 

2ZnSO, ——- 2ZnO + O, + 280; 
Sulphur dioxide generated as a by-product is used for the manufacture 
of sulphuric acid. Calamine ore (ZnCO)), if used, is calcined instead of 
roasting. 

Zinc oxide, thus produced, is either reduced to metallic zinc or trea- 

ted electrolytically. In the former case, the oxide is mixed with half of 


its mass of powdered coal or coke and heated in fire clay retorts to 
about 1680 K when metallic zinc is obtained. 


ZnO + C —— Zn + CO 


, The metal is volatile at this temperature. Its vapours are chilled to 
obtain zinc of 99% purity. Further purification (by vacuum distilla- 
tion or electrolytic method) can give zinc of 99.99% purity. 

In the electrolytic method for obtaining zinc from zinc oxide, the 
latter is leached with dilute sulphuric acid to obtain zinc sulphate 
which is then electrolysed. 
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When molten zinc is poured into cold water, granulated zinc is 
SA dE Zinc dust is prepared by atomizing fused zinc with a blast 
of air. 

Cinnabar, HgS is the only important ore of mercury. Its extensive 
deposits are in Spain which contain up to 6-7% mercury. The other 
deposits, containing less than 1% mercury, are in Italy, USSR, 
Algeria, Mexico and Yugoslavia. 

For the extraction of mercury, cinnabar ore is crushed and concent- 
rated by the froth floatation process. It is then roasted in a current of 
air at about 780-880 K and the vapours are condensed to obtain 
about 99.7% pure liquid metal. 


780-880 K 
HgS + 0; ————— Hg + SO; 


„The metal so obtained may contain impurities of zinc, lead, tin, 
bismuth and copper. It is purified by passing it slowly through dilute 
nitric acid (about 5%). The impurities dissolve in the acid. Mercury(I) 
nitrate, if formed, also reacts with the impurities forming their nitrates 
a Heime mercury. Further purification may be done by vacuum 

istillation. 


Properties of Zn and Hg 


Bluish-white zinc metal is somewhat brittle at room temperature. 
However, it becomes malleable and ductile between 370 K and 420 K. 
Mercury is a silver-white shining heavy liquid and has relatively low 
electrical and thermal conductivities. It has a regular coefficient of 
expansion. Physical properties of both zinc and mercury are given in 
Table 15.5. 

Zinc is relatively active and gets tarnished in moist air. Both zinc 
and mercury combine with oxygen, sulphur and halogens on being 
heated. They have no reaction with hydrogen, carbon or nitrogen. 
Pure zinc does not react with water. However, impure zinc decomposes 
steam liberating dihydrogen gas. 


Zn + H;O —— ZnO + H; 
(steam) 


Mercury does not react with water or steam. 


Dilute nonoxidizing acids such as hydrochloric acid or sulphuric 
acid have practically no action on chemically pure zinc. But impure 
zinc reacts rapidly with these acids liberating dihydrogen gas. 


Zn + 2H* — Zn™ + H, 


Mercury does not react with these dilute nonoxidizing acids. 
Hot concentrated sulphuric acid reacts with both zincand mercury 
forming metal sulphates and liberating sulphur dioxide. 
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M + 2H,SO,—-> MSO, + SO, + 2H,0 
(conc.) 


(where M — Zn or Hg) 
4Zn 4- 10HNO, —> 4Zn(NO;), + N;O + 5H,0 
(dil. 


Zn + 4HNO, —-> Zn(NO3) + 2NO; + 2H,0 
(conc.) 
6Hg + gem — 3Hg,(NO;), + 2NO + 4H;O 
(dil. 
Hg + 4HNO, —— Hg(NO,), + 2NO, + 2H;0 
(conc.) 


Zinc dissolves in aqueous alkalis forming soluble zincates and liberat- 
ing dihydrogen gas. 
Zn + 20H- + 2H;0 —— [Zn(OH),P- + H; 


(soluble zincate) 


Alkalis have no action on mercury. 


Compounds of Zinc and Mercury 


Both zinc and mercury form compounds in which the metal is in + 
oxidation state, characterized by the d!? configuration, Mercury also 
forms compounds which formally involve Hg(1) as derivatives of Hg3* 
ion. In these compounds, two mercury atoms are covalently bonded. 


Oxides 


Zinc oxide, ZnO, the most important zinc compound is obtained by 
burning zinc metal in air or by heating zinc carbonate, hydroxide or 
nitrate. 


2Zn + 0, — 2Zn0 


It is a white powder. On heating, the colour changes to yellow due 
to the loss of oxygen from the lattice to give a nonstoichiometric 
phase. The yellow colour disappears on cooling the compound. 

as oxide is an amphoteric oxide and dissolves in both acids and 
alkalis. 


ZnO + 2HCI —> 2ZnCl, + H,O 
(soluble) 


ZnO + 2NaOH + H,O —> Na,[Zn(OH),] 
Sodium zincate 
(soluble) 
The compound sublimes at 673 K. 


, The most important industrial use of zinc oxide is in the rubber 
industty where it reduces the time of vulcanization and is also used as 
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a filler. It is used as a white pigment in paints. It is nontoxic and is 
not blackened by atmospheric hydrogen sulphide. As it improves the 
chemical durability of glass, it is used in the manufacture of special 
glasses, glazes and enamels. It is used in medicine (zinc ointment) and 
as a catalyst (with chromium(IlI) oxide) in the synthesis of methanol 
from water gas and dihydrogen. In the chemical industry, zinc oxide 
is used as a starting material for many zinc compounds. 

Mercury(II) oxide, HgO exists in two forms—a red variety and a 
yellow variety. Red HgO is obtained by heating mercury in excess of 
air at about 625 K or by pyrolysis of mercury(II) nitrate. 


625K 
2Hg + O, —> 2HgO 
2Hg(NO;). —-- 2HgO + 4NO, + O, 
(red) 


Yellow coloured HgO is obtained by addition of alkali to an aqueous 
solution of a mercury(I) salt. 


Hg(NO;); + 2NaOH ——- HgO + 2NaNO, + H,O 
(yellow) 


The difference in colour of the two varieties is because of the parti- 
cle size, the particles of the yellow variety are smaller. The two varie- 
ties have the same structure. Red variety is used as a pigment in 
paints. Mercury(II) oxide is also used as a mild antiseptic in ointments. 


Halides 

Zinc and mercury form halides of the type ZnX>, and HgX, and Hg;X; 
(where X = F, Cl, Br or I). Some of the important halides are 
discussed. 

Zinc(II) chloride is obtained by dissolving the metal, its oxide, 
hydroxide or carbonate in hydrochloric acid. On evaporating the solu- 
tion, white deliquescent crystals of ZnCl,.2H,O separate. Anhydrous 
zinc chloride cannot be obtained by heating the crystals of the dihyd- 
rate because a basic chloride is formed which on further heating gives 
zinc oxide. 


ZnCl;2H,0 —-> Zn(OH)CI + HCI + H,O 
Zn(OH)Cl —-> ZnO + HCI 


Anhydrous ZnCl, is prepared by passing dry chlorine or hydrogen 
chloride over heated zinc. It may also be obtained by distilling metal- 
lic zinc with mercury(I) chloride. 


Zn + HgCl; — ZnCl, + Hg 


White deliquescent crystalline zinc chloride (melting point 548 K) is 
highly soluble in water and in organic solvents. Its aqueous solution 
is strongly acidic due to hydrolysis. Concentrated aqueous solution of 
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zinc chloride dissolves starch, cellulose and silk. It should not be 
filtered through a filter paper. 

Commercially zinc chloride is the most important compound of 
zinc. It is used for impregnating timber to prevent its destruction from 
microorganisms. It is used in the manufacture of vulcanized fibre or 
paper. It is used as a flux in soldering. Mixed with zinc oxide, it is 
used in dental filling. It is used in dry cells. It is also used as a desic- 
cant and as a condensing agent in organic synthesis. 

Mercury(I) chloride or mercurous chloride (also called calomel), 
Hg;Cl is prepared as a sublimate by heating an intimate mixture of 
mercury(I) chloride and mercury in an iron pot. 


HgCb + Hg ——> Hg,Cl, 
It may also be obtained by adding an excess of hydrochloric acid or 
any other soluble chloride to a mercury(I) salt solution. 
Hg(NO;); + 2HCI ——- Hg;Cl; + 2HNO; 


Mercury(I) chloride is a white amorphous powder which sublimes 
at 653 K. It is insoluble in water but dissolves in chlorine water or 
aqua regia. When treated with ammonia, it turns black due to the 
NEAR of finely divided metallic mercury and mercuric amido 
chloride. 


Hg,Cl, + 2NH; —> Hg + Hg(NH,)Cl + NH4CI 

Calomel electrodes are used in potentiometric titrations. 

Mercury(II) chloride or mercuric chloride, HgCl, is also called 
corrosive sublimate because it has corrosive action and is prepared by 
sublimation. White crystalline HgCl, (melting point 553 K) is com- 
mercially obtained by heating a dry mixture of mercury(II) sulphate, 
sodium chloride and a little Manganese dioxide (which prevents the 

: formation of Hg(I) salt). 
HgSO, + 2NaCl — HgCl, + Na,SO, 
The product separates as a sublimate. 
Tt may also be obtained by heating mercury in a current of chlorine. 
Hg + Cl, —- HgCl, 

Mercury(1I) chloride is sparingly soluble in cold water but dissolves 
readily in hot water. It is also soluble in organic solvents indicating 
its covalent nature. 

Mercury(II) chloride is first reduced to mercury(I) chloride (white) 
ee "em to metallic mercury (grey) when treated with tin(II) chloride 
solution, 


2HgCl, + SnCl, —+> He Ch + SnCl 
(white) 

Hg:Cl, + SnCl, —-> 2Hg + SnCl, 
Grey) 


The reaction is used as a test for the presence of Hg(II) in analysis. 
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When potassium iodide is added to mercury(I) chloride solution, a 
yellow precipitate of mercury(I) iodide is obtained, This dissolves in 
excess of potassium iodide to give potassium tetraiodomercurate(1l). 


HgCh + 2KI —> 2KCI + HgL 
Hel, + 2KI —— KjHgLj] 


Potassium tetraiodomercurate(II) 


Alkaline solution of K;[HgI4] is called Nessler's reagent. This reagent 
is used for testing ammonia or ammonium salts. The test is very sensi- 
tive and is shown by the appearance of a brown colour or precipitate 
when the two react together. 


Sulphides 
Zinc sulphide (ZnS) occurs in nature as zinc blende. It is obtained as 
a white precipitate by passing hydrogen sulphide gas through an 
ammoniacal solution of a zinc salt. 
Zn?* + HS + 2NH4OH —— ZnS + 2NHj 4- 2H;0 
(white) 

It may also be obtained by heating zinc oxide with sulphur. 

Zinc sulphide is a white amorphous substance, insoluble in water 
and alkali. It is soluble in dilute mineral acids. 

Zinc sulphide containing traces of sulphides of copper, silver, manga- 
nese, etc. becomes phosphorescent. This phosphorescent sulphide is 
used in making fluorescent screens for X-ray and radioactivity equip- 
ment. Zinc sulphide is also used as a pigment in paint and rubber. 

Mercury(II) sulphide, HgS occurs in nature as cinnabar. It is prepared 
as a black precipitate by passing hydrogen sulphide gas through an 
acidified solution of a Hg(II) salt. 

Hgt + H,S ——> HgS + 2H* 
(black) 

On sublimation, this black variety changes to a red variety which is 

used as a pigment (under the name vermilion) and also as a cosmetic. 


Sulphates 
Zinc sulphate (also called white vitriol), ZnSO4:7H;O is prepared by 


the action of dilute sulphuric acid on metallic zinc, its oxide or carbo- 
nate. On concentrating the solution, colourless efflorescent crystals of 
heptahydrate separate, 


Zn + H,SO,—-> ZnSO, + H; 
ZnO + H5S0, ——- ZnSO, + H,O 
ZnCO; + H;S0, — ZnSO, + H,O + CO; 


When heated to 373 K, the heptahydrate loses six water molecules. 
At 723 K, anhydrous zinc sulphate is obtained. On further heating, 
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the anhydrous salt decomposes to zinc oxide, sulphur dioxide and 
oxygen. 


373 K 73K 
ZnSO,.7H;0 ——> ZnSO,.H;O ——- ZnSO, 
—6H:0 —H:iO 


Above 1000 K 
2Zn$0, — 2ZnO + 280; + O; 


Zinc sulphate is used as a mordant in dyeing and calico printing. It 
is used in the electrolytic refining of zinc, in medicine as an eye-lotion 
in preserving hides and in the manufacture of the white pigment, litho- 
pone (BaSO, + ZnS). 

Mercury(I) sulphate or mercurous sulphate, Hg,SO, is obtained as 
a white precipitate by adding dilute sulphuric acid to mercury(I) 
nitrate solution. 

It is sparingly soluble in water and is used as a depolariser in the 
Weston Standard Cell. 

Mercury(II) sulphate or mercuric sulphate, HgSO, is obtained by 
treating mercury with concentrated sulphuric acid. 


Hg + 2H,S0, —> HgSO, + SO, + 2H,0 


It is a white, opaque compound which decomposes on heating to 
about 700 K 


700 K 
3HgSO, ——-> Hg,SO, + Hg + 20, + 280; 
It is used as a catalyst in the conversion of acetylene to acetaldehyde. 


Uses of Zinc and Mercury 


Zinc is used to galvanize iron for iun the latter from rusting. 
Many zinc alloys (Table 13.5) find a variety of applications. Zinc is 
used as the cathode in dry cell batteries. Its oxide, obtained by burn- 
ing the metal, is used as a pigment in paints and for reinforcing rubber. 

Mercury is extensively used in thermometers, barometers, electrical 
switches and arc lights. Organomercury compounds are used as 
fungicides and as timber preservatives. Sodium and zinc amalgams 
(alloys of mercury with sodium and zinc) are used as reducing agents. 


15.4 TIN AND LEAD (Sn and Pb) 


Tin and lead are the last two elements of group 14 of the periodic 
table. These two metals have been. known to ancients. Lead was used 
in ancient Egypt for glazing pottery. Romans used lead for water- 
pipes and plumbing. Tin alloys were also in use for various purposes. 
The chemical symbols Sn and Pb for the metals are derived from 
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their Latin names stannum and plumbum, respectively. Some general 
properties of the two metals are given in Table 15.6. 


Table 15.6 General Properties of tin and lead 


Property Tin Lead 
Electronic configuration [Kr] 4d%° 5s? 4p* [Xe] 5d?” 6s? 6p* 
Atomic number 50 82 
Abundance in earth's crust (ppm) 24 13 
Atomic radius, r/pm 141 151 
Tonic radius, r/pm, M*> 112 120 
Mt 7 84 
Electronegativity 1.8 19 
Ionization energy, J/kJ mol"*, 
I 708 715 
Il 1411 1450 
m 2942 3081 
IV 3929 4082 
Melting point, T/K 505 600 
Boiling point, T/K 1896 2024 
Density at 293 K, p/g cm-? 7.29 11.34 
Oxidation states +2, +4 +2, +4 


Occurrence and Extraction of Tin 


Tinstone or cassiterite (SnO,) is the chief ore of tin. Malaysia, USSR, 
Bolivia, Indonesia, Thailand and China are the main producers of the 
metal. 

The crushed ore is washed, concentrated by magnetic separation (to 
remove magnetic impurities of tungstates of iron and manganese) and 
roasted to remove sulphur and arsenic (as their volatile oxides SO, 
and As,O,). It is then reduced with coke at 1475-1575 K in a reverbe- 
ratory furnace. The presence of lime helps to remoye silica impurities 
as slag. 


SnO, + 2C — Sn + 2CO 


Tin, so obtained, is purified by melting on the sloping hearth of a 
reverberatory furnace. It is easily fusible and flows down while the 
impurities are left behind. For further purification, it is remelted and 
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stirred when metal impurities are oxidized forming a scum which col- 
lects at the surface and is removed. The electrolytic method may be 
used for obtaining very pure tin. 


Occurrence and Extraction of Lead 


Lead is usually obtained from its chief ore galena, PbS. The other 
deposits of lead are cerrusite, PbCO, and anglesite, PbSO,. USA, 
USSR, Australia, Canada, Spain and Mexico are the main lead-pro- 
ducing countries. Small quantities of lead are found in Rajasthan 
(Jaipur, Chitral and Panjori). 

The crushed galena ore is concentrated by froth floatation process. 
It is then roasted at moderate temperature in presence of excess of air 
when a mixture of lead oxide and lead sulphate is obtained. 


2PbS + 30, —-» 2PbO + 280; 
(galena) 


PbS + 20; —— PbSO, 

The products are reduced to metallic lead by adding more galena. 
2PbO + PbS —-> 3Pb + SO, 
PbSO, + PbS —-» 2Pb + 280, 


Alternatively, the reduction may be accomplished with coke and lime- 
stone (flux) in a blast furnace. 


PbO + C —. Pb + CO 
PbO + CO —» Pb + CO, 


In another method, the mixed sulphides of lead and zinc (PbS and 
ZnS) are roasted to their oxides (PbO and ZnO). These oxides are 
Ree with coke and reduced to their respective metals in a blast 

urnace. 


PbO + C —. Pb + CO 
ZnO + C — Zn + CO 


Molten lead, being heavier, is tapped from the bottom of the furnace. 
Zinc vapours, coming out from the top of the furnace, are condensed 
to form the upper layer. 


Lead obtained contains many impurities of other metals such as 
Copper, zinc, silver, gold, tin, arsenic and antimony. Some of these 
impurities are very valuable. Different methods are used to remove 
these impurities. Final purification is carried out by electrolytic method 
using crude lead as the anode, pure lead as the cathode and an elec- 
trolyte of (PbSiF, + H;SiF;). This method yields 99.99% pure lead. 
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Properties of Tin and Lead 


Tin is a silvery-white soft metal (softer than zinc but harder than lead). 
It is malleable and ductile and can be rolled into thin sheets called 
tin foils. It is stable towards both water and air at ordinary temper- 
atures but reacts with steam or air on heating. 


Lead is a bluish-grey, soft and lustrous metal. However, it acquires 
a dull appearance due to the formation of a thin, coherent, protective 
layer of lead hydroxide and lead carbonate. It is highly malleable and 
can be rolled and shaped into pipes. 


_Some of the important chemical reactions of the two metals are 
given below. 


Action of Air and Water 
When heated strongly in air or oxygen, tin forms tin oxide. 


1770-1870 K 
Sn + O, ————— SnO, 


Molten tin reacts with steam forming tin oxide and dihydrogen gas. 


Sn + 2H,0 —- SnO, + 2H; 
(molten) (steam) 


When heated in air, lead forms lead(IT) oxide, but at a higher tem- 
perature (725 K ) it is oxidized to trilead tetraoxide (Pb,0,). 


2Pb + O, ——> 2PbO 


725K 
6PbO + Oz ——-> 2Pb;0,4 


Lead dissolves in water containing dissolved air forming lead hydrox- 
ide. This solvent action of water on lead is known as plumbo-sol- 
vency. 

2Pb -+ O, + 2H;0 ——> 2Pb(OH); 


Action of Acids 
Dilute HCl or H;SO, has little reaction with tin. Dilute HNO; pro- 
duces tin(II) nitrate and ammonium nitrate with tin. 


4Sn + 10HNO; —-+ 4Sn(NO;), + NH4NO; + 3H,0 


Tin reacts with hot concentrated HCl and H,SO, as under: 
Sn + 2HCI —> SnCl, + H5 
(conc.) 


Sn + 2H,SO, ——> SnSO, + 2H;O + SO, 
(conc.) 


With hot and concentrated HNO;, tin forms a white precipitate of 
hydrated tin oxide, H;Sn5O,1:4H;O (also called metastannic acid). 


Ma Cismistey fon Com XI 
pe M AM bad Dilute HNO, reacts 
metal and Vendi) nitrate. 


with the and evolves nitric oxide. 
Ih + UO, — AIO 2NO + 44,0 
Lead reacts with concentrated acids as under 
> BO c NO + Me 
PC, ++ DIO v NRO; 


Po 240, — PRED, 28,0 + 0, 
nrqe ena] 30 
However, reactivity of the acids is reduced by the formation 


ofa thin, protective insoluble lead chloride, lead 

wate and (ead is insoluble in concentrated 

Ey ie tonal pr LEM E-- 

ted sulphuric acid. 

Action of Akkalis 

Tin dimolves in hot alkalis forming On which tin is +4 
t 


Sa + 2087 + HO — SaOE + 2H, 
Pb + 20H7 —5 MOP + h 


Sa 100, Pe wp to 5, Cu F 
Fh 55, fe 12, 8 19 


rn, 9M e to 
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Tin(IV) oxide or stannic oxide, SnO, occurs in nature as cassiterite. 
It is obtained by burning tin in air or by igniting metastannic acid 
(formed by the action of concentrated nitric acid on metallic tin). 

It is a white powder insoluble in water and acids, except concentra- 
ted sulphuric acid with which it forms tin(IV) sulphate. 


SnO, + 2H,S0, ——> Sn(SO,), + 2H;0 
On fusion with caustic soda, it forms water-soluble sodium stannate. 


SnO, + 2NaOH ——> Na;SnO,; + HO 
Sodium stannate 
It is an amphoteric oxide with predominent acidic character. 
' tis used as a polishing medium to make white glazes for tiles, 
milk-glass shades, etc. 

Lead(II) oxide, PbO is obtained as a yellow powder (called massicot) 
by heating lead in air to about 580 K. When the massicot is fused, 
cooled and powdered, a reddish-yellow crystalline variety called lith- 
arge is produced. 

2Pb -+ O, —-> 2PbO 


It may also be obtained by heating lead(II) nitrate or lead(IT) car- 
bonate. 


2Pb(NO;), —— 2PbO + 4NO, + O, 


. It is insoluble in water but dissolves in acids as well as alkalis show- 
ing its amphoteric nature. 


PbO + 2HNO, —> Pb(NO;), + H20 


PbO + 2NaOH —-> Na,PbO, + H,0 
Sodium plumbite 

It is used as a ‘drier’ in paints and varnishes; in the preparation of 
lead salts, red lead, flint glass and glazes for pottery. 

Trilead tetraoxide, Pb;O, (called red lead) is a mixed oxide (2PbO* 
PbO,). It is obtained as a red powder by heating litharge for about 
48 hours at about 615 K. 

615K 
6PbO + O, = 2Pb,0, 
750 K 


At temperature above 750 K, it decomposes into litharge and oxygen. 
It is used as a red pigment, as a plumber's cement for joining pipes, 
etc, in the „Preparation of flint glass and matches, as a ‘drier’ in oil 
paints, in anti-corrosion paint for iron and as an oxidizing agent. 
Lead(IV) oxide, PbO; is obtained as a chocolate-brown powder when 
hot dilute nitric acid reacts with red lead. 


Pb;O; + 4HNO; ——> 2Pb(NO,), + PbO, + 2H,O 
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It is a powerful oxidizing agent and oxidizes SO; spontaneously. 
PbO, + SO, — PbSO, 

It is an amphoteric oxide and reacts with acids and alkalis, 
PbO, + 4HCI —-» PbCl, + 2H;O + Cl, 
2PbO, + 2H,SO, ——> 2PbSO, + 2H,0 + O, 


PbO, + 2NaOH ——- Na;PbO, + H,O 
Sodium plumbate 


Lead(IV) oxide is used in lead accumulators, in the manufacture of 
matches and as an oxidizing agent. 


Sulphides 


Tin(II) sulphide, SnS is obtained asa brown precipitate by passing 
H5$ gas through an acidified solution of a Sn(II) salt. 


SnCl, + HS ——> SnS + 2HCI 


It is soluble in concentrated HCI and yellow ammonium sulphide. 


Tin(IV) sulphide, SnS; is obtained as a yellow precipitate by pas- 
sing H,S gas through an acidified solution of a Sn(IV) compound. 


H;SnCl, + 2H;S = Sn$; + 6HCI 


It is soluble in concentrated HCl as well as in yellow ammonium 
sulphide. 

Lead(II) sulphide, PbS occurs in nature as galena. It is obtained as 
a black precipitate by passing H;S gas through a lead(Il) salt solution. 


Pb?* + H;S —— PbS + 2H* 


It is insoluble in yellow ammonium sulphide but soluble in concen- 
trated hydrochloric acid. 


PbS + 2HCI = PbCl; + H;S 
PbCI, -+ 2HCl = H,PbC 


Halides 

Tin(II) fluoride, SnF, is obtained as colourless monoclinic crystals by 
evaporating a solution of SnO in 407; HF. The compound is used in 
toothpaste and dental preparations. It prevents demineralization of 
teeth and reduces the development of dental cavities. 

Tin(II) chloride is prepared by dissolving tin in hot concentrated 
hydrochloric acid and evaporating the solution when transparent 
monoclinic crystals of the dihydrate, SnCl,-2H,O separate out. The 
anhydrous salt is prepared by heating the metal in a current of hydro- 
gen chloride gas, 


P 
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Tin(II) chloride is a strong reducing agent. It reduces Hg(Il), first 
to white Hg(I) and then to metallic mercury (dark grey). 


2HgCl, + SnCl; —- Hg,Cl, + SnCl, 
(white) 


Hg;Cl, + SnCl, —-> 2Hg + SnCl, 
(dark grey) 


The reaction is used as a test for the presence of Hg(II) salts. 


Tin(II) chloride reduces Fe(III) to Fe(II), Cu(II) to Cu(T) and Au(III) 
to metallic gold. 


2Fe?* + Sn?* ——- 2Fe*+ + Sn** 


The above reaction is used for quantitative estimation of iron(III). 
Tron(II) produced in the reaction is titrated volumetrically with a 
standard KMnO; solution. 
_ Tin(II) chloride, SnCl, obtained by passing chlorine through molten 
tin, 
Sn + 2Cl, —> SnCl, 


It is a colourless fuming liquid soluble in organic solvents showing 
its covalent nature. It undergoes hydrolysis with water finally preci- 
pitating hydrated tin(IV) oxide. From its solution in hydrochloric acid, 
a definite hydrate of the composition SnCl,.5H;O (called butter of 
tin) can be isolated. Butter of tin is used as a mordant and in ‘weight- 
ing’ silk. With excess hydrochloric acid, tin(IV) chloride forms hexa- 
chlorostannic acid, H,SnCl,. 


SnCl, + 2HCl ——- H,SnCl, 


Lead(II) halides (Table 15.8) are much more stable chemically and 
thermally than lead(IV) halides. The only stable tetrahalide is the 
yellow PbF, (melting point 873 K); PbCl, is a yellow oil (melting 
point 258 K) stable below 273 K but decomposes to PbCl; and Cl 
above 323 K; PbBr, is even less stable and Pbl, does not exist. The 


Table 15.8 Some properties of lead(II) halides 


Property PbF: PbCls PbBra Pbl: 
Melting point, T/K. 1091 773 640 673 
Boiling point, T/K 1563 1226 1189 >1133 
(decomp.) 
Density, »/g cm-? 82 5.9 6.7 6.2 
Solubility in water (7) 0.06 3.20 4.71 0.41 


at293K at373K at 373K at 373 K 
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ionic character of lead(IT) halides decreases with the increase in ato- 
mic number of the halogen. Except yellow coloured PbL, all lead(II) 
halides are white solids. These can be prepared by adding halide ions 
to a soluble lead(II) salt. 

Pb?* + 2X- —> PbX; 

(where X = F, Cl, Br or I) 


Both lead(II) chloride and lead(II) iodide are soluble in hot water 
but crystallize out on cooling as white and yellow crystals respectively. 
This is used as a test for the presence of Pb?* in qualitative analysis. 


Lead(IV) chloride is present ‘as the complex H;[PbCl; in the ice- 
cold solution of lead(IV) oxide in concentrated hydrochloric acid. 
PbO, + 6HCI = H;[PbCI,] + 2H;O 


Lead(IV) chloride cannot be separated from the solution as it readily 


decomposes to lead(II) chloride and chlorine. A cold solution of am- 
monium chloride is added when a bright yellow precipitate of ammo- 
nium chloroplumbate(IV) is obtained. 


H;PbCI, + 2NH,CI —-> (NH4);PbCI, + 2HCI 


Cold concentrated sulphuric acid is added to the yellow precipitate of 
ammonium chloroplumbate(IV) when lead(IV) chloride separates as a 
heavy yellow oily liquid. 


(NH4);PbCI; ++ H3504 ——- (NH45SO, + 2HCI + PbCl, 


Lead(IV) chloride is covalent, nonconductor of electricity and is 
soluble in organic solvents. Tt fumes strongly in air since it gets rapidly 
hydrolysed by water. 


PbCI, + 2H;0 ——> PbO, + 4HCI 


EXERCISES 


1. What are the chief ores of iron? Discuss briefly the reactions of iron. 


2. How are the three forms of iron—cast iron, wrought iron and steel— 
different from each other? Give their uses. 


3. Describe briefly the Bessemer process of obtaining steel. 


4. How is anhydrous iron(III) chloride obtained? Give its structure and 
uses. 


5. What is Mohr's salt? How is it prepared? Can it be used for preparing a 
Standard solution of iron(II)? 

6. What is ferric alum? How is it obtained? What is its use? 

7. How is copper obtained from copper pyrites? How is the metal purified? 

8. How is silver obtained by the cyanide process? How is the metal refined? 
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9; 


10. 
11. 


12. 


Describe MacArthur-Forrest cyanide process for obtaining gold from its 
ore. 

Compare the properties of the coinage metals and give their uses. 

Give the compositions, special characteristics and uses of any three 
alloys of copper. 

Balance the following equations: 

(a) Cut + I7 —— Cul + le 

(b) AgS + CN- + O: — [Ag(CN);]- + OH- + S 

(c) Cu + HNO; —- Cu(NOs): + NO 

(d) Ag + HNO; —> AgNO; + NO: 

(e) Au + CN- + 0, —> [Au(CN);]- + OH- 

(f) Au + HCl + HNO; ——> H[AuCl,] + NOCI 


. Give the reactions of (a) CN-, (b) Os, and (c) Cl: with copper, silver 


and gold. 


. How is “blue vitriol” obtained? Describe the action of heat on the com- 


pound, What are the uses of the compound? 


. How is silver nitrate prepare? What are its uses? 


Describe the principle of photography. 


. What are the chief ores of zinc? How is the metal obtained and refined? 
. How is mercury obtained from cinnabar? How is it purified? 
. How do dilute HNO: and concentrated HNOs react with Zn and Hg? 


Give the balanced equations. 


. How are red and yellow varieties of mercury(Il) oxide obtained? What 


are their uses? 


. How are *calomel" and ‘‘corrosive sublimate” prepared? What are their 


uses? 


. How is Nessler's reagent prepared? Which radical is tested with this 


reagent? 


. How is “white vitriol” obtained? Give the action of heat on the com- 


pound. 


. How is tin obtained from tinstone? How does the metal react with (a) 


dilute HNOs, (b) concentrated HCl and (c) concentrated H,SO.? 


. How will you obtain lead from galena? What happens on exposing the 


metal to water containing dissolved air? Give its reactions with (a) con- 
centrated HCI, (b) concentrated H:SO, and (c) concentrated HNO». 


. Give the uses of (a) tin and (b) lead. 
. How is litharge obtained? What are its uses? 


Multiple-Choice Questions 


Tick (v) the correct choice, 


1, 


Which of the following is the most pure form of iron? 


(a) Cast iron (b) Pig iron 
(c) Steel (d) Wrought iron 


10. 


11. 


12. 


13. 
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. Which of the following represents haematite ore? 


(a) Fe:Os (b) Fe:0:-3H:0O 
(c) FesOs (d) FeCO; 
. The second most abundant metal (by mass) in the earth's crust is 
(a) aluminium (b) copper 
(c) iron (d) lead 
. Green vitriol is 
(a) CuSO,-5H,O (b) FeSO;-7H,O 
(c) FeSO;-5H:O (b) ZnSO«-7H20 


. Mohr's salt is 


(a) FeSO,-7H:O (b) FeSO: (NH4)SO,:6H,O 
(c) Fe,(SO;);: (NH4),S04-6H,O. (d) Fe;(SO;)s 


. Molten iron drawn from the blast furnace is called 


(a) bessemer iron (b) pig iron 
(c) steel (d) wrought iron 


. In electrolytic refining of copper, some of the impurities pass into solu- 


tion. Which of the following metals, present as impurity, passes into 
solution? 


(a) Ag (b) Au 

(c) Pt (d) Ni 

Which of the following alloys does not contain copper? 
(a) brass (b) bell metal 

(c) German silver (d) common solder 


. Which is the metal M in the following equation? 


4M + 8CN- + 2H,0 + O, — 4 [M(CN)JI- + 40H- 
(a) copper (b) iron 
(c) gold (d) zinc 
Which is the metal M in the following equation? 

2LAg(CN);]- + M —> 2Ag + [M(CN):]?- 


(a) gold (b) copper 
(c) iron (d) zinc 
The colour of the anhydrous copper sulphate is 
(a) blue (b) green 
(c) white (d) yellow 
Cinnabar is an ore of 

(a) lead (b) mercury 
(c) tin (d) silver 
Plumbo-solvency means dissolution of lead in 

(a) water (b) acids 


(c) alkalis (d) organic solvents 
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14. Red lead has the chemical formula 
(a) PbO 
(c) Pb,Os 

15. Which of the following is not correct? 
(a) Lead is a true metal with +2 electrovalency. 
(b) Lead forms PbCl; which is soluble in organic solvents. 
(c) Lead reacts with concentrated HCI to form PbCI;. 
(d) Lead reacts with NaOH solution to form Pb(OH).. 


(b) PbO, 
(d) PbsOs 


Answers (Multiple-Choice Questions) 


1. (d) 2. (a) 3. (c) 4. (b) 5. (b) 
6. (b) 7. (d) 8. (d) 9. (c) 10. (d) 
1. © 12. (b) 13. (a) 14. (d) 15. (d) 


16 
Structure and Shapes 
of Hydrocarbons 


Objectives Classification of Hydrocarbons on the Basis of Nature of Bonds 
between Carbon-Carbon O The structural Features of Diflerent Types of 
Hydrocarbons O Different Types of Isomerism like Structural Isomerism, 
Conformational Isomerism and Stereoisomerism 


Hydrocarbons are an important class of compounds because they are 
readily available in large quantities and serve as a raw material for the 
synthesis of other classes of organic compounds. Natural gas which 
occurs in nature in large quantities is a mixture of hydrocarbons. Its 
main compound is methane. Petroleum is another major source of 
aliphatic hydrocarbons while coal is a source of aromatic hydrocar- 
bons. Both petroleum and coal contain a complex mixture of hydro- 
carbons. Suitable methods are employed to obtain the desired hydro- 
carbon. Moreover, hydrocarbons can also be prepared in the labora- 
tory when needed in small quantities by suitable chemical reactions. 
Hydrocarbon are of many different types and their properties and 
structure differ from one class of hydrocarbon to another. For exam- 
ple alkanes, alkenes and alkynes differ in their chemical properties. 
Alkanes are quite unreactive. They undergo mainly substitution reac- 
tions under drastic conditions only. On the other hand, alkenes and 
alkynes are quite reactive and mainly undergo addition reactions. 


Alkanes, alkenes and alkynes show a definite trend in their physical 
properties within their group (homologous series). 


16.1 HYDROCARBONS AND THEIR CLASSIFICATION 


Hydrocarbons are compounds containing only carbon and hydrogen. 
A large number of hydrocarbons are known. These occur widely 
in nature—in petroleum, natural gas and coal. Hydrocarbons can be 
considered as parent organic compounds from which other classes of 


^ 
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compounds are derived by replacing one or more hydrogen atoms by 
the atoms of other elements or groups. 

Hydrocarbons are classified on the basis of the nature of the frame- 
work of the carbon chain in a molecule and on the basis of the nature 
of bond between carbon atoms (such as single, double or triple bonds), 


Hydrocarbons 
AER AA l "n 
| 
Acyclic Cyclic 
or open chain 
REC DRE Ae MUNITA N 
Saturated Unsaturated Alicyclic or Aromatic 
cyclohydrocarbon (arenes) 
| l 
Alkanes Alkynes 
Acyclic Hydrocarbons 


These are compounds of carbon and hydrogen in which the carbon 
atoms are linked in such a manner that they do not form a cyclic sys- 
tem. They are also called open-chain hydrocarbons. 

1. Alkanes are the saturated alicyclic hydrocarbons. In alkanes 
carbon atoms are linked through a carbon-carbon single bond, e.g. 
ethane, propane, etc. These are also called paraffins. 

2. Alkenes are unsaturated hydrocarbons containing at least one 
carbon-carbon double bond, e.g. ethylene (CH;—CH,). These are also 
called olefins. 

3. Alkynes are unsaturated hydrocarbons, containing at least one 
carbon-carbon triple bond, e.g. acetylene (CH=CH). These are also 
called acetylenes. 


Cyclic Hydrocarbons 


These are compounds of carbon and hydrogen in which carbon atoms 
are linked in such a manner that at least one cyclic system is formed, 
e.g. cyclopentane, benzene, etc. Cyclic hydrocarbons may be aliphatic 
or aromatic. 

1. Aliphatic cyclohydrocarbons are further classified as cycloalkanes, 
if the cyclohydrocarbon is saturated. A cycloalkene contains a double 
bond and a cyclic system of carbon atoms. A cycloalkyne contains a 
carbon-carbon triple bond and a ring system of carbon atoms. 

2. Aromatic hydrocarbons are the cyclohydrocarbons that are unsa- 
turated. However their properties are quite different from aliphatic 
hydrocarbons. They are less reactive than unsaturated aliphatic hydro- 
carbons. For example benzene, toluene, xylenes, naphthalene are aro- 
matic hydrocarbons. : 


1 


è 
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16.2 ALKANES 


Alkanes are the saturated hydrocarbons, They are also known as paraf- 
fins (Latin: little affinity or reactivity). The general formula of an acyclic 
alkane is C,Hz,,;. Alkanes having one cyclic ring have the general 
formula C,H;, (where nis more than 3). Cycloalkanes having two 
rings have the general formula C,Ho,-2- 

Alkanes have only single bonds (sigma-bonds) between carbon- 
carbon and carbon-hydrogen atoms. The carbon atoms in alkanes are 
sp? hybridized. The four bonds of carbon in alkanes are directed 
towards the corners of a regular tetrahedron. 

For example, carbon in methane (CH3) is located in the centre of a 
regular tetrahedron and four carbon-hydrogen bonds are directed 
towards the corner of the tetrahedron. Each face of the tetrahedron is 
a triangle and there is a hydrogen at each corner of the triangle. 


Structural Formulae and Shape of Alkanes 

Structural formlae clearly indicate the mode of linkege of each atom 
with other atoms in a molecule. There are several ways of writing 
structural formulae. As an example, the electron and graphic formulae 
of ethane are given below. 


Ws m 
HoMCres H eoa 
TM H H 


1. Electron-dot formulae are ones in which the bonding electrons 
are represented by dots. ` 

2. Graphic formulae are those in which a dash between the bonded 
atoms indicates the pair of shared electrons. 

3. Condensed structural formulae, such as CH;CH;CH, for pro- 
pane, CH;CH; for ethane, etc. are also used. These are easy to write. 

4. Spatial formulae Structural formulae of alkanes indicate the 
mode of linking of various hydrogen and carbon atoms in the alkane 
molecule. Since the molecule is three dimensional, therefore, it is diffi- 
cult to imagine it on a two dimensional surface like paper, etc. Spatial 
formulae are the attempts to help us imagine three-dimensional for- 
mulae on a two dimensional surface. 

Spatial formulae indicate the actual position of various groups to 
stress the three-dimensional nature of a molecule, There are various 
ways in which spatial formulae are written. For example, methane is 
represented as in Fig. 16.1. These spatial formulae give a three-dimen- 
sional effect on the two-dimensional surface of a paper or blackboard. 
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C. 
if E "d iw? 


H 


Fig. 16.1 Different modes of representation 
of methane with spatial formulae 


Isomerism in Alkanes 


Isomerism is the phenomenon of the existence of more than one com- 
pound having different structural formulae but the same molecular 
formula. 

The compounds which have different structural formulae but the 
same molecular formula are called isomers (in Greek: isos-equal and 
meros-part). 

Isomerism in alkanes arises owing to the possibility that the carbon 
atoms in an alkane may be linked in different ways to give rise to 
more than one structural formula. 

However, isomerism is not possible in methane (CH4), ethane 
(CH;CH;) and propane (CH4CH;CH;) because only one arrangement 
of carbon atoms is possible. 


i Ll T MI 
| 

H—C—H H T C—H IH 
| hud 
H HH H 
methane ethane propane 


Two isomers are possible in the case of butane. Both the isomers have 
the same molecular formula, C4H;s. 


Toi ember uapa spo. 
| 
OE pe Rahat gd pet E 
| 
H HHH HH—C—HH 
normal butane | 
(n-butane) H 
isobutane (2-methylbutane) 


The four carbon atoms in butane are linked in two different ways to 
form two isomers, namely 
C—C—C-—C —C—C—C 
normal butane | 


c 
isobutane 


Structure and Shapes of Hydrocarbons 573 


Similarly, pentane (C;H,,) has three isomers, namely normal pent- 
ane, isopentane and neopentane. Each of the isomers has a different 
skeleton system of carbons. 


Comes meee 
ai GN GA eh cc LOR orae 
Ho Bn oe HH—C—HH H 

normal pantane | 
H ^ 
isopentane (2-methylbutane) 
T 
T ot ee H 
NINE E 
H EST. H 
H 


neopentane (2, 2-dimethylpropane) 
Hexane (C;H;,) has five isomers. Each isomer has a different skeleton 
system of carbons, namely 
C—C—C—C—C—C PT Pra Es Cry eh 


normal 


c Cc 
iso- secondary 
f 
LEN AR. Yam 
cc Cc 
neo- 


The different skeletons of carbon give rise to different isomers of 
hexane, namely 
CH, CH;CH;:.CH;CH;CH; CH;.CH,-CH,-CH:CH; 
normal hexane | 


CH; 
isohexane (2-methylpentane) 
ls 
CH;CH;.CH-.CH;.CH; CH;CH.CH.CH; Gare. pian or 
CH; CH; CH; CH, 
secondary hexane (2, 3-dimethylbutane) neohexane 


(3-methylpentane) (2, 2-dimethylbutane) 
^ 
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Isomerism in alkanes is due to different arrangements of the carbon 
chain in the molecule and is called chain isomerism. — ' 


Primary, Secondary and Tertiary Carbon Atoms 


In alkanes a carbon atom may be linked to another carbon atom and 
three hydrogen atoms or two carbons and two hydrogen atoms or 
three carbon atoms and one hydrogen atom or four carbon atoms and 
no hydrogen atom. Such carbon atoms or hydrogens have different 
properties and they are known by different names, such as primary, 
secondary, tertiary and quaternary atoms (Table 16.1). 


H 


| 
H H H: H—C-H H 
1| 2| 3| 4 | 5| 
SENT rou ai e EO A 
| 
H si H NUN H 


Table 16.1 Classification of carbon atoms 


Number of carbon Number of hydro- Name of Symbolic 


atoms to which — gen atoms which carbon representation 
it is linked are linked to the atom 
carbon 
1 3 primary p- or 1? 
2 2 secondary sec- or 2^ 
3 1 tertiary tert- or 3° 
4 0 quaternary quat- or 4^ 


Conformation of Alkanes 


Conformation of a molecule represents the different molecular arrange- 
ment of atoms or groups caused by the free rotation around sigma 
bonds in the molecule. For example, free rotation around the carbon- 
carbon bond is responsible for numerous conformations. The hydrogen 
atom attached to one carbon atom in ethane can occupy several differ- 
ent positions with respect to the hydrogen atoms that are attached 
to the other carbon atom. 

Some conformations are more stable than others, The staggered 
conformation (Fig. 16.2) is more stable than eclipsed conformation 
(Fig. 16.3). In ethane, the energy difference between the staggered and 
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eclipsed conformations is very small (12.6 kJ mol™). Staggered con- 
formation has a lower energy and is therefore more stable. 


H : H 


Me 
H H 
H " H 
H H H H 
H H 
H 

Fig. 16.2 Staggered conformation Fig. 16.3 Eclipsed conformation 
of ethane of ethane 


Conformation of Cycloalkanes 


Cycloalkanes are the alkanes (saturated hydrocarbons) in which car- 
bon atoms are linked to form a ring system. Cycloalkanes are also 
called cycloparaffins, 


The general formula of cycloalkanes having one ring system is C,H»,. 
Cycloalkanes are named by writing the prefix *cyclo-" before the 
name of the corresponding open-chain alkane. The names of the first 
few members of the cycloalkane series are given in Table 16.2. 

The four valencies of a carbon atom are directed towards the four 
corners ofa regular tetrahedron and the bond angle is 109728". 
However, the actual bond angles in cyclopropane (60°) and cyclobutane 
(90°) are quite different. As these rings are under strain, cyclopropane 
and cyclobutane are very reactive. 


Table 16.2 Names of some cycloalkanes 


Name of Name Formula Structure Bond angle 
carbon atom 


3 cyclopropane CsHe ZN 60° 
4 cyclobutane GiHs i 90° 
^i cyclopentane CsHio OQ 105° 
6 cyclohexane CiHis OC 120° 
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The bond angle in cyclopentane (105°) is quite near the bond angle 
in an sp? hybridized carbon atom (109°28’). Therefore, cyclopentane is 
quite stable, i.e, unreactive. 

Cyclohexane and other higher members in the cyclohexane series 
are also unreactive and stable like cyclopentane, even though the cal- 
culated bond angle for cyclohexane is 120° which is quite different 
from 109°28’. 
|. The stability of cyclohexane and other higher members is because 

‘the ring systems are puckered (twisted) or folded in such a way that 
the bond angle remains 109°28’. Thus the presence of puckered rings 
is responsible for the stability of the ring system containing six or 
more carbon atoms. 

The ring system of cyclohexane can exist in two different ways. 
These give two different conformations of cyclohexane, namely the 
boat form (Fig. 16.4), and the chair form (Fig. 16.5). The chair form 
is more stable (or has less energy) than the boat form. The energy 
difference between the two conformations of cyclohexane is small (41 
kJ mol-!) and, therefore, these do not exist as independent compounds. 


H H 
HNH H N ] 
H P 
HOH = Hy 
Boat conformer 
Fig. 16.4 Boat conformation of cyclohexane 


H H 
HOH 
Halen 
H 
H H 
Chair conformer 
Fig. 16,5 Chair conformation of cyclohexane 


16.3 STEREOISOMERISM AND CHIRALITY 


Different arrangements in space of various groups (or atoms) in a 
molecule give rise to stereoisomerism. The carbon compounds have 
mainly covalent bonds. The covalent bonds have a definite directions 
in space (due to hybridisation), Therefore, in a molecule, different 
groups or atoms occupy definite positions with respect to each other. 
Any difference in the position of a group or groups of atoms in space 


Structure and Shapes of Hydrocarbons 577 


causes difference in properties and this gives rise to the phenomenon 
of stereoisomerism. Such isomers are known as stereoisomers as stereo 
means space, 

There are two types of stereoisomerism namely, geometrical isomer- 


ism and optical isomerism. The geometrical isomerism will be discus- 
sed in Sec. 16.4. 


Optical Isomerism 


Optical isomerism is also known as enantiomerism. This is the pheno- 
menon of existence of two or more optically active isomer (also called 
enantiomers) or enantiomorphs. 


Polarised Light 


Ordinary light has light waves of different wavelengths. Light having 
radiation of only one wavelength is known as monochromatic. Mono- 
chromatic radiation can be obtained by passing ordinary light through 
a prism or a diffraction grating. 

Under ordinary conditions light waves oscillate in a number of differ- 
ent planes passing through the line of propagation. If the light is pas- 
sed through a Nicol prism, then the light which comes out of the Nicol 
prism has oscillations only in one direction. Such a beam of light is 
called polarised light (Fig. 16.6). 


sk yl of 


Monochromatic Nicol Plane of ‘Solution of Rotated 
light source with prism polarised disymmetric plane 
different planes light compound polarised 
of vibration light 


Fig. 16.6 Representation of optical rotation 


Optical Isomers 


When monochromatic, plane polarised light passes through a disym- 
metric compound (or its solution in a suitable solvent) then the plane 
of polarised light is rotated. Depending upon the nature of the enan- 
tiomer its plane may be rotated towards left or right direction. A pair 
of enantiomers rotate the plane of plane polarised light to an equal 
extent but in opposite directions. 
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Origin of Chirality 


The reason for optical activity is chirality. An object which has a non- 
superimposable mirror-image is known as a chiral object. For example, 
a hand, pair of shoes, pair of gloves, etc. (Fig. 16.7). 


0 a 


y 


Object 
Fig. 16.7 Mirror-image of hand Fig. 16.8 Some chiral and 
is nonsuperimposable archiral alphabets 


Some of the alphabets like P, F, J, Q, etc. are also chiral. On the 
. other hand, objects like a sphere, button or alphabets like O, A and 
M are achiral ‘Fig. 16.8). 
Moreover, achiral objects can be divided into two equal halves 
(Ei. E» Chiral objects cannot;be divided into two identical halves, 
ig. 16.9). 


emer 


1 n i 
Unequal E 
qual 
halves halves 
Fig. 16.9 Chiral objects : Fig, 16.10  Achiral objects can be divided into 
cannot be divided into identical halves 
two halves 


Chirality in Organic Compounds 


In 1873, Le Bel and van't Hoff showed that in saturated organic com- 
pounds carbon atoms are linked through four bonds. These bonds are 
directed in space towards the corners ofa regular tetrahedron. This 
fixes the position of groups or atoms in space around the central car- 
bon atom. It can easily be seen that a molecule becomes disymmetric 
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(chiral) if all the four groups attached to its central atom are different. 
A molecule like fluorochlorobromomethane is chiral and disymmetric 
as it cannot be divided into identical halves (Fig. 16.11). 


identical halves Dissimilar holves 
Fig. 16.11 A chiral molecule cannot be divided into 
identical halves 


A molecule like fluorochlorobromomethane cannot be superimposed 
on its mirror-image (Fig. 16.12). 


Q Fivorine " 
Q Chiorine | 


[ Cordon p 2a 
Q Bromine e. | Yd 


—————— MÀ 
^ 


Fig. 16.12 
mirror-image 


is*nonsuperimposable 


? The spatial arrangement of atoms in the object and its mirror-image 
| are different, therefore, they are isomeric compounds, Thus fluoro- 
chlorobromomethane will exist as two enantiomorphs (Fig. 16.12) 
! which are not superimposable on each other. 
Optical isomers have the property of rotating the plane of polarised 
light. Two enantiomers of a compound rotate the plane of palaria 
light by same angle but in oj directions, The isomer which ro- 
] tates the plane towards the right is known as a dextro-isomer (or dex- 


trorotatory). It is represented. by d— or (+) sign. The optical isomer 
Which rotates the plane of polarited light towards left is called a 
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laevo-isomer (or laevo-rotatory). It is represented by /— or (—) sign. 
For example 2-butanol has two optical isomers, namely d-2-butanol 
and /-2-butanol.:(Fig. 16.13). 


| H 
JES. ay aa 
pay cH pet ~*CH,CH 
CH,CH; | 3. CHS £" 
OH OH 
d-2- butanol l-2- butanol 


Fig. 16.13 Optical isomers of 2-butanol 


Enantiomers have identical chemical reactivity in reactions in which 
all other conditions are achiral. Enantiomers show different reactivity 
even if one of the reaction conditions is chiral. The difference in the 
reactivity of enantiomers is very important in biochemical reactions. 
Many of the biochemical reactions involve optically active compounds. 


Racemic Mixture 


A mixture of equal amounts of two enantiomers is known as a race- 
mic mixture. Optical rotation caused by one of the enantiomers is can- 
celled out by the other enantiomer. Thus, net optical rotation of a 
racemic mixture is zero. Racemic mixture is represented by placing a 
sign dl or + before the name of the compound. 

A racemic mixture can be resolved into individual enantiomers and 
the process is known as resolution. 

A racemic mixture is obtained in most of the chemical reactions. 
Equal amounts of both the enantiomers are formed in such reactions. 
However, under special conditions in some reactions, one of the enan- 
tiomers may be formed in a larger amount. Such reactions are known 
as asymmetric synthesis. 

For example, 2- butanone on reduction under achiral conditions 
gives a racemic mixture (equal amounts of d-and isomers). The 
product of the reaction will have zero rotation, However, under chiral 
conditions d- or -isomer may be formed preferentially. In such cases, 
the product of reaction will show optical rotation. 


[0] OH 


I achiral | 
CH;—C—CH,—CH; — — CH;—CH—CH,—CH; 
2. butanone conditions di-2-butanol 
(0) OH 
chiral 


| 
— CH;,—CH—CH,—CH, 
conditions d-2-butanol 
or 
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I 
CH,—C—CH;—CH, 
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16.4 ALKENES 


Alkenes are unsaturated hydrocarbons containing a double bond. 
Alkenes are also known as olefins. 


Fig. 16.14 Molecule of ethene (ethylene) 


The doubly bonded carbon atoms are sp? hybridized. The double 
bond in alkenes consists of a sigma (v) bond and a pi (7) bond. For 
example, the molecule of ethene is represented by Fig. 16.14. Hydro- 
gen atoms and the carbon atoms in ethylene are in one plane, i.e. the 
ethylene molecule is planar. The bond angle is 120°. IUPAC names of 
alkenes are derived from the IUPAC names of corresponding alkanes 
by changing the “ane” ending of alkenes to the “ene” ending in alkenes. 
TUPAC and common names of some alkanes are given in Table 16.3. 


Table 16.3 TUPAC and common names of some alkenes 


Molecular Structural IUPAC Common name 
formula formula name 
CHi 2=CH, ethene ethylene 
CsHe CH,:CH=CH, propene propylene 
C.Hs CH;CH,CH=CH, 1-butene butylene 
CH: CH;:CH=CH:CH, — 2-butene butylene 


Isomerism in alkenes 


Alkenes exhibit two types of isomerism, namely, position isomerism 
and geometrical isomerism. 


1. Position isomerism Alkenes exhibit position isomerism because 
the double bond can occupy different positions in the chain of carbon 
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atoms in an alkene molecule. For example, butene (C,H;) has two 
position isomers. 


CH,=CH—CH,—CH; CH;—CH=CH—CH; 
butene-1 butene-2 


2, Geometrical isomerism An alkene has a double bond in its mole- 
cule which does not allow free rotation (around the double bond). 
Therefore, the positions of various atoms and groups (which are at- 
tached to the carbon atoms linked by the double bond) become fixed 
in space. In a molecule of alkene there can be more than one arrange- 
ment of groups or atoms in space. This gives rise to different isomers. 
Since these isomers differ in their geometry, they are referred to as 
geometrical isomers. 

The phenomenon of the existence of more than one isomer differing 
in the arrangement of groups or atoms in space due to the presence 
of a double bond is called geometrical isomerism. Such isomers are 
called geometrical isomers. 

Geometrical isomerism is also called cis-trans isomerism because the 
geometrical isomers are referred to as cis-isomer and trans-isomer. The 
isomers in which similar groups or atoms are attached to carbon atoms 
which are nearer is referred to as cis-isomers. The isomer in which 
similar groups or atoms linked to the carbon atoms are far away are 
known as trans-isomers. 

For example, butane-2 exists in two isomers. 


Be id ,/H iy eie Bs 
BOs Sea ee Ny 
cis-isomer trans-isomer 
cis-butene-2 trans-butene-2 


An alkene does not exhibit geometrical isomerism if the two substi- 
tuents on the carbon atom containing the double bond are the same. 
For example, butene-1 does not exhibit geometrical isomerism because 
two hydrogen atoms are attached to one of the carbon atoms. 


H CHCH, H H 
DE Denek 

H H H CH,CH; 
butene-1 butene-1 


Thus geometrical isomerism is possible when the two substituents 
attached to the carbon atoms are different, i.e, when a # b. 


a a 
Sc=c 
bí nde Sp 
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16.5 ALKYNES 


Alkynes are also known as acetylenes. The general formula of the 
alkyne series is C,H5,-;. Ethyne (commonly called acetylene, C;H;) 
is the most important member in the alkyne series. 

Alkynes are hydrocarbons having a triple bond between two carbon 
atoms. 

Alkynes are named by replacing the *-ane" ending in the name of 
the corresponding alkane by an “‘-yne” ending. The longest chain selec- 
ted must contain the triple bond. Table 16.4 shows the IUPAC names 
of some alkynes. 


Table 16.4 Names of some alkynes 


Molecular Structural IUPAC Common name 


formula formula 
CH; CH=CH ethyne acetylene 
CH4 CH,C=CH propyne-1 methylacetylene 
CsHe CH,CH,—C=CH butyne-1 ethylacetylene 
CHo CH;—C=C—CH, butyne-2 dimethylacetylene 
Isomerism in Alkynes 


Alkynes exhibit position isomerism because the triple bond may be 
present at different positions in the molecule of the alkyne, e.g. butyne-1 
and butyne-2 are position isomers. 

The carbon atoms linked through a triple bond are sp-hybridized. 
Thus a triple bond represents a sigma (o) bond and two pi (7) bonds. 
The 7-electrons in a triple bond are delocalised around the o bond. A 
molecule of acetylene is linear and the bond angle is 180* (Fig. 16.15). 


i RELIRE RAIET 
Fig. 16.15 A molecule of acetylene 
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16.6 ARENES 


Arenes are also known as aromatic hydrocarbons. Arenes are an im- 
portant class of hydrocarbons. They are highly unreactive even though 
they are highly unsaturated. 

Benzene (CH) is the simplest member in this series. It is a mono- 
cyclic aromatic hydrocarbon (Fig. 16.16). Arenes with more than one 
cyclic system are also known, e.g. naphthalene (C,4H;). The general 
formula of arenes is C,H2,~6y, where y is the number of cyclic rings in 
the arene. For benzene, y = 1 and n = 6 and hence the formula of 
benzene is C6H6. Similarly, the formula of naphthalene (n = 10 and 
y = 2) is CioHg (Fig. 16.16). 


O- oo 


Fig. 16.16 Structures of benzene and naphthalene 


Structure of Benzene 


The molecular formula of benzene is C;H,. The six carbon atoms in 
benzene are linked together to form a hexagonal ring system. One 
hydrogen atom is attached to each of the carbon atoms in the benzene 
molecule. The molecule of benzene is a planar molecule, i.e. all the 
six carbon atoms and six hydrogen atoms are in one plane. In other 
words, a molecule of benzene is flat. In order to account for the tetra- 
valency (valency of 4) of a carbon atom, Kekule in 1945 proposed 
that the three double bonds are present in conjugation with each other, 
i.e. in the benzene ring there is an alternate system of double and 
single bonds. Such double bonds are called conjugated double bonds 
(Fig. 16.16). 

However, the proposed structure of benzene with alternate double 
and single bonds could not explain the following: 


1. Stability Benzene is highly stable. It is quite unreactive in spite 
of the presence of three double bonds. It behaves as a saturated 
hydrocarbon as substitution reactions are more common than addition 
reactions. 


2. Only one disubstituted product When two hydrogens in benzene 
are substituted, then according to the Kekule structure two isomers 
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should exist (Fig. 16.17). Only one such isomer is known. For example, 
the two possible ortho-dichlorobenzenes are: 


C ae, 
Ct ct 


Fig. 16.17 Two possible isomers of o-dichlorobenzene 


3. Identical carbon-carbon bond length  Kekule's formula for ben- 
zene contains carbon-carbon single bonds and carbon-carbon double 
bonds. Therefore, a benzene molecule is expected to have bond lengths 
as 154 pm (for the carbon-carbon single bond) and 134 pm (for car- 
bon-carbon double bond). However, it has been found by X-ray stud- 
ies that all the carbon-carbon bonds in benzene have the same bond 
length (139 pm) and the bond angle is 120°. 


Benzene as Resonance Hybrid 


In order to overcome these objections Kekule suggested that the dou- 
ble bond in the benzene rings keeps changing its position, i.e. benzene 
is a reasonance hybrid of the two forms. The resonating electrons are 
also represented by showing a circle in the benzene ring (Fig. 16.18). 
The resonance reduces the energy of the system and is responsible for 
the greater stability of benzene. 


O-O-O 
Fig. 16.18 Resonance in benzene 


The structure of benzene and bond angle of 120° in between the 
carbon atoms are better explained on the basis of the concept of sp? 
hybridization and delocalization of p-electrons. 


Delocalization in Benzene 


The carbon atoms of benzene are sp? hybridized and, therefore, the 
bond angle is 120° (Fig. 16.19). The 2p-orbital is perpendicular to the 
plane of three sp? hybrid bonds. The 2p-orbital extends on both sides 
of the ring of carbon atoms. The six electrons in the 2p-orbital of each 
carbon atom are so close to each other that sideways overlapping is 
possible (Fig. 16.20). This forms a-bonds which are extended (spread or 
delocalized) over all the six carbon atoms, forming an electron cloud 
above and below the plane of the ring of the carbon atoms (Fig. 16.21). 
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Fig. 16.20 In benzene p-orbital forms bonds over and below the 
plane of ring in benzene 


Delocalized 
n-electrons 
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Fig. 16.21 Delocalization of 7-electrons in benzene 


SE 


Delocalization of p-electrons is responsible for the extreme stability 
or unreactive nature. 


Isomerism in Arenes 


Benzene is a symmetrical molecule and all the hydrogen atoms are 
identical. Therefore, monosubstituted benzene exists only as one 
isomer. 

However, three position isomers (Figs 16.22, 16.23 and 16.24) are 
known in the case of. disubstituted benzene, e.g. xylene (dimethylben- 
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zene). More position isomers are possible in the case of tri- or tetra- 


substituted benzene. Moreover, xylene (CsHjo) is also isomeric with 
ethylbenzene (Fig. 16.25). 


CH3 


CH3 
Oo” Q 
CH3 


Fig. 16.22 1, 2-Dimethylbenzene Fig. 16.23 1, 3-Dimethylbenzene or 


or ortho-xylene or o-xylene meta-xylene or m-xylene 
CH, 
CH2 -043 
CH3 


Fig. 16.24 1, 4-Dimethylbenzene Fig. 16.25 Ethylbenzene 
or para-xylene or p-xylene 


EXERCISES 
1. Explain the following terms: $ 
(a) hydrocarbons (b) alkane 
(c) alkene (d) alkyne 
(e) cycloalkane 


2. What is structural isomerism? Write and assign IUPAC names to the 
structural isomers of CsHiız. 

3. What is conformation? Write the different conformations of cyclohexane, 

4. Draw Newman and Sawhorse formulae for ethane showing different con- 
formations, 

5. What is a chiral and an achiral molecule? 

6. What are enantiomers? 

7. Explain the following: 


(a) monochromatic (b) polarised light 
(c) optical (d) assymetric carbon 
(e) racemic mixture (f) resolution 


8. What is geometrical isomerism? Illustrate with a suitable example. 
9. Why are aromatic compounds less reactive in spite of unsaturation? 
10. Explain the following: 


(a) resonance in benzene 
(b) delocalization of electrons in benzene 
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1. 


Identify the type of isomerism exhibited by the following: 

(a) CH;:CH;-CH, (b) CH'CH—CH- CH; 

(c) CH,.CH-Ce&CH (d) CH,-CH,-CH-CH, 
H 


Multiple-Choice Questions 


Tick (v) the correct choice. 


1, 


The hydrocarbon having a double bond is known as 

(a) alkane (b) alkene 

(c) alkyne (d) cycloalkane 
. Cycloalkanes are the hydrocarbon which have a 

(a) double bond (b) triple bond 

(c) conjugated double bond (d) ring system 
. Geometrical isomerism is shown by 

(a) alkanes (b) alkenes 

(c) aromatic compounds (d) alkynes 


. The geometrical isomers 


(a) rotate the plane of polarised light 

(b) exhibit optical properties 

(c) contain at least one carbon-carbon double bond. 
(d) contain at least one carbon-carbon triple bond. 


. Which of the following is an alkyne 
(a) CH, (b) CH;-CH, 
(c) CH:=CH, (d) CH;.CH:-CH; 
. Hydrocarbons having sp hybridized carbon are known as 
(a) alkane (b) alkene 
(c) alkyne (d) arenes 
. Benzene is unreactive since 
(a) it has double bonds 
(b) 7-electrons are delocalised 
(c) carbons are sp? hybridised 
(d) it has carbon-carbon single bonds. 
. Which of the following is the general formula of alkanes? 
(a) C, Hi, (b) C,H,-. 
(c) C.H, (d) C, Hiis 
. In the optical isomers 


(a) an assymetric carbon atom is involved 
(b) chiral molecules are present 

(c) optical properties are present 

(d) all the above are correct 
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10. Which of the following is an aromatic compound? 
(a) cyclohexane (b) cyclohexene 
(c) cyclobutane (d) toluene 
11. The number of carbon atoms in the smallest cycloalkane is 
(21 (52 
(03 (d) 4 
12, Cyclohexane exists as in two 
(a) allotropic forms (b) conformational forms 
(c) optical forms (d) structural isomeric forms. 
13. The shape of a methane molecule is 
(a) linear (b) planer 
(c) like square (d) tetrahedron 
14. The shape of acetylene molecule is 
(a) linear (b) equilateral triangle 
(c) tetrahedron (d) square 
15. An equimolar mixture of enantiomers is called 
(a) optical isomers (b) resolution 
(c) racemic mixture (d) dextroisomer 
16. Optical rotation of a racemic mixture is always 
(a) positive (b) negative 
(c) zero (d) all the wrong 
17. The hydrocarbon CH,—CH —CH-— CH, can exhibit 
(a) geometrical isomerism (b) optical isomerism 
(c) both the above (d) none of the above 
18. A primary carbon atom is linked to not more than 
(a) one carbon atom (b) two carbon atoms 
(c) three carbon atoms (d) four carbon atoms 
19. Carbon atoms in ethane are 
(a) primary (b) secondary 
(c) tertiary (d) quaternary 
20. The type of hybridization of carbon atoms in ethene is 
(a) sp (b) sp* 
(c) sp* (d) sp and sp’ 
Answers (MultiplerChoice Questions) 
1. (b) 2. (d) 3. (b) 4. (c) 5. (a) 
6. (©) 7. (b) 8. (d) 9. (d) 10. (d) 
11. (©) 12. (b) 13. (d) 14. (a) 15. (c) 


16. ©) 17. (a) 18. (a) 19. (a) 20. (b). 
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Preparation and Properties 
of Hydrocarbons 


Objectives The Principles and Processes Involved in Isolation of Hydrocar- 
bons from Petroleum and Coal O The Industrial Processes Related to Hydro- 
carbons O Quality of fuel—The Octane Rating O The Methods of improving 
Quality of Fuels O The Laboratory Methods for the Preparation of Aliphatic 
Hydrocarbons O The Physical Properties and Correlation with their Structures 
O The Chemical Properties of Alkanes, Alkenes, Alkynes and Arenes O The 
Acidic Nature of Hydrogen of Acetylene O 


Hydrocarbons are an important class of organic compounds. They are 
considered to be the parents of other classes of organic compounds 
which can be obtained by replacing one or more hydrogrn atom(s) by 
other groups or atoms. For example, replacement of one hydrogen 
atom of alkane by —OH will give an alcohol. Replacement of the 
hydrogen by a —COOH group will give a carboxylic acid. Hydro- 
carbons are readily available in large quantities and serve as a raw 
material for the manufacture of most of the organic compounds. 


17.1 SOURCES OF HYDROCARBONS 


Coal and petroleum are the two main natural sources of hydrocar- 
bons. Coaland petroleum are naturally occurring minerals. Both are 
fossil fuel and are nonrenewable. Petroleum is the main source of ali- 
phatic hydrocarbons (alkanes) while coal is the main source of aro- 
matic hydrocarbons, 


Origin of Coal and Petroleum 


Coal is a fossil fuel. It is believed that millions of years ago plants got 
buried under the earth’s crust. These got converted into coal due to 
the combined effect of heat and high pressure under the earth's crust. 
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Coalis mined from the earth's crust. It may occur at a shallow 
depth or quite deep under the crust. A large quantity of coal is mined 
in China, USA, USSR, UK, Germany, Poland, Australia and India. 
In India, coal is mined mainly in Bihar, West Bengal, Madhya 
Pradesh and Andhra Pradesh. India is self-sufficient in coal production 
and has large deposits expected to last for a long time. 

Petroleum (Latin: Petra means rock and oleum means oil) is an or- 
ganic mineral. It occurs under the earth's crust. It is believed to be of 
animal origin. There are many theories for the origin of petroleum in 
the earth's crust. The most acceptable theory is that petroleum is 
formed from marine organisms (sea animals) which were buried under 
the earth millions of years ago. Owing to the combined effect of heat 
and pressure, the remains ofthe animals slowly transformed into 
feat hydrocarbon (natural gas) and carbonaceous liquids (petro- 
eum). 

Petroleum being a fossil fuel cannot be produced by human efforts. 
Therefore, there is danger of using up all the available petroleum in 
the near future. 

Petroleum is in great demand these days, therefore, every effort is 
being made to increase its production. New sites are being explor- 
ed to locate the presence of petroleum. In India, petroleum occurs at 
Jwalamukhi, Cambay, Ankleshwar, Lakhwa, Bombay High and else- 
where. The major producers petroleum in the world are the USA, the 
USSR, the Gulf countries and Venezuela. In spite of efforts to increase 
production, India does not produce enough petroleum for her own 
requirements. Therefore, a large quantity of petroleum has to be 
imported. 


Composition of Coal and Petroleum 


Coal is mainly carbon. Its carbon content depends upon the variety 
of coal. The soft coal (bituminous) has about 65% carbon while anth- 
racite (hard coal) has about 85% carbon. Coal yields many organic 
compounds on pyrolysis. 

Petroleum is largely a mixture of aliphatic saturated hydrocarbons 
(alkanes), It also contains some nitrogen and sulphur compounds. 


Aromatic Hydrocarbons from Coal 


Coal is a source of aromatic hydrocarbons. Coke is made by the pyro- 
lysis of coal. Pyrolysis is the process of heating to a high temperature 
in the absence of air (Fig. 17.1). The volatile matter in coal vola- 
talizes, It is passed through sulphuric acid to absorb basic compounds 
such as ammonia. The solution of the salt of ammonia is called am- 
moniacal liquor. Some other compounds condense and float over | sul- 
phuric acid. This is called light oil. A foul-smelling, black, sticky 
liquid settles down at the bottom called coal tar. The percentage of 
various fractions of pyrolysis of coal are given in Table 17.1, 
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Fig. 17.1 Pyrolysis of coal 
Coal 
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Solid residue Volatile matter 
(coke) 
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(coal gas) 
Top nd Aqueous layer Viscous 
(light oil) (ammonical lower layer 
liquor) (coal tar) 


Table 17.1 Percentage of various fractions obtained 


by pyrolysis of coal. 

Name of fraction Percentage Uses 

Coke 70 Fuel in metallurgical pro- 
cesses as a reducing agent 

Coal gas 17 Fuel 

Ammoniacal liquor 8-10 Fertilizer 

Coal tar 4-5 Source of atomatic hydro- 
carbons 


oS eee Se OE ES eee E 


Coal Tar Distillation 


Coal tar is obtained as a by-product of the pyrolysis of coal. Coal tar 
on distillation gives several useful products, mainly aromatic hydro- 
carbons. Thus coal tar is a source for obtaining aromatic hydrocar- 
bons on a large scale. Table 17.2 indicates the composition of the 
major fractions of coal tar distillation. The formulae of some impot- 
tant compounds obtained from coal tar are given in Fig. 17.2. 
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Table 17.2 Fractions of coal tar 


Name of fraction Range of Approximate Main compounds 


boiling percentage 
point. 
TIK 
Crude light oil up to 440 2.2 benzene, toluene, 
xylene 
Middle oil 440-500 7.5 phenol 
or carbolic oil 
Heavy oil or creosote 500-540 16.5 cresols 
oil 
Green oil or 540-630 20.0 naphthalene, anthra- 
anthracene oil cene, phenanthrene 
Pitch residue 56.0 carbon and other 
compounds 


„The formulae of some important aromatic compounds obtained are 
given below. 


CH, cH CH CHy 
tts 


CH3 
Benzene Tolune O-Xylne  m-Xylene p-~ Xylene 
OH CH3 CH3 CH3 
Ò QQ 
OH 
OH 
Phenol O-Creso! m-Cresol P-Cresol 


y 


Qo 000 of 


Naphthalene Anthracene X Phenanthrene 
Fig. 17.2 Some important compounds obtained from coal tar 
distillation 
Hydrocarbons from Petroleum Oil Refining 


Petroleum occurs under the earth's crust (Fig. 17.3). The crude oil is 
a viscous, dark-coloured liquid having an offensive smell. Natural gas 
also occurs along with petroleum. 
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Natural 


Fig. 17.3 Petroleum occurs in association with gas 
under the earth's crust 


The composition, colour, smell, etc. of petroleum vary from source 
to source. Petroleum contains aliphatic hydrocarbons of varying mole- 
cular sizes and small quantities of organic compounds containing 
nitrogen, sulphur, oxygen, etc. Its colour varies from yellow to black. 
Petroleum is called paraffin base if the residue (left after the removal 
of volatile compounds) mainly contains alkanes. It is called asphalt 
base if the residue mainly contains cycloalkanes. 


Refining of Petroleum 


Petroleum is a complex mixture of a large number of hydrocarbons 
and other compounds. Hence, it is necessary to separate petroleum 
into various fractions which can be put to different uses. 


The process of separating petroleum into useful fractions is called 
refining of petroleum. It is also called fractionation of petroleum. 


The underlying principle of the refining of petroleum is fractional 
distillation. The fractionating columns used for refining are very tall 
towers which are quite big in diameter (Fig. 17.4). 


CU. gases 
LT Gasoline 
EE 
ili Diesel oil 


Lubricating oil 


Furnace — Steam 


Residue 
Fig. 17.4 Fractionation of crude oil 


| 
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Before fractionation, crude oil is treated with an acid to remove 
basic impurities. The oil is then heated in a furnace to 650 K. Some- 
times, heating is done under reduced pressure to avoid decomposition. 

The vapours of the crude oil are passed through the fractionating 
column. The fractionating column is provided with a suitable arrange- 
ment for the condensation of various fractions. Different fractions are 
ow out from different heights in the fractionating column (Fig. 

7.5). 

Each fraction has a different boiling range and represents a mixture 
of hydrocarbons of different chain lengths of carbon atoms. (Table 
17.3). The amount of each fraction obtained from petroleum varies 
from one source to another. Table 17.3 indicates a typical composition 
of various fractions of petroleum. 


Table 17.3 Composition and uses of some of the fractions 


of petroleum 
Fraction Boiling Composition Amount Uses 
range per cent 
TIK 
Gaseous 110-300 Ci to C; 2 As a fuel and in 
hydrocarbons the manufacture 
of hydrogen and 
ammonia 
Petroleum ether 300-360 C; to C; 2 As a solvent and 
or naphtha in drycleaning 
Gasoline 340-470 C; to Cis 32 As fuel in motor- 
(petrol) cars, etc. 
Kerosene 450-550 Cis to Cis 18 As fuel and for 
illumination 
Diesel oil (gas 520-670 Cis to Cis 20 As fuel in trucks, 
oil or fuel oil) buses, diesel en- 
gines, etc. fuel in 
electricity genera- 
tion 
Lubricating oils, above Cis and more For lubrication of 


greases, petro- 520 


leum jelly 
Paraffin wax 


Petroleum coke m.p. above 


(residue) 


m.p. 
325-330 


330 


Czo and more 


machines 


For the manufac- 
ture of: candles, 
waterproofing of 
canvas, etc. 

As fuel for making 
electrodes and 
road-building 
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Uses of Various Fractions of Petroleum 

The various fractions obtained by refining of petroleum are put to 
different uses (Table 17.3). Sometimes certain compounds are added 
to these fractions to make them more useful. All those chemicals which 
are derived from petroleum or any of its fraction are called petrochem- 
icals (Fig. 17.6). This is a large class of very useful compounds. 


Gaseous hydrocarbons The uncondensed gaseous hydrocarbons con- 
tain one to four carbon atoms, i.e. methane, ethane, propane, butane 
and isobutane. 

Methane (CH4) is present in large amounts in natural gas. It is used 
as fuel. On burning, methane gives finely powdered carbon called 
lamp black. It is used in the. manufacture of printing inks, rubber 
tyres, etc. 


CH, + 0; —+ C! + 2,0 
lamp 
black 


Methane is also a convenient source of hydrogen. 


catalyst, 1400 K 
H, —————-—> C + 2H; 


catalyst 
CH, + H,O ——— CO + 3H; 


Hydrogen produced from methane is used. in the manufacture of 
ammonia by Haber's process. Ammonia is used in the manufacture 
of nitrogen fertilizers. 


3H, + N; — 2NH; 


Ethane (C,H, is used as a raw material for the manufacture of 
various organic chemicals. Moreover, it is converted into ethylene 
(C2H4) which on polymerization gives polyethylene. 

A mixture of propane and butane is used as fuel. The gas cylinders 
(LPG) used in homes as fuel contain a mixture of propane and butane. 

Petroleum ether, which is also known as ligroin and naphtha, con- 
tains a mixture of hydrocarbons containing five to seven carbon 
atoms. It is used as a solvent for rubber, varnishes, fats, etc. It is also 
used for drycleaning. Naphtha can be cracked to lower hydrocarbons. 


Petrol It is also known as gasoline. It contains hydrocarbons having 
7-12 carbon atoms. It is used as fuel in automobiles and aeroplanes. 


Kerosene oil Ut isa mixture of hydrocarbons containing 12 to 15 
carbon atoms. Kerosene oil is used as fuel in homes and also for illu- 
mination. It is also used as fuel in jet engines and turbines. 


Diesel oil It is also known as gas oil. It contains hydrocarbons hav- 
ing 15 to 18 carbon atoms. Diesel oil is used as fuel in diesel engines 
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that are fitted in ships, railway engines, etc. Diesel oil is also used in 
the generation of electricity. Diesel oil is also cracked to gaseous 
hydrocarbons and the gas is used as fuel. 


Lubricating oils These contain hydrocarbons having more than 16 
atoms. Various grades of lubricating oils are available to suit parti- 
cular requirements. Greases and petroleum jellies are also included in 
this category. 


Paraffin wax Tt contains hydrocarbons having more than 20 carbon 
atoms. Wax is used for making candles, boot polish, etc. It is used 
for making wax-coated paper used in the packing of bread, biscuits, 
ete. 


Asphalt and petroleum coke Asphalt is used for making roads, water- 


proofing of buildings, insulation in cables, etc. Petroleum coke is used 
as fuel and for making carbon electrodes. } 


Cracking and Reforming 


Petrol is the most important fraction of petroleum. Its demand in the 
world is increasing daily. 

Therefore, several attempts have been made to produce more petrol- 
like substances. Now there are several processes which are used to 
produce more petrol. For example, cracking, reforming, etc. 


Cracking 


Tt is the process of breaking down larger molecules into smaller ones. 
It consists of heating diesel oil or lubricating oils to a high tempera- 
ture in the absence of air. The larger molecules of hydrocarbon break 
down to a mixture of smaller and low-boiling hydrocarbons, 


CH. CH; + CH; = CH; 
CH,'CH;'CH;:'CH;—CH;.CH;.CH = CH; + H3 

NCH, + CH, = CH.CH; 
Thermal Cracking 
Thermal cracking is carried out by heating lubricating oil or diesel oil 
(gas oil) at a high temperature, It gives petrol of low octane rating 
(about 70). 
Catalytic Cracking 


Catalytic cracking is carried out by heating lubricating oil or gas at a 
high temperature in the presence of a catalyst, such as silica (SiO;) 
and alumina (Al,0;). Catalytic cracking gives petrol with a higher 
octane rating (about 80) than thermal cracking of lubricating oils. 


Reforming 


It is also known as aromatization of petrol. This is a process used 
for improving the octane rating of petrol. Aromatization, is carried 
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out by heating at 800 K under 30-50 atm in the presence of a catalyst 


such as O;. Normal hexane gets cyclized and aromatizes to give ben- 
zene and n-heptane gives aromatic hydrocarbon, toluene. 


AH 

CH? CHy 670K *AH 
| | Catalyst 2 
CH2 „™2 


CH} 
N-Hexane 
CH; 
p CH 
CH2 3 
cf CH3 670k 
| | Beas *4M 
chg pis Catalyst 
CH7 


The octane rating of petrol increases due to the increase in the 
amount of aromatic hydrocarbons. 


Aliphatic Hydrocarbons from Coal 


Synthetic Petrol 
Hydrogenation of carbon and coal is used for the manufacture of 
synthetic petrol or aliphatic hydrocarbons. 

The Fischer Tropsch method for the manufacture of synthetic petrol 
from water gas is described here. Water gas is produced by passing 
steam over red-hot coal. Water gas contains carbon monoxide and 
hydrogen. More hydrogen is added to the water gas and the mixture 
is passed under pressure over a catalyst at 500 K. A liquid fuel resem- 
bling petrol is obtained which has a low octane rating. 


C + H,O — CO + H, 
CO + H; — H,O + liquid fuel 


The Bergius process is the direct hydrogenation of coal with hydro- 
gen. Powdered coal is heated (750 K) with hydrogen and at a pressure 
of 250 atm. An organic compound of tin is used as a catalyst. The 
carbon in the coal gets hydrogenated to give liquid fuel resembling 
petrol. Synthetic petrol obtained by the Bergius process has a high 
octane rating. 


catalyst 
Coal + H; ——-— liquid fuel 
The ICI process for the manufacture of synthetic petrol isa modi- 


fication of the Bergius process. In this method powdered coal is mixed 
with a heavy oil. The paste of powdered coal and heavy oil is treate! 
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with hydrogen under pressure (250 atm) at 725 K in the presence of 
an organic compound of tin which acts as a catalyst. 


Quality of Gasoline-Octane Number 


Petrol (gasoline) is the main fuel used in automobiles. In an automo- 
bile engine the vapours of petrol are mixed with air. The mixture is 
compressed to a small volume and then a spark is applied. The mix- 
ture explodes and the petrol burns to form a large volume of gaseous 
products which pushes back the piston. This provides the power for 
moving the automobile. If petrol is not of good quality it does not 
burn smoothly and can cause knocking. 

Knocking is the premature combustion of fuel in an engine without 
the application of a spark. Knocking takes place with a jerk and a 
loud noisy bang. It causes damage to the engine. 

It has been found that there is more knocking if the petrol contains 
a larger amount of straight-chain hydrocarbons. Petrol containing less 
of straight-chain hydrocarbons but more of branched-chain hydro- 
carbons produce less knocking. Thus a petrol which is rich in branched- 
chain hydrocarbons is a better fuel, it generates more power and 
causes less damage to the engine. 


Octane Rating 

The quality of petrol is judged from its knocking behaviour in an 
engine. It is compared with two standards, namely n-heptane and iso- 
octane. The former burns explosively and has been given an octane 
rating of zero. Iso-octane (2, 2, 4-trimethylpentane) is rated as 100. 
This means that n-heptane is the worst and iso-octane the best fuel. 
Other fuels are rated between zero and 100. 

CH;,—CH;—CH;—CH;—CH;—CH,;—CH; 
n-heptane 
(octane rating is zero) 


CH; CH; 
1 Ae E IR 
CH a ae 


CH; 
2, 2, 4-trimethylpentane or iso-octane 
(Octane rating is 100) 


An octane number of 80 means that the petrol behaves as a mixture 
containing 80 parts of iso-octane and 20 parts of n-heptane. This how- 
ever does not mean that the petrol contains only these hydrocarbons. 
Other hydrocarbons are also present but the behaviour of the petrol 
in the engine is the same as that of the mixture of iso-octane and 
n-heptane. 

Thus, the octane number of petrol may be defined as the number of 
parts of iso-octane in the mixture with n-heptane which will have the 
same performance as the sample of petrol. 
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Diesel engines differ from those that run on petrol. In diesel engines 

- airis compressed, as a result of which the air becomes very hot 

(500K). Then diesel is sprayed in the hot air. The mixture of air and 

diesel ignites spontaneously and no spark is needed (as in the case of 
petrol engines). 

It has been found that straight-chain hydrocarbons generate more 
power in diesel engines than branched-chain ones. Normal hexadecane 
(C,¢H34) which is also called cetane ignites spontaneously in diesel 
engines. Cetane has been given a rating of 100. Zero rating is given to 
«-methylnaphthalene which ignites slowly in the diesel engine and 
generates less power. 

The cetane number of diesel oil is the percentage of cetane in the 
mixture of cetane and «-methylnaphthalene which has the same igni- 
tion qualities as the sample of the diesel. 


Gasoline Additive 


The octane rating of a fuel is improved by adding certain compounds 
to petrol. Tetraethyl lead (TEL), Pb(C;H;), is one such compound. 
Such compounds are called anti-knock compounds. The petrol which 
contains tetraethyl lead is called leaded petrol or ethyl petrol. Tetra- 
ethyl lead decomposes into ethyl radicals and lead. The free radicals 
Stop the premature combustion of fuel. 

Tetraethyl lead decomposes in the cylinder of the engine and metal- 
lic lead gets deposited in it. This causes more wear and tear of cylin- 
der and piston in the engine. Ethylene bromide (Br: CH; CH; Br) is 
added to lead petrol which decomposes in the engine to give bromine. 
The lead that is deposited in the engine reacts with bromine to form 
lead bromide (PbBr;) which being volatile, comes out of the engine 
along with smoke. Compounds of lead are highly poisonous and hence 
are also a cause of air pollution. 


17.2 PREPARATION AND PROPERTIES OF ALKANES 


Alkanes can be prepared on a small scale in the laboratory by the 
following methods. 


Hydrogenation of Alkenes and Alkynes 


Hydrocarbons containing double or triple bonds can be hydrogenated 
to the corresponding alkane. The addition of hydrogen to unsaturated 
compounds is called hydrogenation. 

Alkenes and alkynes are hydrogenated to alkanes by the Sabatier 
and Senderen reaction. It is the addition of hydrogen to alkenes and 
alkynes in the presence of a nickel catalyst at 570 K. 


C,H, + H ME oH 
; es Gi 
2n 2 2nt2 
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Ni, 570 K 

C, H;,-2 + 2H; ———— Cr Hart 

alkyne alkane 
For example, ethylene (C,H,) when mixed with hydrogen and passed 
over a nickel catalyst at 570 K gives ethane (C2H6), and acetylene 
(C;H;) on hydrogenation yields ethane. 

Ni, 570 K 
HC = CH; + H, ———-— CH; — CH; 
ethylene ethane 


Ni, 570 K 
HC=CH + 2H; ———- CH;—CH, 
acetylene ethane 


Decarboxylation of Carboxylic Acids 
Decarboxylation means removal of carbon dioxide from carboxylic 
acid (RCOOH). There are two methods by which acids are the decar- 
boxylated. 

1. By heating with soda lime Sodium salts of carboxylic acids on 


heating with soda lime give alkanes. Soda lime is prepared by slaking 
quick lime (CaO) with a solution of sodium hydroxyde (NaOH). 


CaO 
RCOONa -+ NaOH — RH + Na,CO, 
sodium salt of soda alkane 
carboxylic acid lime 


For example, sodium acetate which is a sodium salt of acetic acid 
(CH,COOH) on heating with soda lime gives methane. 


NaOH(CaO) 
CH;COONa —— -> CH, + NaCO; 


2. Kolbe’s electrolytic method An alkane is obtained when an 
aqueous solution of sodium or potassium salt of carboxylic acid is 
electrolyzed. This reaction is also a decarboxylation reaction, 


2RCOONa + 2H,0 —-- R—R + 2CO, + 2NaOH + H, 


For example, ethane is obtained when a solution of sodium acetate 

is electrolyzed. 

CH;COONa = CH;COO- + Nat X (dissociation) 
Reaction at anode: 

CH;COO- CH; 

+ —> | + 2C0, + 2e 

CH;COO- CH; 
Reactions at cathode: 

Nat + e: — Na 

2Na + 2H;0 —-> 2NaOH + H; 
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From Alkyl Halides 


Halogen derivatives of alkanes are called alkyl halides (R—X). Alkyl 
halides are converted into alkanes by reduction or by Wurtz reaction. 
1. Reduction of alkyl halides This gives alkane. Different reduc- 
ing agents can be used for reducing alkyl halides to obtain alkane. 
(a) Nascent hydrogen produced by the zinc-copper couple and 
ethyl alcohol reduces alkyl halides to alkanes. 


Zn/Cu, CiH;OH 
2C,H;0H ——————-> (C;HsO);Zn + 2H 
nascent 
hydrogen 
RX $ 2H —- R—H + HX 
alkyl nascent alkane 
halide hydrogen 


For example, ethyl iodide (C;HsI) on reduction with zinc-copper 
and ethyl alcohol yields ethane. 
Zn—Cu/C;H;OH 
CjHsI + 2H —————— — C,H, + HI 
_ (b) Catalytic reduction of alkyl halides gives alkanes. Alkyl halide 
is treated with hydrogen in the presence of a palladium catalyst. 


Pd 
RX + H; —> R—H + HX 


i Hydroiodic acid (HI) on heating with alkyl halide reduces it to 
alkane, 


RX + 2HI — RH + HX +1, 


The iodine produced in this reaction can react with alkane, There- 
fore, to remove iodine, red phosphorus is added. Thus a mixture of 
red phosphorus and hydroiodic acid (HI/P) is used for the reduction 
of alkyl halides. 


2. Wurtz reaction This is a method for the preparation of alka- 
nes from alkyl halides, A solution of alkyl halide in ether is heated 
with metallic sodium (a catalyst) when an alkane is formed. 


heat 
2RX + 2Na —> R—R + 2NaX 


For example, methyl iodide on Wurtz’s reaction gives ethane. 

2CH3I + 2Na ——- CH;—CH; + 2Nal 

methyl ethane 

iodide 
When a mixture of alkyl halides is used, a molecule of alkyl halide 
can condense with the same or different alkyl halide. It results in a 
mixture of alkanes that is difficult to separate. Therefore, Wurtz’s 
reaction is useful for the preparation of symmetrical alkanes and not 
for unsymmetrical alkanes. 


+ 
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When metallic sodium is treated with methyl bromide (CH;Br) and 
ethyl bromide (C;HsBr), three different alkanes, namely, ethane, pro- 
pane and butane, are formed. 


2CHBr + 2Na —— CH,—CH; + 2NaBr 
ethane 


CH,Br + C,HsBr + 2Na —— CH;:CH;:CH; + 2NaBr 
propane 


C;H;Br + C;HsBr + 2Na —-> C;Hs:C;H; + 2NaBr 


butane 


Physical Properties of Alkanes 
The following are the general physical properties of alkanes. 


1. State The lower members in the alkane series are gases (me- 
thane, ethane, propane and butane). Alkanes containing 5 to 17 carbon 
atoms are liquids. While higher members are waxy solids. Thus alka- 
nes change from the gaseous state to the solide state with an increase 
of molecular mass. 


2. Nonpolar nature  Alkanes are nonpolar in nature. Therefore, 
alkanes are soluble in nonpolar solvents, such as benzene, ether, chlo- 
roform, carbon tetrachloride, etc. Liquid alkanes themselves are good 
solvents for other nonpolar substances. 


3. Boiling point Lower alkanes have a lower boiling point. The 
boiling point gradually increases with an increase in the molecular 
mass (Fig. 17.7). The reason for an increase in the boiling point is 
that the alkane molecule is nonpolar in nature. These are attracted to 
each other by weak van der Waals forces. The extent of van der Waals 
forces in the case of alkanes with higher molecular masses is more 
because of the larger surface area of the alkane. 

Moreover, straight-chain alkanes have higher melting points than 
the corresponding branched-chain isomers. : 
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Fig. 17.7 Bóiling Point of alkanes increasing with 
increase in their molecular masses 
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~ 4, Melting Point In general, the melting point increases with an 
increase in the chain length of the carbon atoms in alkanes. However, 
an alkane with an odd number of carbon atoms has a lower melting 
point than an alkane with an even number of carbon atoms (Fig. 17.8). 
This is because in the solid state alkanes with an even number of 
carbon atoms fit more closely than the molecules of alkanes having an 
odd number of carbon atoms. This accounts for the alternation. of 
melting point in alkanes (also in alkenes and alkynes). 
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Fig. 17.8 Melting point of Fig. 17.9 Density of alkanes increases 
alkanes shows alternation with increase in their molecular masses 


5. Colour. Alkanes are colourless gases, liquids or solids. 


6. Density The density of alkanes increases with an increase in the 
chain length (Fig. 17.9). 


Chemical Properties of Alkanes 


Alkanes are quite unreactive. They do not react with many of the 
usual reagents. Alkanes are inert (or less reactive). Inertness of alkanes 
is due to the presence of strong carbon-carbon and carbon-hydrogen 
bonds which are difficult to break. However, hydrogen can be substit- 
uted by other atoms or radicals under drastic conditions of reaction, 
such as high temperature, presence of ultraviolet light or a catalyst, 
etc. Alkanes undergo a few reactions, tne most important being 
halogenation, oxidation and thermal decomposition (cracking). 


Halogenation 
Alkanes react with chlorine or bromine in the presence of sunlight or 
ultraviolet light to give halogen-substituted products, i.e. alkyl halides, 
containing one or more halogen atoms. Halogenation of alkanes is a 
substitution reaction. Hydrogen atoms of the alkane are replaced by 
halogen atoms. 

Alkanes also undergo halogenation if a mixture of alkane and halo- 
gen is heated to 600 K. For example, when a ‘mixture of methane and 
chlorine is exposed to diffused sunlight or ultraviolet light, or heated 


y > "y © 


x 
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to 600 K, the hydrogen atoms are replaced by chlorine atoms, one 
after another. 


CH, + Cl, ——————- CHCI + HCl 
or heated to 600 K methyl chloride 
: (chloromethane) 


CHC! + Cl —-- CH;Ch + HCl 
methylene chloride 


(dichloromethane) 


CH;Cl, + Cl, —> CHOR + HCl 


chloroform 
(trichloromethane) 


CHCI; + Cl; —-> CCl, + HCl 
carbon tetrachloride 


(tetrachloromethane) 


The nature of products formed depends upon the amount of chlorine, 
If excess of chlorine is used, then the product contains larger amounts 
of carbon tetrachloride. Smaller amounts of chlorine give more of 
less-chlorinated products (such as methylchloride) in this reaction. 

In case the reaction is allowed to take place for a smaller duration 
of time, then the less chlorinated products are formed in larger 
amounts. In case the duration of the reaction is larger, then highly 
chlorinated products are formed in larger amounts. 

The order of reactivity of halogens with alkanes is F} > Cl, > Brz 
> I. Fluorine reacts with alkanes with a violent explosion. The reac- 
tion with chlorine is less vigorous than fluorine and with bromine 
less vigorous than chlorine, The reaction with iodine is slow and 
reversible 


CH, + L & CHI + HI 


The ease of substitution of a hydrogen atom by a halogen atom is 
tertiary > secondary > primary. 


Mechanism of Halogenation of Alkanes The various steps involved in 
a reaction is called the reaction mechanism. 

Halogenation of alkanes in the presence of ultraviolet light or at a 
high temperature follows a free-radical mechanism. There are three 
steps in the free-radical substitution reaction. 


i. Initiation step In this process free radicals are formed. Free 
radicals are highly reactive species and are electrically neutral. Chlo- 
rine-free radicals are formed by the breaking up of a covalent bond in 
the chlorine molecule. 


cl — CI — CI* + C19 
chlorine chlorine free 
molecule radical 
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Thus, the chlorine molecule undergoes homolytic fission. Homolytic 
fission is the breaking of a covalent bond so that the bonded atoms 
retain one electron out of the shared pair of electrons. The step of 
homolytic fission of chlorine requires a large amount of energy (243 
kJ mol-!) which is supplied by heat or ultraviolet light. 


2. Propagation step Free radicals have an unpaired electron. There- 
fore, they have a tendency to pair up with other electrons to complete 
their octet. This accounts for the highly reactive nature of free radicals. 

The chlorine-free radicals, being reactive, remove a hydrogen atom 
from ethane to generate a methyl-free radical ( ®CH;). 

CH, + CI? —— *CH,; + HCl 

In this step, one free radical of Cl® is used up but another free 
radical is also produced which can react to generate more free radicals. 
Such a reaction is called a chain reaction or the propagation step. 

*CH; + Cl, —> CH;Cl + Cl® 

CI* + CH;Cl —> *CH;CI + HCl 

*CH;CI + Cl; —> *CHCI; + HCl 
and so on. 

3. Termination step The chain reaction comes to end when two 
free radicals combine with each other and do not form new free 
radicals. 

CI® + *CH; —— CH;CI 
CI* + eCH;CI —— CH;Cl 
*CH; + «CH; ——> CH,—CH; 


The termination step generally occurs when most of the chlorine 
and methane have already reacted. 


Oxidation 

Alkanes are quite unreactive, but they can, however, be oxidized. The 
nature of products formed depends upon the oxidizing agent and the 
conditions of the reaction. 


1. Burning in excess of oxygen Alkanes burn with a blue flame in 
air or oxygen. In this process alkanes get oxidized to carbon dioxide 
and water. 


burning 
CH, + 20; ——- CO, + 2H,0 


2. Burning in a limited supply of oxygen  Alkanes burn with a sooty 
flame (smoky flame). Incomplete oxidation of alkanes gives carbon 
black (a variety of carbon is used in the manufacture of printing inks 
and tyres). 

CH, + O, — C + 2H;0 
lamp 
black 
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5. Controlled oxidation On controlled oxidation alkanes give alco- 
hols which are further oxidized to aldehydes (or ketones), acids and 
finally to carbon dioxide and water. 


[0] [0] [0] [0] 
CH, —— CH;OH ——> HCHO —-- HCOOH —- CO, + H;O* 
methane methyl formal- formic 
alcohol dehyde acid 


Cracking 


Higher alkanes when heated to a high temperature (700-870 K) and 
under pressure undergo thermal decomposition to give several smaller 
alkane molecules and other products. Cracking can also be done by 
heating alkanes under pressure in the presence of a suitable catalyst. 
This reaction follows a free-radical mechanism. 

The nature of the product formed on cracking of alkanes depends 
upon several factors, such as the structure of the alkane, pressure, 
temperature, nature of catalyst, etc. 

Cracking is used for converting higher alkanes into lower alkanes 
which are more useful and in great demand. 
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17.3 PREPARATION AND PROPERTIES OF ALKENES 


Preparation 


Alkenes can be prepared on a small scale by starting from alcohols 

or alkyl halides. 

Dehydration of Alcohols 

This gives alkenes. Alcohols can by dehydrated by two different ways, 

namely with concentrated sulphuric acid and with the help of a catalyst. 
1. Sulphuric acid removes a molecule of water from alcohols to 

give alkenes. 


| conc, H:SO, alkene 
H OH 
For example, ethyl alcohol is converted into ethylene by slowly ad- 
ding concentrated sulphuric acid to ethyl alcohol. Ethyl hydrogen sul- 


phate (CH;5:CH;:'OSO;H) is formed. Sulphuric acid absorbs water 
which is formed during this reaction. 


CH; CH; OH + H,$0, — CH,CH;'O:SO;H + H,O 
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At 440 K, ethyl hydrogen sulphate decomposes to ethylene (ethene) 
and sulphuric acid. The regenerated sulphuric acid acts as a catalyst. 
m KU 
lc 
orig tea —- H—C=C—H + H;S0, 
H O—SO;H 
2. Catalytic dehydration is carried out by passing vapours of alco- 
hol over heated alumina (ALO;) or kaolin at 620 K. 
Al:Os, 620 K 
CH;:'CHz OH ————-> CH; = CH, + H,0 


OH 


A1203 ,620K 
i EROII (ene 


Cyclohexanol Cyclohex ene 


Dehydrohalogenation 

Alkyl halides lose a molecule of halogen acid (HX) when heated with 
alcoholic alkali (NaOH or KOH). This process of removal of halogen 
acid (HX) is called dehydrohalogenation. 


HH HH 
F5 alcoholic KOH bul 

Se Nr ego ———— R—C=C—H + HBr 
H Br 


For example, ethyl bromide on heating with alcoholic KOH gives 
ethene. 


alcoholic KOH 
CH;.CH;.Br ——————> CH,=CH, 
—HBr 
Dehalogenation of vicinal dihalides 


A vicinal dihalide is a compound in which two halogen atoms are 
linked to adjacent carbon atoms, Alkane is obtained when vicinal di- 
halide is heated with zinc dust. 


HH HH 
Lan. heat Isl 
Jn ANT + Zn —— R—C=C—R + ZnBr, 


Br Br 


i example, ethylene bromide on heating with zinc dust gives ethy- 
lene, 


heat 
CH,—CH, + Zn —< CH,=CH, + ZnBr, 
Br Br 
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Physical Properties of Alkenes 


Alkenes containing one to four carbon atoms are gases. Those having 
5 to 15 carbon atoms are liquids, while higher members are solids, 

In general, alkenes have a low density and are nonpolar in nature. 
The melting and boiling points of alkenes show similar trends to 
alkanes. However, alkenes have higher boiling points than the corres- 
ponding saturated hydrocarbons (alkanes). 


Chemical Properties of Alkenes 


Alkenes contain two types of bonds, namely o- and z-bonds, The m- 
electrons are loosely held between carbon atoms and are quite mobile. 
‘Hence, electron-deficient reagents are attracted by m-electrons. There- 
fore, such reagents readily react with alkenes to give addition prod- 
ucts. The presence of mobile (or loosely held z-electrons) are respon- 
sible for the reactive nature of alkenes, 

The addition reaction is a characteristic of unsaturated compounds 
(say containing double or triple bonds). It is the most common type 
of reaction of alkenes. Other important common types of reactions of 
alkenes are oxidation and polymerisation. 


Addition Reactions 

Alkenes readily undergo addition reactions with a number of reagents 
and to give a variety of coinpounds due to addition to the double 
bond. ] 

Addition reactions are those in which the product is formed by the 
combination of two or more reacting substances. For example, the 
addition of chlorine to ethylene is an addition reaction. 


CH;—CH, + Cl; —> oh A 
CI CI 
l. Hydrogen The addition of hydrogen is called hydrogenation. 
Alkenes add onto hydrogen to form alkanes. Thus, the double bond 
in alkenes gets saturated. 
Alkenes react with hydrogen to give alkanes when heated under | 


pressure in the presence of a suitable catalyst such as finely. divided 
nickel, platinum or palladium. 


Ni or Pt 
R—CH=CH, + H; — —— R—CH,—CH; 
alkene 415-525 K alkane 


For example, 


Ni or Pt 
CH,—CH; + H, ———-> CH,—CH, 
l ethene 475-525 K ethane 


| In the absence of a suitable catalyst, the hydrogenation réaction is 
extremely slow, 
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Hydrogenation of vegetable oils (which contain compounds having 
double bonds) yields a solid fat (vanaspati ghee). 


2. Halogens Halogens react wit’ -lkenes to give dihalogen com- 
pounds, The order of reactivity is fiuorine >chlorine>bromine> 
iodine. 

R—CH=CH, + X; —- R—CHX—CH;X 


For example, 
CH;—CH, + X,—— YU 


x x 


3. Halogen acids (HCl, HBr and HI) add to alkenes to give alkyl 
halides. The order of reactivity of halogen acids to alkenes is HI > 
HBr > HCI. In this case HI is the most reactive 

CH,=CH, + HBr —— CH;—CH):Br 
ethene bromoethane 


Markownikoff's Rule It helps to predict the nature of the addition 
product formed in the reaction of an alkene and molecules, such as 
halogen acids (HX), water, H,SO,, etc. 

In the case of a symmetrical molecule, such as ethene, on the addi- 
tion of molecules, such as HX, etc., only one product is formed. In 
the case of unsymmetrical alkenes, such as propene, two products are 
expected, depending upon how the addition takes place. 

CH,—CH=CH, + HBr —— CH;—CH,—CH,—Br 
bromopropane 
(n-propyl bromide) 


CH,—CH-CH, + HBr — CH;'CH:CH; 
| 


Br 
2-bromopropane 
(isopropyl bromide) 

However, it has been found that isopropyl bromide is the major 
product of the reaction between HBr and propene. Markownikoff 
studied a number of such reactions using different alkenes and the 
molecules which add to alkenes. He proposed a rule known as Mar- 
kownikoff’s rule, to predict the product formed in such addition. 

According to Markownikoff’s rule, the negative part of the mole- 
cule being added gets attached to the carbon atom which has the least 
number of hydrogen atoms. 

In the case of HBr, the bromide ion (Br) is the negative part of the 
adding molecule. Therefore, it gets attached to the carbon atom num- 
bered 2 because it has only one hydrogen and not to carbon atom 
numbered 1 which is attached to two hydrogen atoms. 


3 ay Al 
CH,—CH-CH, + HBr — CH;—CH—CH, 
Br 
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4. Water Some ofthe more reactive alkenes directly react with 
water containing a small quantity of acid to give alcohol. This reac- 
aon is called hydration of alkene. This reaction follows Markownikoff's 
rule. 


HO 
H+ | 
Xm CH, THO —> Crea 


CH; CH; 
2-methylpropene tert-butyl alcohol 
(isobutene) 


5. Sulphuric acid When alkene is bubbled through concentrated 
sulphuric acid, alkyl hydrogen sulphate is formed. A molecule of sul- 
phuric acid adds onto the double bond. 


CH=CH; + H;80, —— CH;'CH;080;H 
ethyl hydrogen 
sulphate 


The addition of sulphuric acid to alkenes is similar to other addi- 
tion reactions. 


o 
1 ' —HO + - 
CH;—CH, + HO—S—OH —-- CH,—CH, + O—SO,—OH 
+ carbonium bisulphate 
[0] ion 
oO [0] 
Bo = 1 
CH2—CH; + MUTA — Wero pe cen 
o o 
ethyl hydrogen sulphate 


In the case of propene or other unsymmetrical alkenes, the addition 
of sulphuric acid follows Markownikoff’s rule. 

Alkyl hydrogen sulphate easily gets hydrolysed with water to give 
alcohol. Therefore, this method is used for industrial-scale prepara- 
tion of alcohols. A 


CH;:CH5'OSO;H + H;O ——> CH;:CH;:OH + H,SO, 
Oxidation 
Alkenes can be oxidized by different reagents to get different products. 


l. Burning in excess of oxygen or air gives carbon dioxide and 
water. This reaction is exothermic. 


CH=CH, + 30; —— 2CO, + 2H;0 
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2. Baeyer's reagent is a cold, dilute and weakly alkaline solution 
of KMnO,. Baeyer's reagent oxidizes alkenes to diols. Two hydroxyl 
groups are introduced where there is a double bond in the alkene. 
This reaction is also called hydroxylation of alkene. 


dil. alkaline 


CH; = CH; + H,0 + [0] — — CH,—CH, 
solution | 
OH OH 
1, 2-diol (glycol) 
3. Hot, alkaline KMnO, oxidizes alkenes to carbonyl compounds. 
hot, alkaline 
CH;—C = C—CH,; — -> CH4—C—O + O=C—CH; 
| KMnO, | 
CH; CH; CH; CH; 


In case a hydrogen atom is attached to the carbon atoms containing 
a double bond, the hydrogen atom is replaced by a hydroxyl group 
to form carboxylic acid on oxidation of alkene with hot, alkaline 
MnO, 
hot, alkaline 
CH;—CH,—C=C—CH; ————-- CH;—CH;—C—O 
| em KMnO, | 


HH OH 
+0=C—CH, 


OH 


hot, alkaline 
CH,—CH,—CH=CH, —— - CH,—CH,—C—O 
KMnO, | 


nO, 


OH 
(stable) 
+0=C—OH 
] 


(unstable) 


sid in ==> CO,+H,0 


OH 
(unstable) 


Thus by identifying the products formed on oxidation, it is possi- 
ble to fix the location of the double bond in an alkene molecule. 


4. Ozonolysis is a method of locating unsaturation in a hydrocar- 
bon. Ozone reacts with alkenes (also with alkynes) to form an ozon- 
ide. On reduction of ozonide with zine water, the products formed are 
ketones or aldehydes. 
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By identifying the products, it is possible to fix the position of the 
double bond in an alkene. 


P 2B Rn PRA / P. 
=C ++ 0; —- C 
Ray Da dad IUe a Pe a 
ozonide 
Zn/H,O LAN ZR 
——23 C=0+0=C H,O, 
> AA AR, 202 


For example, different isomers of pentene can be identified by 
examining the products formed on ozonolysis. 


CH;'CH;CH;CH = CH, —— CH;CH,CH,—C=0+-O=C—H 
pentene-1 | | 
H H 
butanal methanal 
CH;‘CH,'CH =C H:CH, —— T E = O + O=C—CH, 


pentene-2 
H H 
propanal ethanal 
CH,'CH = TM —— mr =0+0= eM 
CH; CH; 
2-methylbut-2-ene ethanal propanone-2 
(acetone) 
Polymerisation 


Alkenes undergo polymerization to several useful polymers. Polymers 
are molecules having very high molecular masses. They are made up 
by the linking of several smaller molecules called monomers. 


For example, ethene polymerizes to give polyethylene. 
nCH,=CH, —— —(CH,—CH,),— 
Nieto — ger gom 
cl C 
vinyl chloride polyvinyl chloride 
The relative molecular mass of most polymers is between 10,000 
(105) and 10,000,000. (107). 
Polymers are of great use in our daily life. Plastics, synthetic fibres, 
etc., are examples of polymers. 


17.4 PREPARATION AND PROPERTIES OF 
ACETYLENES OR ALKYNES 


The first member in the series, ethyne is commonly known as acetylene 
(CH=CH). Acetylene is the most important member in this series. 
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In the laboratory, acetylene is prepared in the following ways: 


1. From calcium carbide Acetylene is obtained by the action of 
water on calcium carbide (CaC;). 


CaC, + 2H;0 —— CH=CH + Ca(OH), 
Calcium carbide is prepared by heating quicklime (CaO) with car- 
bon at high temperature. 
CaO + 4C —— CaC, + 2CO 
2. From vicinal dihalides Acetylene and its higher homologues can 
be prepared by the treatment of alcoholic alkali with vicinal dihalides. 


alc. KOH 
CH,—CH, ———-> CH=CH 
| — 2HBr 


Br Br 
alc. KOH 
R—CH—CH—R ———-- R—C=C—R 
| | — 2HBr 
Br Br 
Higher Homologues 


Higher homologues are prepared starting from acetylene. When acety- 
lene is treated with sodium in liquid ammonia, it results in the forma- 
tion of sodium acetylide. 


2Na + 2NH; —— 2NaNH, + H, 
H—C=C—H + NaNH, — H—C=C—Na ++ NH; 


Sodium acetylide is treated with an alkyl halide to obtain the higher 
homologue of acetylene. 

H—C=C—Na + RX —- H—C=C—R -++ NaX 
where R is an alkyl radical. For example, propyne can be obtained by 
treating with methyl iodide. 

H—C=C—Na + CH;I —- H—C=C—CH; + Nal 


Physical Properties of Alkynes 
Alkynes have the following general physical properties. 


,l. State Lower members in the alkyne series are gases, while 
higher members are liquids and solids. 


2. Colour Alkynes have no colour. 
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3. Nonpolar nature. Alkynes are nonpolar in nature. Therefore, 
alkynes are soluble in nonpolar (organic) solvents but insoluble in 
polar solvents, such as water. 


Chemical Properties of Alkynes 


Alkynes are unsaturated compounds. Therefore, like alkenes, these 
are quite reactive. The most common type of reactions of alkynes are 
addition reactions. On addition, alkynes ultimately give a saturated 
compound. Alkynes also undergo oxidation and polymerization. 


Addition Reactions of alkynes 
Halogen acids, hydrogen, etc. add onto alkynes ultimately to give a 


saturated compound. Under suitable conditions, alkynes also undergo 
hydration reactions. 


1. Hydrogenation In the presence of a catalyst, hydrogen adds 
onto alkyne to ultimately give alkane. 


Di Ptor Ni H: 
H—C=C—H + H; —-— CH;—CH, —— CH;—CH; 
alkyne alkene alkane 
2. Halogen acid This adds onto alkynes to give a dihalide. This 
addition follows Markownikoff's rule, 
HX = Ht + X- 
+ x- 
H—C=C—H + Ht — S LIA ———— 


H 
vinyl carbonium ion Y 
H—C=C—H 


X H 

X H 

HX | | 
ik th — isa i 
x H- 

vinyl halide gem-dihalide 
Mechanism The addition of halogen acid (HX) to alkynes is similar 
to that of alkenes. Halogen acid is polarized due to high electronega- 
tivity of the halogens followed by an electrophilic attack of H* on 

alkyne. ‘ 


j + HCl 
H—CzC—H4 HCl => H—C=C—C] ——— CH; ‘CHCl, 
| ethylidene chloride 
z H H 1, 1-dichloroethane 
vinyl chloride 
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3. Halogen adds on to alkynes to give halogen-substituted alkanes. 
Br Br 


H—C=C—H + Br — QE Ue. DE Eb 


Br Br Br Br 
acetylene acetylene 
dibromide tetrabromide 

(1, 2-dibromoethene) (1, 1, 2, 2-tetra- 
bromoethene) 


4. Hydration When acetylene is bubbled through 40% sulphuric 
acid in the presence of mercuric sulphate (HgSO,), acetaldehyde is 
obtained. This reaction can be considered as the addition of water to 


acetylene. 
H—CzC-—H + H—OH —- EM 


H OH 
vinyl alcohol (unstable) 


(0) 
vinyl alcohol acetaldehyde 


Oxidation 
Alkynes can be oxidized to different products by using different rea- 
gents and conditions of oxidation. 


_ l. Burning in air Acetylene burns in air with a sooty flame, emit- 
ting a yellow light. For this reason, it is used for illumination. 


2. Burning in excess of air Acetylene burns with a blue flame 
when burnt in an excess supply of air or oxygen. A very high temper- 
ature (3000 K) is obtained by this method. Therefore, in the form of 
oxy-acetylene flame it is used for welding and cutting of metals. 


2H—C=C—H + 50, — 4CO, + 2H,0 + heat 


3. Hot, alkaline KMnO, Alkynes are oxidized to carboxylic acid 
by hot alkaline KMnO4. 


hot, alkaline 
KMnO, 
H—C=C—H + H0 + [0] ————— CH;COOH 
hot, Pn 
CH;—C=C—H + 40) — ————— CH,COOH + CO; 


fd 
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4. Ozone Alkynes react with ozone to give ozonide. Ozonide yieids 
a dicarbonyl compound on reduction with zinc/water. 


Oo 

d ` Zn/H,O 

H—C=C—H + 0; vk H ——> 
| 

O—O 


ozonide 


[0] 
HC- C-H -+ H-C-0-—H + H+0—C-H 
Io l l 


(0) 
diketone d formic acid formic acid 


| The dicarbonyl compounds on oxidation with hydrogen peroxide 
| yields carboxylic acids. By identifying carboxylic acids, it is possible to 
fix the position of the triple bond in an alkyne molecule. For example 


(0) 
HEN 
OAs OS bee rd tel ba Ky ete Gur 
2-pentyne 
0—0 
ozonide 
Zn/H,O 


[0] 
——+ CH,—C—C—CH,—CH; —> CH;—C—OH 
I [ 


acetic acid (2.carbons) 
+ HO—C—CH;—CH; 
ll 


propaonic acid 
(3 carbons) 


The carboxylic acids formed on ozonolysis of a pentyne contain 2 
and 3 carbon atoms, respectively Theres, the triple bond in pentyne 


must be between carbon atoms 2 and 3. 
Polymerization 
Alkynes polymerize to give compounds having higher molecular 


masses. 
1. Benzene is obtained when acetylene is passed through a red-hot 


copper tube. 
hot copper 


—— CH, 


3H—CZG-H 
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2. Cyclotetraene is formed when a solution of acetylene in tetrahy- 
drofuran (a solvent) is heated in the presence of nickel cyanide, 
Ni(CN), (catalyst). k 


4H-Cac-H Heta (Q 
Ni(CN)2 - 


Acidic nature of Alkyne 


Acetylene forms salt-like compounds because hydrogen atoms are 
slightly acidic. Therefore, the hydrogen atoms directly attached to car- 
bon atoms linked by a triple bond can be replaced by highly electro- 
positive metals, such as sodium, silver, copper, etc. Salts of acetylenes 
are known as acetylides, 


1. Sodium acetylide is formed when acetylene is passed over molten 
sodium. 


H-—CzC—H + Na —— H—C=C—Na + H 
sodium acetylide 


Sodium acetylide is also formed when acetylene is treated with soda- 
"mide (NaNH;). Sodamide is obtained by dissolving sodium metal in 
liquid ammonia. 


Na + NH; — NaNH, + iH; 
(liquid) sodamide 


NaNH, + H—C=C—H —-> Na—CzC—H + NH; 
NaNH, + Na—C=C—H —-- Na—C=C—Na + NH; 
Other alkynes can also react in a similar manner. 
NaNH, + CH;—C=C—H —- CH;—C=C—Na + NH; 
j (propyne) 
2. Silver acetylide is obtained as a white precipitate when acetylene 
is passed through ammoniacal silver nitrate (Tollens reagent). 
H—C=C—H + 2AgNO, + 2NH,OH 


—-» Ag—C=C—Ag + 2NH,NO; +2H,0 
silver acetylide 
(white precipitate) 


3. Copper acetylide is obtained as a red precipitate when acetylene 
is passed through an ammoniacal solution of cuprous chloride. 


H—C=C—H + CuCl, + 2NH,OH 
— +> Cu—C=C—Cu + 2NH,Cl + 2H;0 
cuprous acetylide 
(red precipitate) 
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Alkynes form insoluble silver acetylide when (alkynes having acidic 
hydrogen) passed through ammoniacal silver nitrate (Tollens reagent), 


R—C=C—H + Agt —> R—C=C—Ag + Ht 
Tollens white precipitate 
reagent 


Copper acetylide is formed when acetylene is passed through am- 
moniacal solution of cuprous chloride (Cu;Cl;). 


R—CEC—H |+ Cut —>'R—C=C—Cu + Ht 
red precipitate 


An alkyne having no hydrogen atom attached to the carbon atoms, 
linked by a triple bond, does not form acetylide, e.g. CH,—C-C—CH; 
(butyne-2) does not form acetylide as it lacks an acidic hydrogen 
(acetylenic hydrogen). Thus, salt formation by alkyne is only shown 
by those alkynes which contain a triple bond at the end of the mole- 
cule (i.e. when the triple bond is a terminal group). Alkynes having a 
nonterminal triple bond do not yield acetylides. Therefore, this reaction 
is used for distinguishing terminal alkynes from nonterminal alkynes. 


Cause of Acidic Nature 
Hydrogen attached to carbon atoms by sp hybrid orbital is slightly 
acidic, the reason for the acidic nature is that sp hybrid orbital has 
greater s character than sp? or sp? hybrid orbitals. (The s character in 
sp’, sp? and sp hybrid orbital are 25, 33 and 50% respectively). An s 
orbital tends to keep electrons closer to the nucleus than a p orbital. It 
means that greater the share of the s orbital in the hybrid orbital, the 
nearer will be the shared pair of electrons to the nucleus of carbon 
atom. This makes the sp hybrid carbon more electronegative than an 
sp? or sp! hybridized carbon atom. Thus the hydrogen attached 
through sp hybrid orbital acquires a slightly positive charge. There- 
fore, it can be replaced by highly electropositive metals (such as 
sodium, copper, silver, etc.). x 

The acidic character of hydrocarbons varies as: alkyne < alkene < 
alkane. However, alkynes are extremely weak acids. Compared to 
carboxylic acids like acetic acid (ethanoic acid) ethyne is 10” times 
less acidic. Ethane is 10% times less acidic than acetic acid. 


17.5 TESTS FOR ALKANES, ALKENES AND ALKYNES 


Alkanes, alkenes and alkynes can be easily distinguished from one 
another by the following tests. 

Alkanes do not decolourize bromine water. Baeyer’s reagent (alkaline 
KMn0O,) remains unchanged on treating with alkanes, 
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Alkenes and alkynes decolourize bromine water. This test is used for 
detecting unsaturation. It is used to distinguish alkanes from unsatu- 
rated compounds, such as alkenes and alkynes. 


Ncc Ti SB A 
PoE + Bn — SN 


alkene o Br Br 
colourless 


—CzC— + Br, — —C=C— 
alkyne brownish [5] 
red 


Br Br 
colourless 
cold, dilute, alkaline 
yc-c( + mo + [0] — — ——» 5c- cQ 
HE KMnO, deed 
à O OH 
colourless 


Alkenes and alkynes decolourize Baeyer's reagent. Therefore, this 
test is used for distinguishing alkenes and alkynes from alkanes. 


17.6 REACTIONS OF AROMATIC HYDROCARBONS 
(ARENES) 


Aromatic hydrocarbons are unsaturated cyclic compounds. They are 
also known as arenes. They are highly unreactive towards chemical 
reagents. 

Benzene and its homologues are better solvents as they dissolve a 
larger number of compounds. This is because the electron cloud makes 
it polar to some extent and therefore even polar molecules are attract- 
ed towards it. This helps in dissolving in them a large number of 
compounds. 

The reasons for the inertness of benzene and its homologues is due 
to the presence of 7-electron clouds above and below the plane of the 
ring of carbon atoms. Therefore, nucleophilic species (electron-rich 
species, such as CI“, OH-, CN-, etc) cannot attack the benzene ring 
due to the repulsion between the negative charge on the nucleophile 
and the delocalized 7-electron cloud. However, electrophiles (such as 
H+, CI*, NO}, etc.) can attack the benzene ring and for this reason 
benzene and its homologues undergo electrophilic reactions. 

Reactions of benzene will be considered as a typical example of the 
reactions of aromatic compounds. Benzene undergoes substitution, 
addition and oxidation reactions. R 

Aromatic hydrocarbons do not easily undergo addition reactions. 
Under drastic conditions, such as high temperature, the presence ofa 
catalyst, etc. hydrocarbons undergo substitution reactions in prefer- 
ence to addition reactions. The hydrogen atoms of benzene and its 
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homologues can be replaced by nitro (— NO;), halogen (— X), sulpho- 
nic acid group (—SO3H), etc. 

However, arenes also undergo a few addition reactions under more 
drastic conditions, such as increased concentration of the reagent, high 
pressure, high temperature, the presence of a catalyst, etc. 


Substitution Reactions 


1. Halogenation Benzene (and its homologues) reacts with chlorine 
or bromine in the presence of a catalyst, such as anhydrous ferric 
chloride or anhydrous aluminium chloride to give halogen-substituted 
benzene. 


ct 


Que 0) duci 


Chlorobenzene 


Fluorine is very reactive and, hence, this method is’not' used for the . 
preparation of fluorobenzene. 

Iodobenzene is prepared by carrying out of reaction in the presence 
of oxidizing agent such as concentrated nitric acid, mercuric oxide, etc. 


(Qu HgO er HNO; © +HI 


lodobenzene 


2. Nitration Benzene forms nitrobenzene when treated with a mix- 
ture of concentrated nitric acid and concentrated sulphuric acid (nitra- 
tion mixture) at 330 K. 


No? 


HNO, +H,50, 
EMule Sate 3 Orne 
330K 


Nitrobenzene 


3. Sulphonation The fintroduction "of a sulphonic acid group 
(—SO;.OH) is called sulphonation. Benzene sulphonic acid is formed 
when benzene is heated with fuming sulphuric acid (concentrated sul- 
phuric acid containing some sulphur trioxide). Thus, the hydrogen 
atom in benzene is replaced by a sulphonic acid group. 
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OH 
Ne 
© + roton Quo 
0 
SUE" Eo 
acid 


Chlorosulphonic acid can also be used for sulphonation of benzene, 


ra 


0--5--0 


Q + T +HÇI 
Chlorosul phonic Benzene 
ocid sulphonic 
acid 


4. Alkylation The alkyl group (—R) can be'substituted in aroma- 
tic hydrocarbons. Alkylation of aromatic hydrocarbons is carried out 
by Friedel-Crafts reaction. In this reaction benzene is heated with an 
alkyl halide in the presence of anhydrous aluminium chloride (or 
other Lewis acids, such as anhydrous ferric chloride, boron trifluoride, 


etc.). 


CH3 
Qnei Anhydrous +k! 
AlCl; 
Methyl Toluene 


chloride 


5. Acylation The introduction of RCO- group is acylation. Aro- 
matic hydrocarbons undergo acylation by Friedel-Crafts reaction. The 
product found is an aromatic ketone. 


CO CH3 
Anhydrous 
Sf Q *CHyCOCI AUN (o) 
AlCl3 
Acet yl Acetophenone 


chloride 
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Addition Reactions of Arenes 


Benzene and its homologues undergo some addition reactions similar 
to alkenes and alkynes. However, extremely drastic conditions are re- 
quired for carrying out addition reactions in arenes. For example, 
benzene can be chlorinated and hydrogenated. 


E Addition of chlorine Benzene, when treated with excess of chlo- 
rine in the presence of sunlight or ultraviolet light, gives an addition 
product, benzene hexachloride (BHC). It is used as an insecticide. 


[4] 


VE u HAW c 
Ta RM ac ll hl 
ci e 


i cl 
Benzene hexachloride 
(BHC) 


2. Addition of hydrogen Hydrogen adds on to benzene when heated 
(475 K) under pressure in the presence of a nickel catalyst to cyclo- 
hexane (hexahydrobenzene). Similarly, toluene gives methylcyclohe- 
xane (hexahydrotoluene). 


Quen Ni,475K OC 


Cyclohexone 
(aliphatic) 


CH3 CH3 , 


Methyl 
cyclohexane 
(aliphatic) 


Oxidation 


Arenes can be oxidised to different products depending upon their 
structure and conditions of the reaction. 


1. Combustion Aromatic hydrocarbons burn with a luminous and 
sooty flame. 


2C4H, + 150; —— 12CO; + 6H,O 
C;HsCH; + 90; — 7CO, + 4H,0 


2. Side-chain oxidation Arenes with a side chain, on oxidation with 
strong oxidizing agents, such as alkaline potassium permanganate, give 
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carboxylic acid. However, a hydrocarbon without a side chain remains 
unaffected. 


CH3 COOH 
Alkaline KMn 0; 
OO 
Toluene Benzoic ocid 


In case there are more carbon atoms in the side chain, on oxidation 
all the carbon atoms get oxidized to carbon dioxide except the one 
that is directly attached to the aromatic ring. 


CH; CH3 COOK 


Hot alkaline KMnO, Ò 
Bend Jie ratal badaite PUN 


Ethyl benzene Benzoic acid 


CHy CH3 
Mu COOH 


Q Hot alkaline KMn0; 
at ho dau ios Sh 


Isopropy! benzene Benzoic acid 


.3. Catalytic oxidation, Benzene can be catalytically oxidized to an 
aliphatic compound, maleic anhydride. Benzene, when heated with 
excess of air at 800 K in the presence of vanadium pentoxide (V205) 
gives maleic anhydride. 


Maleic anhydride 


EXERCISES 


1. What are hydrocarbons? Name two naturally occurring substances which 
are the main sources of hydrocarbons. 


2. What is petroleum? What does it contain? 
3. How has petroleum originated under the earth's crusty 
4. What is petroleum refining? What is its underlying principle? 


10. 


11. 


12. 


13. 
14. 


15. 


16. 


17. 


18. 
19. 


20. 
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. Describe the process of petroleum refining. 
. Name the important fractions of petroleum. What are the main uses of 


each fraction of petroleum? 


. Write short notes on: 


(a) Knocking, 

(b) anti-knock compounds, 
(c) octane rating, and 

(d) cetane value. 


. Write short notes on: 


(a) Cracking, 

(b) Fischer-Tropsh process, 
(c) Bergius process, and 
(d) aromatization. 


. What is pyrolysis of coal? What are the main products obtained by this 


process? 

What are the various fractions of coal-tar distillation? What are their 
compositions? . 
How can the following conversions be made? Write the equations (these 
need not be balanced). 

(a) Sodium acetate to methane, 

(b) Sodium acetate to ethane, 

(c) Acetylene to ethane, 

(d) Methyl bromide to ethane, and 

(e) Ethyl bromide to n-butane. 

Do the physical properties of alkanes vary with an increase in the chain 
length? Explain. 

Why are alkanes less reactive? 

What are substitution reactions? Write important substitution reactions 
of alkanes. 

Write the steps involved in the chlorination of methane in the presence 
of diffused sunlight. 

How are alkenes prepared from: 

(a) alcohols, and 

(b) alkyl halides? 

What are addition reactions? Why do alkenes undergo addition reactions 
so easily? 

What is Markownikoff’s rule? Explain with a suitable example. 


Write short notes on: 

(a) Hydrogenation, 

(b) cracking, 

(c) ozonolysis, and 

(d) free radicals. 

How is acetylene prepared? How is acetylene converted into its higher 
homologues? 
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21. 
22. 


23. 
24. 


25. 


26. 
27. 
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Why are the hydrogens of acetylene slightly acidic? 

Explain by writing suitable equations, what happens when: 

(a) propene is treated with HBr, 

(b) ethane is heated with hydrogen in the presence of a nickel catalyst, 

(c) ethane is treated with concentrated sulphuric acid and the product is 
hydrolyzed with water, 

(d) acetylene is bubbled through 40% sulphuric acid containing some 
mercuric sulphate, 

(e) ethene is treated with cold, dilute alkaline potassium permanganate, 

(f) acetylene is passed through Tollens reagent, 

(g) toluene is treated with hot, alkaline potassium permanganate, and 

(h) benzene is heated with methyl chloride in the presence of anhydrous 
aluminium chloride. 

What is Friedel-Crafts reaction? Give suitable examples. 


How would you distinguish methane, ethylene and acetylene from each 
other? 


Why does benzene not undergo addition reactions in spite of unsatura- 
tion? 


Give two examples where benzene undergoes addition reactions. 
Provide the missing details in the following equations: 


bright 
(a) CH4 + 2Cl, ———> 4HCI + A 
sunlight 


diffused 
(b) CH, + 4Cl, ———+ 4HCI + B 
(excess) sunlight 


Ni-catalyst 


(c) CH=CH, + € > CH,.CH; 


red-hot 
(d) 3CH=CH —————» D 
copper tube ^ 


heat 
(e) CoHe + HSO: —> E+ HO 


Ni, 475 K 
>F 


(f) C«Hs + 3H; 


anhydrous AICI, 
(g) CoH +G eR CH; - CHs 
leat 


hot alkaline 


——— 


KMnO, ^ 
[4m.. (8) A=C, (b) B=CCh, (c) C=H,, (d) D=C:Ho, (e) B=CHs+ 
80,H, (f) F=CsHh,, (p) G— CH;CI, (h) H=C:H;COOH.] 


(h) C Hs: C;Hs 
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Multiple-Choice Questions 


Tick (v) the correct choice. 


1. 


Separation of petroleum into useful products like gasoline, kerosene, fuel 
oil, etc. is done by 


(a) distillation (b) pyrolysis 
(c) cracking (d) fractional distillation 


- A concentrated solution of sodium butynate is electrolysed in a suitable 


apparatus. The product at the anode is 


(a) butane (b) propane 
(c) hexane (d) pentane 


. A hydrocarbon is obtained by heating 


(a) a sodium salt of fatty acid with alcohol 

(b) a calcium salt of fatty acid 

(c) an acid chloride of a fatty acid with sodium 
(d) a sodium salt of fatty acid with soda lime. 


- Dehydration of ethyl alcohol with concentrated sulphuric acid at 440 K 
results in the formation of 
(a) ethene (b) methane 
(c) propane (d) ethyne 
. Butan-2-ol is dehydrated under suitable conditions. The product is 
(a) butene (b) 1-butene 
(c) 3-butene (d) 2-butene. 
. Ethene is produced from ethanol by a process of 
(a) hydration (d) hydrogenation 
(c) dehydration (d) fermentation. 
. Ethyl magnesium iodide reacts with water to gives 
(a) methane A (b) ethyl alcohol 
(c) ethane (d) ethene 
. Calcium carbide on reaction with water gives 
(a) CH. (b) C:H: 
(c) CsH« (d) CiHio 
. The reaction: 


Ni 
CH; = CH: + H: ——- CH; - Cl’ 
600 K 
is an example of 
(a) Sabatier and Sanderen's reaction 
(b) Kolbe's reaction 
(c) Sandmeyer's reaction 
(d) Wurtz's reaction. 
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10. 


11. 


12. 


13. 


14. 


15. 


16, 


17. 


18. 


19. 


The variety of coal which has the largest percentage of carbon is 


(a) lignite (b) bitumen 

(c) anthracite (d) peat 
Substitution reactions are characteristicof 

(a) alkanes (b) alkenes 

(c) alkynes (d) olefins. 

When ethyne reacts with ozone, the product is: 

(a) formic acid (b) acetaldehyde 
(c) ethyl alcohol (d) ethene ozonide 


Ammoniacal silver nitrate reacts with ethyne to form: 


(a) metallic silver (b) silver acetylide 
(c) silver acetate (d) silver mirror 


A gaseous hydrocarbon rapidly decolourises bromine water. The hydro- 
carbon must be 

(a) ethane (b) methane 

(c) propene (d) propane 


The reaction between acetylene and a halogen acid (HX) is an example 
of 

(a) hydration reaction (b) addition reaction 

(c) displacement reaction (d) catalytic reaction 

Ethylene when oxidised with hot acidified dichromate solution gives 

(a) ethylene glycol (b) acetic acid 

(c) ethyl alcohol * (d) carbon dioxide and water. 


Sulphuric acid reacts with acetylene in the presence of mercuric sulphate 
to give r 


(a) acetic acid (b) acetaldehyde 
(c) ethyl hydrogen sulphate (d) diethyl sulphate 


Markownikoff's rule is used in connection with 


(a) elimination reactions 

(b) stability of free radicals 

(c) addition to double bond 

(d) electrophillic aromatic substitution, 


Reaction of benzene and methyl chloride by heating with anhydrous 
AICI; gives 


(a) chlorobenzene (b) toluene 
(c) phenol (d) benzoic acid 
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20. Benzene on reaction with a mixture of concentrated H:SO, and HNO, 


gives 
(a) benzene sulphate (b) benzene nitrate 
(c) phenol (d) nitrobenzene 


Answers (Multiple-Choice Questions) 


1. (d) 2. (c) 3. (d) 4. (a) 5. (d) 
6. (c) 7. (©) 8. (b) 9. (a) 10. (c) 
11. (a) 12. (d) 13. (b) 14. (c) 15. (b) 


16. (d) 17. (b) 18. (c) 19. (b) 20. (d) 


18 
Purification and 


Characterization of 
Organic Compounds 


Objectives The principles involved in the Different Methods of Purification O 
Different Techniques of Purification like Crystallization, Sublimation, Distilla- 
tion, Solvent Extraction and Chromatography O The Application of the above 
Principles for the Purification of some Simple Mixtures O Qualitative Analysis 
of Organic Compounds using Sodium Fusion Tests O Quantitative Analysis for 
the Determination of the Percentage Composition of Different Elements Present 
in Organic Compounds O Calculation of Empirical Formulae O The Deter- 
mination of Molar Masses by Different Methods O Calculation of Molecular 
Formulae of Organic Compounds. 


Purification of compounds is an important step in organic chemistry. 
Purification of organic compounds is much more difficult because 
these occur as complex mixtures in nature. Organic compounds made 
in the laboratory are also impure because several side-products are 
formed during the reaction involving organic compounds. Therefore, 
it is necessary to purify organic compounds before an attempt can be 
made to characterize them, i.e. to know their chemical composition, 
molecular or structural formula, etc. 

Characterization of a compound is done in several steps. À pure 
compound is subjected to qualitative analysis to know the different 
elements present in it. Later quantitative analysis is done to know the 
exact percentage of each element present in the compound. This enabl- 
es us to calculate the empirical formula. Molecular formula can be 
calculated by knowing the molecular mass of the compound. Structure 
of the organic compound can be known by various physical and chem- 
ical methods. 


v ie 
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18.1 PURIFICATION 


Purification is a step for removal of impurities. Several techniques are 
employed to purify a compound. Most of these methods depend upon 
the difference in physical properties of the compound and the impuri- 
ties associated with it. 


The common methods for purification are 


1. Crystallization 

2. Sublimation 

3. Distillation 

4. Differential extraction 
5. Chromatography. 


Purity of a compound is judged by its characteristic melting and 
boiling point or by other properties like shape of crystals, refractive 
index, etc, Purity can also the checked by techniques like chromatogra- 
phy, spectroscopy, etc. 


Crystallization 


It is à simple technique which is most widely used for the purification 
of organic compounds. This method is particularly useful when the 
solubility of impurities is quite different from the compound. In this 
method, the impure substance is dissolved in water or some other 
suitable organic solvent such as alcohol, petrol, chloroform, etc. 
The solution is filtered to remove any suspended impurities. The filt- 
rate is concentrated to make anearly saturated solution at or near 
the boiling point of the solvent. Solutions are concentrated by heating 
over a water bath so that the vapours of the solvent may not catch 
fire. Organic compounds have more solubility at a higher temperature 
and a lower solubility at a lower temperature. 

Thus when a hot saturated solution of an organic compound is cool- 
ed, its crystals begin to separate out. The crystals are removed by filt- 
ration and the impurities are passed on to the filtrate. 


Fractional Crystallization 
Sometimes the solubility of an organic compound is quite similar to 
that of its impurities, In such a case it is not possible to purify an 
organic compound by simple crystallization. The crystals thus obtained 
are not pure. These contain impurities as well. However, these can be 
purified by fractional crystallization. y 
Fractional crystallization is done by preparing a. hot, concentrated 
solution. The solution is cooled when the first crop of crystals is 
obtained. The crystals, thus obtained contain more of one of the com- 
ponents which has a lower solubility and less of the component with a 
higher. solubility. On the other hand, the filtrate contains less of less 
soluble components and more of components with a higher solubility. 


The crystals thus obtained are crystallized again. The crystals now 
obtained will be less impure as more impurities will be passed on to 
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the mother liquor. The crystallization is repeated a number of times 
till the crystals are free from impurities. 

Similarly the filtrate, i.e. the mother liquor, is crystallized again and 
again. Each crystallization removes some quantity of compound which 
is less soluble. Finally the mother liquor contains a pure compound 
which has a little more solubility. 


Sublimation 


Many of the organic compounds sublime on heating. This means that, 
these compounds directly form vapours when buius compounds are 
heated, without becoming a liquid 

Cotton: plug at any stage. On cooling the Xa 

Sublimate ours, the solid is directly obtained. 
This principle is made use of for 

Impure the purification of such organic 

compound ^ compounds from nonvolatile im- 

China dish purities (Fig. 18.1). 

Sand Naphthalene, anthracene and 
camphor are a few examples of 
compounds which are easily puri- 
fied by sublimation. 


Distillation 


ee Senn is widely used for the 
gol ALY purification of liquids from non- 
Fig; 36, unification by sublimation. wot tile impurities. Tt ican “also be 
used to separate liquids, if their boiling points are quite different 
(about 40 K) from each other. 

In distillation, the impure liquid is heated in a flask (Fig. 18.2). The 
more volatile component having a lower boiling point begins boiling 
sooner than the compound having a higher boiling point. 


Fractional Distillation 


Simple distillation does not give a pure liquid if the boiling points of 
the liquids in the mixture are very close to each other (difference less 
than 40 K). In such a case, simple distillation gives a distillate which 
is not pure but contains both the liquids. Such mixtures can be puri- 
fied by using fractional distillation. 

Fractional distillation makes use of a fractionating column of a 
suitable length and shape. A fractionating column is a long tube hav- 
ing different shapes and designs to' suit particular requirements. All 
fractionating columns provide a large surface area where vapours can 
condense and come in contact with the incoming vapours. 


For fractional distillation, a suitable fractionating column is placed 
between the flask and the condenser (Fig. 18.3). The mixture on heat- 
ing forms vapours of both the highér- and lower-boiling liquids. As 


- 
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Thermometer 


Fig. 18.2. Purification of liquids by simple distillation 


these vapours go up in the fractionating column, the vapours of the 
higher-boiling liquid condense as the column provides a surface that is 
cooler than its boiling point. The vapours of the lower-boiling liquid 
remain in vapour form and rise up in the column. Thus the lower- 
boiling liquid is collected as the distillate and the higher boiling liquid 
is left in the flask. 


Fig. 18.3 “Some fractionating columns 


^" al 4 
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Distillation under Reduced Pressure or Vacuum Distillation 

Many organic compounds decompose on heating even before they 

begin to boil. Such liquids cannot be purified by simple distillation. 
The pressure inside the flask is reduced with the help of a vacuum 

pump (Fig. 18.4). Thus, the liquid boils at much below its normal 

boiling point and distils over}without undergoing decomposition. 


Stop cock 


Thermometer 
Capillary to 
regulate air 


a Water 


NGULA N vacuum 
N 
Water N E 


bath 


Fig. 18.4 Distillation under reduced pressure 


Steam Distillation 


Some organic liquids have high boiling points but are steam-volatile, 
ie. the vapour of such liquids are miscible with steam. When steam is 
bubbled through such liquids, the liquid comes out as the distillate 
along with water (Fig. 18.5). This method makes itlfpossible to distil 


aor eine = 


^» e 


¥ d 
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liquids at the temperature of steam (373 K) even’ though the actual 
boiling point of the liquid is much more. This method helps to purify 
steam-volatile compounds from non steam-volatile compounds. Essen- 
tial oils present in flowers are obtained by this method. Aniline is 
purified by steam distillation. Another advantage of steam distillation 
is that the compounds which are unstable around their. actual boiling 
points can be distilled at a much lower temperature without undergoing 
decomposition. à 

The principle of steam distillation is based on the fact that a. liquid 
boils when its vapour pressure is equal to the atmospheric pressure, 
Pain. If the vapours of water and those of the organic liquid are misci- 
ble, then such a mixture will boil when the total vapour pressure of 
steam (Psteam) and that of the organic liquid (Piiquia) is equal to the 
atmospheric pressure (Pat). According to Dalton’s law of partial pres- 
sures : 


Paim = Psteam + Priquia 


Priquid = Patm — Psteam 
The vapour pressures of the liquid is less than the atmospheric: pres- 
sure. Therefore, it boils at a lower temperature than its normal boiling 
point. Thus it is possible to distil a liquid at a lower temperature than 
its normal boiling point by steam distillation. 

The mass of organic compound which distils over during steam, dis- 
tillation depends upon its molar mass and vapour. pressure. The rela- 
tion is expressed as: 

. . Mass of water distilled 
Mass of organic liquid distilled 
— Psteam X molar mass of water 
Piiquia X molar mass of liquid 


Differential Extraction 


Differential extraction is also known as solvent extraction. An organic 
compound can be isolated from its aqueous solution by shaking it 


Organic compound 
in solvent layer 


Solvent layer 


Organic compound 
in water layer 


Water 
, layer 


Fig.18.6 Diflerentjalextraction 


^ d 
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with an organic solvent which is immiscible with water. The mixture 
is allowed to'stand so that the water layer separates out from the 
organic layer. The organic compound being more soluble in organic 
solvent gets dissolved in it. The organic compound is recovered by 
evaporating the organic solvent. The impurities that are more soluble 
in water remain dissolved in the water layer. This method involves the 


use of a separating funnel (Fig. 18.6). 


Chromatography 


Chromatography is a recent technique and is now widely used for the 
purification of organic compounds. It can also be used for the identi- 
fication of compounds. This method is used in various forms, such as 
column chromatography; thin layer chromatography (TLC), gas chro- 
matography, paper chromatography, etc. (Table 18.1). 


Table 18.1 Different types of techniques of chromatography 


Type of Mobile Fixed Principle Main use 
chromatography — phase phase involved 
Column solvent or silica gel adsorption purification 
chromatography ^ mixtureof ^ or alumina of compounds 
solvents 
Thin layer solvent or silica gel adsorption identification 
chromatography ^ mixtureof ^ oralumina 
(TLO) solvents 
Gas liquid inert gas paraffin oil partition identification 
chromatography like Na or silicon 
(GLC) or He grease 
Paper mixtureof water partition- identification 
solvents supported cum-adsor- 
over cellu- ption 
lose of 
filter paper 


Column chromatography is a simple chromatographic technique. It 
consists of a long tube of glass fitted with a stop-cock at one of its 
ends. This tube is filled with a suitable solid adsorbent such as silica 
gel or alumina (Al,0;). This solid adsorbent is also called the fixed 
phase (Fig. 18.7). 

The mixture of compounds that is to be purified is dissolved ina 
suitable solvent and then poured over the adsorbent. The compounds 
present in the mixture get adsorbed to different extents over the adsor- 
bent, depending upon their chemical nature, A solvent or a mixture 
of solvents is then allowed to percolate (pass) through the column. 
Such a solvent is called the mobile phase. The compound that is least 
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adsorbed over the adsorbent Bets deadsorbed and begins to move 
along with the solvent. This process is called elution. A compound 
that is strongly adsorbed moves much slower than the less strongly 
adsorbed ones. Thus, different compounds occupy different positions 
in the column. If the solvent is allowed to flow in the column for a 
long time, then the compound that is least adsorbed comes out of the 
column through the stop cock; Other compounds come out later. Thus 
the solution of the compound is collected as a separate fraction, The 
compound is obtained by evaporating the solvent. 


Solvent Solvent 

Mixture of 

Compouds 

AtB+c 
Compound C 
(most strongly 
adsorbed) 


Compound 8 


Compound A 
(least adsorbed) 


Fig. 18.7 Column chromatography 


18.2 QUALITATIVE ANAL YSIS 


Qualitative analysis of an organic compound refers to the detection 
of the elements present in a compound. The most common elements 
present in an organic compound are carbon, hydrogen, oxygen, nitro- 
gen, halogen and sulphur. Sometimes, elements such as phosphorus 
and some metals may also be present. Therefore, qualitative analysis 
is limited to the detection of only a small number of elements usually 
present in organic compounds. 


Detection of Carbon and Hydrogen 


The presence of carbon and hydrogen is detected by heating the com- 
Pound with cupric oxide(CuO). Carbon present in the compound gets 
oxidised to carbon dioxide which turns lime water milky (Fig. 18.8). 

ydrogen in the organic compound gets oxidised by cupric oxide to 
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water. It turns anhydrous copper sulphate (white colour) to hydrated 
copper sulphate (blue colour): 


Anhydrous CuSO, 


Fig. 18.8 Detection of carbon and hydrogen 


The reactions involved are: 
C + 2CuO —— CO, + Cu 


Ca(OH), + CO; ——> CaCO; + H;O 
lime water (insoluble) 


2H + CuO —-> Cu +H,0 
CuSO, + 5H,0 —-> CuSO,-5H,0 
white blue 
(anhydrous) (hydrated) 


Detection of Oxygen 


There is no test that can directly indicate the presence of oxygen in an 
organic compound. The presence of oxygen is indicated indirectly by 
the presence of groups containing oxygen, e.g. groups such as —OH, 
—CHO, > C=O, —COOH, —NO,, etc. 


Lassaigne’s Test 


Lassaigne’s test is the most reliable test for the detection of nitrogen, 
halogens and sulphur in an organic compound. 

The compound is heated with sodium metal to convert the elements 
present in the organic compound into the water-soluble salts © 
sodium. Sodium is fused with the organic compound and then the fuse 
mass is extracted with water. The extract is filtered and the filtrate 
is called sodium extract or Lassaigne’s solution. Nitrogen, if present m 
the compound, is converted into NaCN in Lassaigne’s solution. Halo- 
gens{form a salt of sodium, such as NaCl, NaBr or Nal, while sulphur 
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tormg sodium sulphide (Na,S) on fusion of the organic compound with 
sodium: 


Na + C +N —+> NaCN 
Na + Cl ——> NaCl 

Na + Br ——> NaBr 

Na +I —-— Nal 

2Na + S — Na,S 


Lassaigne’s Test for Nitrogen 


Lassaigne’s solution (sodium extract) contains sodium cyanide if the 
organic compound contains nitrogen. 


Na +C +, N ——> NaCN 
from organic 
compound 


The sodium extract is treated with ferrous sulphate and the solution 
is heated. Ferrous cyanide thus formed reacts with more of sodium 
cyanide to form sodium ferrocyanide, Na4[Fe(CN),]. 


FeSO, + 2NaCN —-> Fe(CN), -+ Na,SO, 
ferrous 
cyanide 


Fe(CN); + 4NaCN —-> Na4[Fe(CN)4 
sodium ferrocyanide 


A drop of ferric chloride is added to this solution. A prussian-blue 
precipitate of ferric ferrocyanide, Fe;[Fe(CN),]; is formed. The forma- 
tion of the prussian blue precipitate shows that nitrogen is present in 
the organic compound. 


3Na, [Fe(CN);] 4- 4 FeCl, —-» Fe,[Fe(CN)j] -+ 12NaCl 
sodium ferrocyanide ferric ferrocyanide 
(prussian blue) 


Lassaigne’s Test for Halogens 


The organic compound is fused with sodium to prepare Lassaigne’s 
solution (sodium extract). 


1, Lassaigne's test for chlorine Lassaigne’s extract is acidified with 
dilute nitric acid and silver nitrate solution is added. In case chlorine 
is present, a white precipitate of AgCI is formed. This dissolves on 
adding excess of ammonium hydroxide (NH4OH), indicating the pre- 
sence of chlorine in the organic compound. 


Na+ Cl -—- NaCl 
from organic 
compound 


y 
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NaCl + AgNO; —> AgCI 4 + NaNO, 
white 


AgCI + 2NH\OH — Ag(NH)).Cl - 2H;0 


insoluble soluble complex 


2. Lassaigne's test for bromine . Lassaigne's extract is acidified with 
dilute nitric acid and silver nitrate solution is added. A light yellow 
precipitate of AgBr indicates the presence of bromine in the organic 
compound. The precipitate dissolves with difficulty on adding ammo- 
nium hydroxide. 


Na+ Br  —- NaBr 
from organic 
compound 
AgNO, + NaBr —* AgBr -+ NaNO; 
light yellow 


3. Organic layer test for bromine The sodium. extract is acidified 
with dilute nitric acid and chlorine water is added to it. The sodium 
bromide present in. the sodium extract liberates bromine due to the 
reaction with chlorine water. The bromine thus liberated can be easily 
identified by shaking with an organic solvent, such as chloroform, 
carbon tetrachloride or carbon disulphide. 

Bromine being more soluble in these organic solvents passes into 
the organic layer. "Therefore, the layer of the organic solvent becomes 
reddish brown if bromine is present in the organic compound 
(Fig. 18.9). 


2NaBr 4- Cl, ——> 2NaCl + Bry 
reddish brown 


Orange 
colour 


Violet - 
colour 


Fig. 18.9 Organic layer test for 1ig. 18.10 Organic layer test for 
bromine iodine 
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4. Lassaigne's test for iodine The sodium extract is acidified with. 
dilute nitric acid and silver nitrate solution is a dded. A yellow preci- 
pitate of Agl indicates the presence of iodine in the organic com- 
pound. This precipitate of silver iodide does not dissolve on adding 
ammonium hydroxide. 


Na + I —-» Nal 
from organic 
compound 
Nal + AgNO, —— AgI + NaNO; 
yellow 


5. Organic layer test for iodine Sodium extract is’ acidified with 
dilute nitric acid and chlorine water is added. The iodine which is 
liberated is identified by adding an organic solvent, such as carbon 
tetrachloride, chloroform, carbon disulphide, ete. (Fig. 18.10). As 
iodine is more soluble in these oganic solvents, the organic layer 
becomes violet if iodine is present in the organic compound. 


2Nal + Cl; —— 2NaCl + I, 
violet colour 


Detection of Sulphur 


The organic compound is fused with sodium. The sulphur present in 
the organic compound is converted into sodium sulphide. Thus, Lassa- 
igne’s solution contains sodium sulphide. 


2Na + S — NaS 


from organic 
compound 


JI. Lead acetate test for sulphur The sodium extract is acidified 
with acetic acid and lead acetate is added. A black precipitate of lead 
sulphide (PbS) is formed if sulphur is present in the organic compound. 


NaS + Pb(CH,COO), —-» PbS + 2CH;,COONa 
black 


2. Nitroprusside test for sulphur A few drops of a solution of 
sodium nitroprusside are added to the sodium extract. A violet or pink 
colour indicates the presence of sulphur in the organic compound. 

NaS + Na,[Fe(CN);NO] —-> Na,[Fe(CN)sNOS] 
sodium nitroprusside violet 


Detection of Nitrogen and Sulphur when both are present 


When both nitrogen and sulphur are present, then fusing the com- 
pound with sodium forms NaCNS (sodium thiccyanate, also called 
sodium sulphocyanide). The presence of sulphur and nitrogen can be 
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confirmed. by adding a few drops of ferric chloride to Lassaigne's solu- 
tion. A blood-red colour due to ferric sulphocyanide confirms the 
presence of both sulphur and nitrogen. 


FeCl, + 3NaCNS ——> 3NaCl + Fe(CNS); 
blood-red 
, colour 


Detection of Phosphorus 


phomolybdate (NH;)3[PM' 0,304] indicates the presence of phosphorus 
in the organic compound. 


18.3 QUANTITATIVE ANALYSIS OF ELEMENTS 


Quantitative analysis of elements is finding out the exact percentage of 
each element present in an organic compound. 

Since organic compounds are made up of a smaller number of ele- 
ments such as carbon, hydrogen, oxygen, nitrogen, sulphur, phos- 
phorus, etc. the quantitative analysis of organic compounds is limited 
to the estimation of only a small number of elements. 


Estimation of Carbon and Hydrogen 


Liebig’s method is used for the quantitative estimation of carbon and 
hydrogen (Fig. 18 11). In this method a known mass of an organic 
+ compound is mixed with cupric oxide (CuO) and then strongly heated. 


Organic 


compound Cu 


Furnace Anhydrous Caustic 
CaCl, potash 
Fig. 18.11 Liebig's method for the quantitative estimation of 
carbon and hydrogen 


The carbon present in the organic compound gets oxidised to carbon 
dioxide, which is absorbed by bubbling it through a potash bulb. The 
potash bulb contains a solution of potassium hydroxide. The increase 
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in the mass of the potash bulb is equal to the mass of carbon dioxide 
formed. 


2CuO + C — 2Cu + CO; 


2KOH + CO, —— K,CO; + H,O 
qae us 
uj 


Hydrogen present in the organic compound gets oxidised to water 
on heating with cupric oxide. Water is absorbed in the tube which 
contains anhydrous calcium chloride(CaCl;). The mass of water formed 
is determined by finding out the increase in the mass of the calcium 
chloride tube. 


CuO + 2H —> Cu + H,O 
Method of Calculation of Percentage of Carbon and Hydrogen 
Let us represent 


Molar mass of carbon by M(C) 
Molar mass of carbon dioxide by M(CO;) 

Mass of organic compound heated in the furnace by m(compound) 
Now, Mass of carbon present in the formed mass of carbon dioxide, 
M(C)_ 
M(CO;) 2) 
Thus, the mass m(C) is present in the mass m(compound). Hence 

Per cent of carbon in the compound 


2M m(C) 
~~ m(compound) 


m(C) = *m(CO;) 


x 100 


Substituting the expression of m(C), we get 
Per cent of carbon in the compound 
MC) , mco) 
= MCO)  m(compound) 
Since M(C) = 12 g mol~' and M(CO;) = 44 g mol-!, we have 
Per cent of carbon in the compound 


2 m(CO) _ 
pu rue m(compound) Gur 


x 100 


Similarly, if we represent 
Molar mass of hydrogen by M(H) 
Molar mass of water by M(H;O) 
Mass of water formed by m(H5O) 
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Then, mass of hydrogen present in the formed mass of water, 


2 MU. 
m(H) = MELO) m(H50) 
Here, the factor of 2 is due to the fact that 2 atoms of hydrogen are 


present in a molecule of water. 
Now, the mass m(H) of hydrogen is present in the mass. m(com- 


pound) of the compound. Hence d 
Per cent of hydrogen in the compound 
ser) ii 
~~ m(compound) x 100. 


Substituting the expression of m(B), we get 
Per cent of hydrogen in the compound 


. 2M(H) ,  m(H.O) 
= M(H;O) m(compound) x 100 


Since M(H) = 1 g mol! and M(H;O) = 18 g mol-', we have 
Per cent of hydrogen in the compound 


2. _ m(H,0) 


= 18 "m(compound) * on 


Estimation of Oxygen 


There is no satisfactory method for the direct estimation of oxygen in 
an organic compound. Therefore, the percentage of oxygen in an 
organic compound is calculated by adding the percentage of other ele- 
ments present and subtracting them from 100. 


Problem 18.1 On combustion, 0.30 g of an organic compound gave 
0.44 g of carbon dioxide and 0,18 g of water. Calculate the per cent 
composition of oxygen in the compound. : 


Mass of organic compound, m(compound) — 0.30 g 
Mass of water formed, m(H5O) = 0.18 g 

Mass of carbon dioxide formed, m(CO;) — 0.44 g 
2M(H)  m(bO)  . 100 
M(H;O) m(compound) 

2(1 g mol") | (0.18 g) 0 
(8g mol) | (0.30 g) ^. 10 
= 6.66 7 


Per cent of hydrogen 
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MC) , mco) 
Per cent of carbon = TCO). membu x 100 
(12 g mol!) . (044 g) 
(44 g mol) (0.30 g) 12614100 
= 40.00 


Per cent of oxygen = 100—per cent of (carbon + 
hydrogen) 


= 100 — (40.00 + 6.66) 
= 53.34 


Estimation of Nitrogen 


The amount of nitrogen in an organic compound can be estimated by 
Dumas’ method or Kjeldahl’s method. f 


Dumas? méthod 

This method is used for the estimation of nitrogen in any kind of 
organic compound (Fig. 18.12). In this method an organic compound 
is heated strongly with cupric oxide (CuO). Carbon and hydrogen 
present in the compound get oxidised to carbon dioxide and water, 
respectively. Nitrogen, if present, is liberated as nitrogen gas. A part 
of the nitrogen may get oxidised to the oxides of nitrogen but these 
are reduced back to nitrogen by passing the product of combustion 
over heated copper gauze. 

The product of combustion is collected over a solution of potassium 
hydroxide. Carbon dioxide gets absorbed in this solution. Nitrogen 
does not get absorbed. Therefore, the volume of the gas collected over 
potassium hydroxide solution is equal to the volume of nitrogen set 
free from a known mass of the organic compound. 


CuO compound Reduced 


Fig. 18.12 Dumas’ method for the estimation of nitrogen 
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Method of Calculation Let us Tepresent 
Mass of organic compound taken by m(compound) 
Volume of nitrogen collected by V(N2) 
Temperature at which nitrogen collected by T 
Pressure at which nitrogen collected by P J 

Assuming nitrogen gas to be ideal, we will have A 


p VON) = n(N)AT 


Since 
Amount of nitrogen collected, n(N;) 1 
.. mass of nitrogen collected B 
molar mass of nitrogen 
2m m(N) | 
M(N;) 

we have 
_ mi) ! 
pV(N2) = MNJ RT 


or mN) = BAN MOS) 
Thus, we have 
Per cent of nitrogen in the compound 
Ea m(N;) 
~~ m(compound) 40 
Substituting the expression of m(N;), we get 
Per cent of nitrogen in the compound 


— PVN) MN) , 1 
RT m(compound) A 


Alternatively, we may proceed as follows. 

The collected volume (V) of nitrogen may be reduced to. the STP 
(standard temperature 273.15 K and standard pressure 1 atm, i.e. 
101.325 kPa) conditions by making use of the ideal-gas expression 


PV, _ Povo 
Ti Ty 
i.e. V nh T 


Ti P 
pV yx (73.15 K) : 
Hence (Vus)sre = > (101.325 kPa) 
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Now since one mole of any gas (assumed to be ideal) occupies a vo- 
lume (V,,)sr» of 22414 cm? at STP*. Hence, amount of nitrogen in the 
collected volume, 


CVys)sre (Fne)ste 
nO (Vin)ste (22414 cm? mol!) 


Mass of nitrogen in the collected volume, 
bi daau Pruim 
MNA) = m(Na)M(N2) = (gia em? mor) ^ 
Thus 


Per cent of nitrogen 100 


"m My: x 
~ m(compound) 
(Vz)srp M(N2) So seo OQ 


= (22414 cm? mol!) m(compound) 


Problem 18.2 An organic compound (0.1061 g) was subjected. to 
Dumas’ method for the estimation of nitrogen. It gave 13.4 cm? of 
nitrogen at 290 K and 764 mmHg pressure. Calculate the per cent of 
nitrogen in the compound. 

Mass of organic compound, m(compound) = 0.1061 g 

Volume of nitrogen collected, V(N5) = 13.4 cm? 

Temperature, T = 290 K 

a AE 101.325 x 10^ MPa) 
Pressure, p = 764 mmHg = (764 mmHg) ( sooo mmHg 


= 101.858 x 107 MPa 
Hence, 
Per cent of nitrogen in the compound 


e PVN) MN). T LW 00 
x RT m(compound) 
.. (101.858 x 10-7 MPa) (13.4 cm?) (28 g mol) | 199 
(8.314 MPa cm? K-! mol) (290 K) (0.1061 g) * 
= 14.94 
Alternatively, we may reduce the collected volume of nitrogen to 
the STP conditions. We have 
VARI eae (273.15 K) 
(Vxaste = ^T (760 mmHg) 
(764 mmHg) (13.4 cm?) , (273.15.K) 
n (290 K) 760 mmHg 
= 12.68.cm? 


retis cac) sen Ps 
*For Approximate calculations, 22400 cm* for Vin at STP may be used. 
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Mass of nitrogen in the collected volume, 


SAN UC S e 

PAN) =" aTa cm? mort) ^ M02 
iat (12.68 cm?) E! 
= (2414 cm? mol) 28 8 mol) 
— 0.01585 g 

Per cent of nitrogen in the compound 

o mN 

~~ m(compound) 100 


.. 0.01585 g 
mor eee 


14.94 


I 


Njeldahl's Method 
This method can be carried out more easily than Dumas’ method, 
However, Kjeldahl’s method cannot be used for all types of com- 
pounds containing nitrogen. It works satisfactorily for compounds in 
which nitrogen is directly linked to oxygen, e.g. urea, proteins, etc. 
Kjeldah!’s method of estimation consists of strongly heating a 
known quantity of an organic compound with concentrated sulphuric 
acid in the Presence of a small amount of copper sulphate (Fig. 18.13). 
The nitrogen is quantitatively converted into ammonium sulphate. 


Nitrogen-containing compound -+ H,SO, —-- (NH,),S0,4 


Trap 


Plug 


prong compound Kjeldahlized 
conc; 50, mixture 4- 
CuSO, 


Fig. 18.13 Kjeldahl’s method for the estimation of nitrogen 


The contents of the flask are transferred to another flask and heated 
with excess of sodium hydroxide solution. Ammonia gas is evolved. 


(NH,);SO, + 2NaOH —- Na,SO, + 2H;O + 2NH; 
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Ammonia thus liberated is absorbed in a known volume of solution 
of a standard acid (whose normality is known). The volume of acid 
which neutralizes the evolved ammonia is determined by titrating the 
unreacted acid with a standard solution of an alkali. Thus, the mass 
of ammonia formed can be calculated. 


| 2NH; + H,SO, —- (NH,):80, 
standard 
i acid 


Method of Calculation Let us represent 
Molar mass of nitrogen atoms by M(N) 
Molar mass of ammonia by M(NH;) 
Mass of organic compound taken by m(compound) 
Volume of acid taken to start with by Vica 
Normality of acid taken by Nacia 
Volume of alkali required to neutralise unreacted acid by Vai 


Normality of alkali used for titration by Naati 
Now, amount (in equivalent) of acid taken to start with 


Macia = Vacia Nacia 
Amann (in equivalent) of alkali consumed to neutralise unreacted 
acid, 
Nakai == Vonati Natali 
Amount (in equivalent) of acid neutralized by the liberated ammonia, 
Tleacted acid = "acid 7 Patkali 
= V,aa Nacia — Fanati Nanati 
Obviously, the amount (in equivalent) of NH; liberated, 
n(NH;) = n(reacted acid) = Vacia Nacia — Vatkati Dati 
t Mass of ammonia liberated, 
m(NH;) = n(NH4): M(NH;) 
= (Vasa Nacia — Vanaii Natkati) M(NH;) 
f Mass of nitrogen in the liberated ammonia, 
m(N) = MINED x m(NHs) : 
M(N) (Vasa Nisia ~ Fanai Narai) 


l 
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Per cent of nitrogen in the compound 
= ——* x 100 


— MN) (Vica Nacia— Varai Nata) x 100 
m(compound) 


Problem 18.3 A compound containing nitrogen (0.1560 g) on Kjel- 
dahl's method for nitrogen estimation liberates ammonia which was 
absorbed in 60.25 cm? of 0.1 N H;SO,. The unreacted acid required 
16.50 cm* of 0.1 N NaOH for complete neutralization. Calculate the 
per cent of nitrogen in the compound. 


Mass of organic compound, (compound) = 0.1560 g 
Volume of acid taken, Vi; = 60.25 cm? 
Normality of acid taken, N44 = 0.1 N = 0.1 eq dm? 
= 0.1 x 10? eq cm? 
Volume of alkali required to neutralise remaining acid, 
Vaikai = 16.5 cm? 
Normality of alkali solution used — 0.1 N = 0.1 eq dm? 
= 0.1 x 107 eq cm? 
Substituting the data in the expression 


{MN} (ica Nacia — Vina 


MNaaii) 
m(compound) xerox 100 


` we get 
Per cent of nitrogen in the compound 


= (78 eq) {(60.25 em’) (10 eq cm-5) (16.5 cm?) (10-* eq cm) 
0.1560 g 


x 100 = 39.26 


Estimation of Halogens 


The Carius method is used for the quantitative estimation of halogen 
In an organic compound. A known mass of an organic compound is 


Purification and Characterization of Organic Compounds 653 


heated with fuming nitric acid and silver mitrate in a special tube 

called the Carius tube (Fig. 18.14). This tube is sealed and heated 

strongly in a furnace. The halogen 

present is converted into. silver halide ! 

(AgX). The precipitate of silver halide 3 

formed is separated and weighed. The 

percentage of halogen can be caleulat- 

ed by knowing the mass of silver salt 

formed from a known mass of the 

organic compound. Glass 

Method of Calculation 

Let us represent Organi 
Mass of compound taken by m(com- Come Fuming 

pound) nitric acid 
Mass of AgX formed by m(AgX) AgNO3 
Molar mass of Ag by M(Ag) Fig. 18.14 The Carius method 
Molar mass of AgX by M(AgX) for the estimation of halogen 


M(Ag) 


Mass of Ag in AgX, m(Ag) = M(AgX) m(AgX) 


A i _ ___m(Ag) .— 
Per cent of X in the compound = micompound) x 100 
S me) _m(AgX) y 100 
M(AgX) / m(compound) 
Thus, for the three halogens (Cl, Br, I), the final expressions are _ 
Per cent of Cl in the compound 
Er (a m(AgCl > 100 
= (143.5) m(compound) 
Per cent of Br in the compound 
80 m(AgBr) x 100 
188) m(compound) 
Per cent of I in the compound 


È 127) __mAs) . , 499 
235] m(compound) 


Problem 18.4 On'Carius determination, 0.2870 g of silver chloride 
was obtained from 0.1890 g of an organic compound. Calculate the 
per cent of chlorine. 
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Mass of silver chloride, m(AgCl) = 0.2870 g 
Mass of organic compound, m(compound) = 0.1890 g 
Per cent of chlorine in the compound 
— .M(C) , . m(AgCI) x 100 
~~ M(AgCI) | m(compound) 


_ (85.5 g mol!) (0.2870 g) x:100 
= (143.5 g mol) (0.1890 g) 


= 37.57 


Estimation of Sulphur 


A known mass of the organic compound is heated with fuming nitric 
acid in a Carius tube. The sulphur present in the organic compound 
gets oxidized to sulphuric acid. The sulphuric acid is precipitated as 
barium sulphate by adding excess of a barium chloride solution. The 
precipitate of barium sulphate is filtered, washed, dried and weighed. 


Method of Calculation 
Let us represent 
Mass of the compound taken by m(compound) 
Mass of BaSO, obtained by m(BaSO,) 
Molar mass of BaSO, by M(BaSO,) 
Molar mass of S atoms by M(S) 
i Now 1 mol of BaSO, contains 1 mol of sulphur. Hence 


Mass of S in BaSO,, m(S) = MES x m(BaSO,) 
aSO, 


P 5 b TA m(S) 
er cent of S in the compound m(compound) x 100 
= MS) _ _m(BaSO,) 


~ M(BaSO,) "m(compound) * eg 
d. m(BaSO,) 100} 


233 m(compound) 


il 


Estimation of Phosphorus 


A known mass of an organic compound is strongly heated with fum- 
ing nitric acid in a Carius tube. The phosphorus present in the orga- 
nic compound is oxidized to phosphoric acid (H;PO,). The acid is 
treated with magnesia mixture (which is a mixture of magnesium 
chloride, ammonium chloride and ammonium hydroxide). A precipi- 
tate of magnesium ammonium phosphate (MgNH,FO,) is formed 


io “Svea, 
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which on ignition (that is strong heating) gives magnesium pyrophos- 
phate (Mg;P5O;). 

Method of Calculation 
Let us represent 
Molar mass of Mg;P,0; by M(Mg;P;0;) 
Molar mass of P by M(P) 
Mass of the compound taken by m(compound) 
Mass of Mg,P,0, obtained by m(Mg;P,0;) 
Since 1 mol of Mg;P;O; contains 2 mol of P, we will have 
Mass of phosphorus in the pyrophosphate 
2M(P) 


mP) = y Mg;p,0;) 


x m(Mg;P;O;) 


Hence, 
Per cent of phosphorus in the compound 
nico ta 
m(compound) 
big 2M(P) 4 m(Mg,P,0;) 
~~ M(Mg;P;O; ^ m(compound) 
_ 62 „ _m(Mg,P;0,) 
~ 222 ^ m(compound) 


x 100 


x 100 


x 100 


18.4 DETERMINATION OF MOLAR MASS 


The molar mass of a compound is the mass of one mole of its 
molecules as compared to the mass of one mol of atoms of carbon-12 
(C isotope) taken as 12.0000 g. The molar mass can be calculated 
by adding the molar masses of all the atoms present in a molecule. 


Problem 18.5 Calculate the molar mass of ethane (CH6). 
| Molar mass of ethane C,H, 
| = 2 (molar mass of C) + 6 (molar mass of hydrogen) 
= (2 x 12 g mol!) + (6 x 1 g mol`!) 
= (24 + 6) g mol-! = 30 g mol"! 
The molar mass of ethane is 30 g mol~. 
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Problem 18.6 Calculate the molar mass of ethyl alcohol (C;H :OH). 
Molecular formula of ethyl alcohol is C;H4O. 
Molar mass of ethyl alcohol 
= {(2 x 12) x (6 x 1) + (1 x 16)) g mol 
= (24 + 6 + 16) g mol"! 
= 46 g mol"! | 


The molar mass of a compound can be determined by physical 
methods, such as the Victor Meyer Method, depression in freezing 
point, elevation in boiling point, etc. and chemical methods, such as 
the silver salt method, chloroplatinic method and volumetric method 
(Table 18.2). It is necessary to know the molar mass ofa compound 
in order to calculate the molecular formula ofthe compound from the 
percentage compositions of the elements present in the compound. 


Table 18.2 Different methods of determination of molar mass 


Method Name of ` Generally used for determination 
s method i> oj molar mass of 
Victor Meyer physical low boiling liquids, i.e. volatile liquids 
Depression in freezing physical ^ inorganic salts, or easily soluble orga- 
point nic compounds 
Elevation in boiling physical inorganic salts or easily soluble com- 
point pounds 
Silver salt method chemical carboxylic acid which forms insoluble 
silver salt 
Chloroplatinic acid Chemical ^ organic bases which form insoluble 
method salt with chloroplatinic acid 
Volumetric method chemical ^ organic acids and organic bases 
Victor Meyer's Method 


Victor Meyer's method isa useful method for the determination of 
molar mass of volatile liquids. A known mass of an organic compound 
is converted into its vapour which, in turn, displaces an equal volume 


-of air from the apparatus (Fig. 18.15). The displaced air is collected 
over water. 


Method of Calculation 
Let us represent 
Mass of substance taken by m(substance) 
Volume of air displaced by vapours of substance by V 
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Temperature of air collected by T 

Atmospheric pressure (= Pressure of air collected) by p 

Assuming ideal behaviour, we will have pV — nRT 
Since n — m/M, we will have 


m(substance) T 

M(substance) 

m(substance) RT 
pV 


Alternatively, we may proceed as follows. 


diss 


or M(substance) — 


Organic 
compound 


Copper 
jacket 


Fig. 18.15 Victor Meyer’s method for 
determination of molar mass 


The collected volume of air (which is equal to the volume of vapour 
formed) may be reduced to STP conditions by making use of the ideal- 
gas expression: 


Zi Pale 

T, T, 
AY: T, 

ie. y,-U——- 
: T, p 


Veg = PY QT3.15 K) 
sre T (101.325 kPa) 
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Now since one mole of any gas (assumed to be ideal) occupies a 
volume (V,,)srp of 22414 cm? at STP, we have 
Amount cf vapour formed, 


Vsre T Vsrp 
(Vaste (22414 cm? mol") 


n(compound) = 


Mass of vapour formed, 
m(compound) = n(compound) : M(compound) 
_— Vsre M(compound) 
~~ (22414 cm? mol!) 
Thus 
(22414 cm? mol!) m(compound) 


M(conipound) — y. 
STP 


Problem 18.7 A volatile liquid (0.146 g) displaced 30.5 cm? of air at 
295 K and 735 mmHg pressure. Calculate the molar mass of the sub- 
stance. 


We have 


Volume of vapour formed (or air displaced), V = 30.5 cm’ 
Temperature of air, T — 295 K 
Pressure of air, p — 735 mmHg 


ees (2 mmHg 
== 97.99 x 10? MPa 
Mass of compound taken, m(compound) = 0.146 g 
Substituting these data in the expression 


m(compound) RT 
pV 


101.325 x 10^? MPa) 


M(substance) = 
we get 


(0.146 g) (8.314 MPa cm? K~” mol~!) (295 K) 
M(substance) (97.99 x 10-3 MPa) (30.5 cm?) 

= 119.8 g mol-! 
Alternatively, we may reduce the volume collected to the STP condi- 
tions. We have 


y... PY (273.15 K) 
SIT T (760 mmHg) 


__ (735 mmHg) (30.5 em’) (273.15 K) 
(295 K) (760 mmHg) 


— 27.31 cm? 


Ts) aids 
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Now, we have 


(22414 cm? mol!) m(compound) 
STP 

__ (22414 cm? mol-!) (0.146 g) 

y 27.31 cm? 


= 119.8 g mol 


M(compound) = 


Molar Mass by Elevation of Boiling Point or Depression 
in Freezing Point 


Molar mass of nonvolatile compounds can be determined by physical 
methods like depression in freezing point or the elevation in boiling 
point of a solvent. Such methods depend upon the colligative proper- 
ties of the solute. More details of these properties shall be discussed 
in class XII. 


Volumetric Method for Acids of Bases 


A known mass of the organic acid is dissolved in water or alcohol and 
the solution of the acid is titrated against a standard solution of 
alkali. By knowing the volume of the alkali solution used to neutralize 
the acid, one can calculate the molar mass of acid as shown below. 


Let us represent 

Molar mass of the acid by Mj cia 

Equivalent mass of the acid by M. 

Basicity of acid by z 

Mass of the acid taken by ra 

Volume of alkali consumed by Vii 

Normality of alkali by Naat 

Amount (in equivalent) of alkali in the volume of alkali consumed, 
Tea = Vaikai Nati 


Amount (in equivalent) of the given acid will be equal to eq and 
will also be given as 


Macia 
Ng = Y 
eq Me 
Hence, 
Macia = V, N. 
= Vatkali "Yalkali 
Ma 
m, 
Or Ma PSEA SENSU 


TARAR 


\ 
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Now the basicity of acid is given by the expression 


Maa 
z= ee 
M. 
or Macia = 2 M4 
Hence, 
Mia ZA (2) (Macia) 


Vanai Natkati 
In case of an organic base, the expression will be 


L (Z) (mas) 
Mose = Vicia Ns 


Problem 18.8 A monoacid organic base (0.0915 g) requires 15 cm’ 
or US HCI for complete neutralisation. Calculate the molar mass 
of the base. 


We have 
Mase = 0.0915 g 
Vicia = 15 cm? 


Nau = 35 eq dm = 0.05 eq (10 cm)? 


— 0.05 x 10? eq cm? 
z = | eq mor! 
Substituting the above data in the expression 
(2) (Moase) 
M= base. 
Vacia Nacia 
we get 


M — — (1 eq mol) (0.0915 g) 
(15 cm?) (0.05 x 10? eq cm?) 


= 122g mol"! 


18.5 EMPIRICAL FORMULA 


The empirical formula represents the simplest whole number ratio of 
the s of different elements present ina molecule of the com- 
pound, 
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The following steps are followed to calculate the empirical formula 
ofa compound provided the percentage compositions of elements pre- 
Sent in it are known. 

1, Take the mass of each element equal to its mass percentage and 
divide this by the corresponding molar mass of the element. This gives 
the relative amounts of elements present in the compound. 

2. Divide the amounts of elements by the smallest amount to give 
the simple relative ratio of atoms present in the compound. 


3. Multiply all the simple ratios by a suitable number to geta 
whole number ratio for each element. 


Problem 18.9 An organic compound contains 90 mass % carbon and 
10 mass % hydrogen. Calculate the empirical formula of the com- 
pound. 


Mass per cent of oxygen — 100 — (90 4- 10) — 0 


Element Per Mass of Amount Simple relative Relative 
and cent element ofatom X ratio of atoms whole 
molar taken number of 
mass ratio of 
atoms 
c 90g 7.5mol . 
(12: mor): 9955059085 0px morts 07:861 T f 
= 7.5 mol 
H 10 g 10 mol _ 
(gmor» 1 108. em on Ao a 
= 10 mol 


Hence the empirical formula is CH4. 


Problem 18.10 An organic acid has 68.86 mass % carbon and 4.95 
mass % hydrogen. Calculate the empirical formula of the compound. 


Mass percentage of oxygen = 100.00 — (68.86 + 4.95) 
= 26.19 
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Element Per | Mass of Amount Simple relative Relative 


and cent — element ofatom ratio of atoms whole 
molar taken number of 
mass ratio of 
atoms 
c 68.86 g 5.74mol . 
(12 g mol!) 68.86 68.86 g 12 g mol— 1.604mol  " ? 
= 5.74 mol 
H 4.95 g 4.95 mol _ 
(1 g mol) 495 495g 1gmol-? T64mot ^ 20° 6 
8 
= 4.95 mol 
o 26.19 g 1.64 mol _ > 
(16 g mol~) 26.19 126.19 g 16 g mol-! keam ^ 1:00 "s 


= 1.64 mol 


The empirical formula of the compound is C;H,O;. 


Problem 18.11 An organic compound contains carbon 58.53 mass % 
and hydrogen 4.06 mass %. On Dumas method, 0.246 g of the com- 
pound gave 22.4 cm? of nitrogen gas at STP. Calculate the empirical 
formula of the compound. 


Molar volume of nitrogen at STP — 22.414 dm? mol"! 
Amount of nitrogen in the given volume of. nitrogen, 


22.414 x 107 dm? 


nN) = "99 414 dm? mor 


= 107% mol 


Mass of nitrogen in the given volume of nitrogen, 
m(N) = n(N;) M(N;) = (10? mol) (28 g mol!) 
= 28 x 102g 
Per cent of nitrogen in the given compound 
m(N) 
m(compound) 
_ 28 x 10? g 
|. 02468 
Per cent of oxygen in the given compound 
= 100 — (11.38 + 58.53 + 4.06) 
26.03 


To calculate the empirical formula, we proceed as follows. 


x 100 


x 100 = 11.38 
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Element Per Mass of Amount Simple relative Relative 
and cent element of atom ratio of atoms whole 
molar taken number of 
mass ratio of 
atoms 
c 58.53 g 4,88 mol . 
(25mor: 395539 58538 T2gmo Osimo — °° 3 
= 4.88 mol 
H 4.06 g 4.06 mol . 
(gmor-) 406 4068 TEmo . Ogi mol ^ ^? 2 
= 4.06 mol 
N a 11.38 g 0.81 mol _ 
G4gmo) 11998 11388 — 15559 0.81 mol TD } 
= 0.81 mol 
o 26.03 g 1.63 mol _ 
(6gmoi- 2699 26038 Teg mori Osim”. z 
= 1.63 mol 


Empirical formula is C;H5NO»;. 


18.6 MOLECULAR FORMULA 


The molecular formula represents the actual number of atoms of each 
element present in a molecule of the compound. The molecular for- 
mula is either the same as the empirical formula or a simple multiple 
of the empirical formula, i.e. 


Molecular formular = (Empirical formula), 
where n = 1, 2, 3, 4, etc. 
The value of nis calculated by finding out the molar empirical 
formula mass and molar mass of the compound by the following steps: 
1. The molar empirical formula mass is calculated by adding up the 
molar masses of all the atoms as indicated by the empirical formula. 


2. The molar mass is divided by the molar empirical formula mass 
and quotient is rounded off to the nearest whole number. 


Problem 18.12 On combustion, 0.152 g of an organic compound 
gave 0.304 g of carbon dioxide and 0.124 g of water. The molar mass 
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of the compound is 88 g mol '. Calculate the molecular formula of 


the compound. 


MO . mCO) ^, 49 


Per cent of carbon — M(CO,  m(compou nd) 


12\ (0.304 
T s) m m) (100) 
= 54.55 
Per cent of hydrogen 


2M(H) , | m(H;O) 
= M(H;0) m(compound) X100 


= (is) (63152) 0% 


= 9.06 
Per cent of oxygen = 100.00 — (54.55 + 9.06) 
= 36.39 
Element Per | Mass of Amount Simple relative Relative 
and cent element ofatom ratio of atoms whole 
molar taken number of 
mass ratio of 
atoms 
Cc 54.55 g 4.55 mol 
(12 g mol“) bub EHES 12 g mol-! 2.27 mol m 2 
= 4.55 mol 
H 9.06 g 9.06 mol 
gmo 906 9.068 Teo ^ 25 7mo| ^ : 
= 9.06 mol 
o 36.39 g 2.27 mol 
(16gmor:) 3639 36398 Tegmo — 227mo ^ 1 
= 2,27 mol 


The empirical formula is C,H,O. 


Empirical formula mass per mole 
= {(2 x 12) + (4 x 1I)+ (1 x 19) g mol 
= 44 g mol! 


Molar mass = 88 g mol"! 
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Now £ 
z 88gmol! | 
44 g mol" 
Molecular formula — z x (empirical formula) 
= 2 (C;H40) 
= C,H;0; 


Hence, the molecular formula is C;H,O;. 


Problem 18.13 A compound has a molar mass of 147 g mol~'. It 
contains carbon 49.0 mass % and hydrogen 2.72 mass %. On Carius 
determination of chlorine, 2.561 mg of the compound gave 5.00 mg of 
silver chloride. Find the molecular formula of the compound. 


We have 
Mass of silver chloride, m(AgCl) = 5.00 mg 
Mass of organic compound, m(compound) — 2.561 mg 
Mass per cent of chlorine 
— MC) m(AgCl) x 100 
M(AgCI) m(compound) 
.. (35.5 g mol") (5.00 mg) x 100 


~~ (143.5 g mol!) (2.561 mg) 
= 48.31 
Calculations for empirical formula are as follows. 


Symbol Per Mass of Amount Simple relative Relative 


cent element ofatom ratio of atoms whole 
taken number of 
ratio of 
atoms 
49.0 4,09 mol 
c 49.0 — 490g Drm Iamo = 29 3 
= 4.09 mol 
H 2722 2728 (EE, 2.72 mel _ 2.0 E 
= 2.72 mol 
a 48.31  483lg EIL Lymo = 1.0 1 
= 1.37 mol zm 


Empirical formula is C4H;CI. 
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Empirical formula mass per mole 
= {3 x 12) + Q x 1) + 35.5} g mo 
= 73.5 g mol 


rt 


Now, 


_ M7gmol! _ 4 
~ 73.5 g mol 


Molecular formula = 2 (C4H;Cl) 
= CgH4Ch 


Zz 


Problem 18.14 0.1 g of an organic monobasic acid on complete com- 
bustion gave 0.2545 g of CO; and 0.04428 g of H,O. For complete 
neutralisation 0.122 g of. the acid required 10 cm? of 0.1 N alkali. 
Calculate the molecular formula of the acid. 


Since 


— (2) (Macia) 
M Vase Nose 


EM ort S (0.122 g) Re d 

(oem) @1 x I0-eqem) — 122 8 4 

Thus molar mass = z x equivalent mass = 122 g mol! 
Percentage of carbon 


EMO m(CO;) 
^7 M(CO) manlibuund) A00 


12 X 0.2545 

44 0.1 
= 69.40 

Percentage of hydrogen 


2M) | mO) 
M(H,0) ` m(compound) 


x 100 


x 100 


2 0.04428 
= ig * game 
= 492 


Percentage of oxygen = 100 — (69.4 + 4.92) 
= 25.68 
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Calculation of empirical formula. 


Symbol Per Mass of Amount Simple relative Relative 


cent element of atom ratio of atoms whole 
taken number 
of ratio 
of atoms 
c 69.40 7 
H 4.92 6 
[9] 25.62 25.62 g -a = 1.0 2 


16gmol 1.6 mol 
= 1.6 mol 


Empirical formula is C;H4O;. 
Empirical formula mass per mol 

= ((7 x 12) + (6 x 1) + Q x 16) g mol" 
= 122 g mol" 

_Molar mass A 
~~ Empirical formula mass 
122g mol! — 1 
122g mol m 


Molecular formula — z (empirical formula) 
= C4H40; 


18.7 MODERN METHODS OF STRUCTURE ELUCIDATION 


A few decades ago, structure of organic compounds was determined 
mainly by chemical methods. It consisted of breaking down a com- 
pound into smaller molecules and identifying them. Moreover, the 
compound was converted into derivatives by reaction with several re- 
agents. Analysis of derivatives also gave some clues about the struc- 
ture of a compound. 

However, with the advancement of physical methods like mass 
spectrography, infra-red (IR) spectroscopy, ultra violet (UV) spectro- 
Scopy, nuclear magnetic resonance (NMR) spectroscopy, X-ray spec- 
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troscopy, etc. structure elucidation has become less: time consuming 
and simpler than what it was a few decades ago. Moreover, a much 
smaller amount of organic compound is needed for structure elucida- 
tion. 


EXERCISES 


1. Explain the following techniques for the purification ofan organic com- 
pound: 
(a) Crystallization, (b) Sublimation, (c) Distillation under reduced pres- 
sure and (d) Steam distillation. 

2. Explain the technique of column chromatography for the purification. of 
compounds. 

3. How are the following elements detected in organic compounds? Write 

equations of the reactions involved in the methods of detection. 

(a) carbon, (b) hydrogen, (c) nitrogen, and (b) sulphur. 

Explain the principles involved in the quantitative estimation of 

(a) nitrogen by Dumas' method, 

(b) nitrogen by Kjeldahl's method, and 

(c) halogens by the Carius method. 

5. How are carbon and hydrogen quantitatively estimated? 

6. What is molar mass of a compound? How is molar mass determined 
using (a) Victor Meyer’s method, and (b) volumetric method? 

7. What is empirical formula and how is it different from the molecular 
formula of a compound? 


4. 


Numerical Problems 


1. Calculate the empirical formula of compounds having mass percentage 
compositions as follows: 
(a) carbon 40% and hydrogen 6.66%; (b) carbon 80% and hydrogen 
20%; (c) carbon 38.71%, hydrogen 9.68% and sulphur 51.61%; and (d 
carbon 79.1%, hydrogen 5.50%, and nitrogen 15.4%. 
(Ans. (a) CH:0, (b) CHa, (c) C2HS, (d) CoHsN) 
2. An organic compound weighing 0.3960 g on combustion gave 0.7920 g 
carbon dioxide and 0.3240 g water. The molar mass ofthe compound is 
44 g mol". Calculate the molecular formula of the compound. 
(Ans. C3H4O) 
3. A compound (0.2440 g) containing sulphur when oxidized by the Carius 
method gave 0.9336 g of barium sulphate. Calculate the percentage of 
sulphur. 
(Ans. 52.46%) 
4. On combustion, a sample of an organic compound (0.295 g) gave 0.444 g 
of carbon dioxide, 0.2250 g water and 56 cm? of nitrogen at STP. The 
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molar mass of the compound is 57 g mol". Calculate the molecular for- 
mula of the compound, 
(Ans... CH;NO) 


. An organic compound (0.45 g) containing carbon, hydrogen and nitro- 


gen on combustion gave 1.1 g of carbon dioxide and 0.3 g water. What 
is the empirical formula of the compound? 
(Ans. C4HaN) 
An organic compound (molar mass 78 g mol!) has! 92.3 per cent carbon 
and 7.7% hydrogen by mass. Calculate the empirical and molecular for- 
mulae of the compound, 
(Ans. CH, C,H;) 
An organic compound contains 20.0 mass% carbon and 6.66 mass% 
hydrogen. The same compound weighing 0.778 g was subjected to Kjel- 
dahl's method. The ammonia evolved was absorbed in 100 cm* of 1 N 
HCI. The excess of acid required 73.7 cm? of 1 N KOH for complete neu- 
tralization of the acid. The molar mass of the compound is 60 g mol-!, 
Calculate the molecular formula of the compound. 
(Ans, CHiN,O) 


Multiple-Choice Questions 


Tick (v) the correct choice. 


I 


Sugar is purified by 


(a) filtration (b) sublimation 
(c) crystallization. (d) distillation 
. Filtration is used to separate a solid compound from a mixture of 
(a) solids (b) liquids 
(c) suspended solids (d) dissolved solids 
. Sugar is decolorised by 
(a) coal (b) carbon black 
(c) charcoal (d) coke 
- A solid which is soluble in a solvent can be recoverd from its solution by. 
a process of 
(a) sublimation (b) filtration 
(c) crystallization (d) evaporation 
- Two substances whose solubility is slightly different can be Separated by 
(a) distillation (b) fractional distillation 
(c) crystallization (d) fractional crystallization 
. Chromatography is used for the purification of 
(a) gases (b) liquids 
(c) solids (d) all the above 


- A mixture of two immiscible liquids can be separated by 


(a) distillation (b) fractional distillation 
(c) Separating funnel (d) crystallization, 
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8. Essential oils can be isolated by 
(a) crystallization (b) steam distillation 
(c) sublimation (d) distillation 
9. A mixture of miscible liquids can be separated by 
(a) separating funnel (b) sublimation 
(c) distillation (d) crystallisation 


10, Fractional distillation is used for purification of liquids when there is a 


(a) large difference in the boiling points of liquids 
(b) small difference in the melting points 

(c) no difference in their boiling points 

(d) small difference in their boiling points. 


11. Liebig method is used for the estimation of 


(a) carbon (b) hydrogen 

(c) carbon and hydrogen (d) nitrogen 
12. Dumas' method is used for the estimation of 

(a) carbon (b) hydrogen 

(c) sulphur (d) nitrogen 
13. The Carius method is used for the estimation of 

(a) nitrogen (b) carbon 

(c) hydrogen (d) halogens 


14. Molar mass of volatile compounds can be determined by 


(a) volumetric method (b) Victor Meyer's method 
(c) depression in freezing point (d) elevation in boiling point 


15. Molar mass and vapour density are related to each other as, molar mass 
is equal to 
(a) half of vapour density 
(b) vapour density 
(c) three times vapour density 
(d) twice vapour density. 


16. Empirical formula of a compound tells 


(a) exact number of atoms present in its molecule 

(b) the relative number of atoms of various elements present in the 
molecule 

(c) molecular mass of the compound 

(d) vapour density of the compound. 


17. Molecular formula of the compound tells 
* (a) relative number of atoms of various atoms 
(b) exact number of atoms of various elements 
(c) the structural formula of the compound 
(d) functional group of the compound. 
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18. Molar mass divided by empirical formula mass is 


(b) 2 
(d) always a whole number 


(a) 1 
©3 


19. Molar mass of a hydrocarbon is 28 g mol-*, Its empirical formula is 
CH2. Its molecular formula is 
(a) CH» (b) C:H4 
(c) C:Hs (d) CH. 
20. A compound has empirical formula CH. Its molar mass is 78 g mol~t. Its 
molecular formula is 
(a) CoH: (b) CaHe , 
(c) CiHs (d) C: Hs 
Answers (Multiple-Choice Questions) 
1. (c) 2. (b) 3. (c) 4. (d) 5. (d) 
6. (d) 7. (c) 8. (b) 9. (c) 10. (d) 
11. (b) 12. (d) 13. (d) 14. (b) 15. (d) ` 
16. (b) 17. (b) 18. (d) 19. (b) 20. (d) 


19 


The Molecules of Life 


Objectives The Functions and Importance of a Cell O The Basic Chemical in a 
Cell O The Storage of Energy, Photosynthesis, and Carbohydrates O Impor- 
tance of Classification of Proteins, Primary, Secondary and Tertiary Structures. 
Relationship between Structure and Properties of Proteins O Importance of 
Enzymes © Nucleic Acids and their Importance © Viruses and Diseases, 
Defence Mechanisms © Constituents of Cell Membrane. 


A living system is a like a chemical factory. It can synthesize efficient- 
ly and precisely a great variety of complicated products, And all this 
is done in the basic unit of life—the cell. Ina cell an assembly line 
technique is used. In this the metabolic processes of the cell assemble 
the appropriate molecules, under the right conditions, in right concen- 
tration at the right time to perform the functions of the cell. 


The common feature of all living beings is that they ingest food. 
They use raw materials to build their own structure. In these processes 
they transform and convert chemicals into energy for their use. Some 
energy is also stored up for future use. 

Many of the life processes are common to all forms of life it may be 
of microbe, man or plant. Green plants can synthesize their own food 
by photosynthesis and can utilize relatively simple small molecules like 
CO; and H;O to produce carbohydrates and also simple nitrogen com- 
pounds are turned into complex proteins. However, animals use com- 
plicated molecules like carbohydrate, fats, and proteins as food and 
synthesize other compounds needed by them by first breaking down 
food into simple units and again rebuilding the nececessary com- 
pounds. Some molecules are broken down for the energy requirement. 
In almost every biochemical change, biological catalysts—the enzyme, 
play on the role of a catalyst. 

Cells have another remarkable feature, that is cell division. One cell 
divides to produce two identical cells which are the same as the parent 
cell. This is possible as the cell contains some molecules in which in- 
formation regarding reproduction is stored up so as to produce identi- 
cal cells on division. Nucleus of each cell contains nucleic acids which 
store and transmit hereditary information to the daughter cell. These 
also control and instruct the synthesis of proteins. 


— 
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Viruses are on the border line between living and non-living beings. 
These are also related to nucleic acids. m 


19.1 THE CELL 


All living beings have cells. The cell is the smallest unit of life. These 
are very small and are not visible to a naked eye. Nearly 300 years 
ago cells were first seen soon after the discovery of microscope. Cells 
are the packages of various chemicals which are needed for life-pro- 


cesses. These are enclosed in a sac of thin membrane which is known 
as a cell membrane. 


Extracellular 
matrix 


_Mitochondria 
Plasma membrane 


Endoplasmic 
reticulum 


Golgi apparatus 


Fig. 19.1 The cell 


A cell has various parts like the boundary wall, the cell plasma 
membrane which separates the extra nuclear matrix and the cytoplasm 
(the fluid part) of the cell. There is golgi apparatus which is attached 
to the cell membrane. These are flat sac-like structures and are packed 
with macromolecules for secretion and delivery to the other organ- 
elles. The endoplasmic reticulum present in eukaryote cells have on its 
outer surface ribosomes which are engaged in synthesis of proteins. 
The nucleus contains DNA packed with histone, proteins. Mitochon- 
dria are the power plants of all eukaryotic cells. These harness energy 
from food to make ATP. The lysomes contain hydrolytic enzymes 
which are involved in inter-cellular digestion. 


A living cell is able to perform remarkable functions with the help 
of compounds of very few elements like carbon, hydrogen, nitrogen, 
oxygen, phosphorus and sulphur. The compounds of these six elements 
make up more than 99% of the total mass of the cell (Table 19.1). The 
compounds of carbon are of two types. Some are small molecules having 
molecular mass between 100 to 1000 amu containing up to 30 carbon 
atoms, Such compounds are present in the free solution part of the 
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cytoplasm. These form the fluid pool of the cell. The other type of 
carbon compounds are the macromolecules, having very high mole- 
cular mass. 


Table 19.1 Approximate chemical composition of a bacterial 
cell (volume=2 x 10-? cm?) 


Name Percentage of the 
cell weight 
Water 70 
Proteins 15 
Nucleic acids 
RNA 6 
DNA 1 
Polysaccharides 2 
Phospholipides 2 
Inorganic ions (like Nat, K+, Ca** 1 
Mg**, Cl-, etc.) 
Others 3 


The important macromolecules present in a cell are carbohydrates, 
proteins, and nucleic acids. Carbohydrates and proteins are the sources 
of energy. Carbohydrates in the form of cellulose form the structural 
material of plants, while proteins form the structural material of ani- 
mals, in addition to several other functions which these have. 


19.2 CARBOHYDRATES 


Carbohydrates are the compounds of C, H and O. These occur in na- 
ture in plants. These may be considered as the hydrates of carbon with 
the general formula, C.(H;O), (where x and y are the whole num- 
bers). This class include a variety of compounds ranging from low 
molecular compounds like glucose, fructose, etc., to high molecular 
polymers like starch and cellulose. 


When the number of carbon atoms in simple carbohydrates is bet- 
ween 3 and 7, the simple carbohydrates are sugars or monosacchari- 
des. A monosaccharide with 3-carbon atoms is called a triose: one 
with 4 carbons is called a tetrose; with 5 carbons, a pentose; with 6 
carbons, a hexose and with 7 carbons, a heptose (Table 19.2). A 
monosaccharide is a carbohydrate which cannot be broken down to 
any other simpler carbohydrate. 
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Table 19.2 Some monosaccharides 


Class Molecular formula Number of Examples 
carbons 

Triose C;H40s 3 Glycerose 

Tetrose CHO: 4 Erythrose 

Pentose CsH10s 5 Ribose 

Hexose CiH1,06 6 Glucose 


Chemically, a carbohydrate is either a polyhydroxy aldehyde (e.g. 
glucose), a polyhydroxy ketone (e.g. fructose), or a substance which 
on hydrolysis yields at least one of these polyhydroxy compounds. 
The aldehydic sugars are collectively referred to as aldoses and the 
ketonic sugars, ketoses. 

The name aldose or ketose may be coupled with the terms indicat- 
ing the number of carbon atoms in the monosaccharide molecule, 
Thus, glucose which contains 6-carbon atoms (i.e. hexose) and an 
aldehyde group (i.e. aldose) is called an aldohexose. Similarly, fruc- 
tose acquires the name ketohexose because it contains a ketone group 
and six carbons. 

Though the carbohydrates may be represented as open-chain com- 
pounds (as shown below), there is sufficient evidence to support the 
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D-Glucose (a polyhydroxy D-Fructose (a polyhydroxy ketone, 
aldehyde, that is aldohexose) that is ketohexose) 


view that they exist in the less active but more common form of a 
closed ring or cyclic structure. In the body, there is an equilibrium 
between two forms. The cyclic structures of glucose and fructose are 
represented as: 
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Glucose, fructose and galactose are the three most important mono- 
saccharides which make up the bulk of carbohydrates, All the mono- 
saccharides are soluble in water, char on heating and do not get 
hydrolyzed. They possess a sweet taste, All monosaccharides do not 
have same degree of sweetness. If sucrose (cane sugar) is rated as 100, 
then the values for relative sweetness of some common sugars like 
lactose, maltose, glucose, invert sugar and fructose are 16, 33, 74, 130 
and 173 respectively. 

. Ribose is an aldopentose sugar. It has five carbon atoms. It has an 
cox group in the molecule. It is present in RNA (ribonucleic 
aci 
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Glucose is an aldohexose sugar, it is also known as grape sugar. It 
occurs in plants and animals. It is present in fruits and saps of plants. 
In animals it is present in blood and tissues. It is the intermediate 
source of energy for the processes of the body which needs energy 
(such as muscle movement, macromolecule synthesis, repair of tissues, 
etc.). Blood of an average adult contains about 5 grams of glucose. 
While urine contains only traces of glucose. The level of glucose in 
diabetes patients in urine increases. 


2 Fructose is a ketohexose sugar. It is a monosaccharide. It is present 
in honey and fruit juices, In the combined form it is present in sucrose 
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(canesugar). In liver and intestines fructose can be converted into 
glucose and hence used in the body. It is the sweetest of all monosac- 
charides, 


Disaccharides 


When two identical or different monosaccharides join together by 
elimination of a water molecule, a new carbohydrate called a disac- 
charide is obtained. For example, two glucose molecules form the 
disaccharide maltose. Similarly, the disaccharide sucrose is obtained by 
the combination of glucose and fructose, and the disaccharide lactose 
results when glucose combines with galactose. 


—HiO 

glucose -++ fructose —- sucrose 
—H,0 

glucose 4- glucose —» maltose 
—H,0 

glucose -+ galactose ——— lactose 


Disaccharides on being hydrolyzed give back the component mono- 
saccharides. For instance, in the small intestine enzymes hydrolyze 
sucrose to glucose and fructose which are then absorbed into the 
bloodstream, Sucrose can also be hydrolyzed by boiling water under 
mild acidic conditions. 

+H:O 
sucrose —-—— glucose -+ fructose 


The equimolar mixture of glucose and fructose is known as invert 
sugar. Honey is a rich source of invert sugar. 


Sucrose a disaccharide 


Lactose is a disaccharide which is present in milk. It is also known 
as milk sugar. It is present in human milk (about 7%) and in cow’s 
milk (about 5%). On hydrolysis it gives one molecule of glucose and 
one molecule of galactose. 


CH) OH CHOH 
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Lactose a disaccharide 
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Maltose is also known as malt sugar. On hydrolysis it gives two 
molecules of glucose. Thus it is a dimer of glucose. Maltose is a disac- 
charide sugar. 


H OH H OH 
Maltose a disaccharide 


Polysaccharides 


When more than two monosaccharides join together, polysaccharides 
(i.e. polymers of simple sugars) are obtained. The most important 
polysaccharides. viz. starch, cellulose and glycogen, are the polymers 
of the monosaccharide glucose. 

Starch is the most important polysaccharide from the nutritional 
point of view. On digestion in the human body, it yieids a large num- 
ber of glucose molecules. Therefore, it is used as food by man. Many 
plants including potatoes, rice and corn contain a large amount of 
starch. Starch is a polymer of glucose. In this several thousand mole- 
cules of glucose are linked to form a branched polymer. 


—(glucose—glucose—glucose),— 
glucose. 
—(—glucose—glucose—glucose—glucose),— 


glucose 
A molecule of starch 


_ Glycogen polysaccharide, often called animal starch, exists in the 
liver and muscles of animals. The molecule is very large and exten- 
sively branched. Its relative molecular mass may exceed 3 million. 
Whenever needed, it is released from liver for use by the body. Thus, 
glycogen is is the reserve carbohydrate in the body. 

Cellulose is the most abundant amongst carbohydrates. Its purest 
natural form is cotton which consists of 95% cellulose. The polysac- 
charide is also abundant in wood, hemp, flax, linen and paper. Chemi- 
cally, it is made of unbranched chains containing 1800-3000 glucose 
units. Humans do not have the enzyme which helps breakdown cellu- 
lose to glucose. Therefore, it cannot serve as food for humans. 


—f(glucose—glucose—glucose—glucose),— 
A molecule of cellulose 
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Photosynthesis 

One of the most important reactions that occur in nature is the pho- 
tosynthesis of carbohydrates by plants (Fig. 19.2), Simple inorganic 
substances, carbon dioxide and water, react together in the presence 
of sunlight and green colouring matter (chlorophyll) of the plant and 
produce sugars. By this process some energy of the sun is stored and 
used by living organisms. Moreover, the oxygen supply of the atmos- 
phere is also replenished. 


Fig. 19.2 Photosynthesis of carbohydrates 


Carbohydrates act as bio-fuels to provide most of the energy requir- 
ed for life (in plants and animals), Thus sunlight gets stored in carbo- 
hydrates. Later, these carbohydrates release energy on combustion or 
by enzymetic oxidation during biochemical reactions. They also form 
structural components of various cells. 


19.3 PROTEINS 


Proteins are complex nitrogenous compounds and are the structural 
units of animal tissues, just as cellulose is the constituent of plant cells. 
They also occur in all plants especially in seeds. They are present in 
various tissues and also form structural components of certain other 
tissues. Proteins carry on several different functions (Table 19.3). 


Table 19.3 Some important proteins and their functions 
RE ee TW TAEA TS EAT AAR. PRT EVP 


Type of function Protein 
Catalysts Enzymes 
Storage of oxygen Myoglobin 
Motion Myosin, Actin 
Transport of oxygen Haemoglobin 
Information transmission Insulin, 
Glucagon 
Structural | Collagen, 


Keratin 
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Protiens form an essential part of our diet and are vital for the 
maintenance and growth of life. The name protein is derived from the 
Greek word proteios meaning first or primary, i.e. compounds of pri- 
mary importance. 

Proteins are made up of the elements carbon, hydrogen, nitrogen, 
oxygen and sometimes sulphur and phosphorus. Animals derive pro- 
teins from plants. The latter, of course, build their proteins from car- 
bon dioxide, water, soil, minerals (ammonium salts and nitrates) and 
sunlight. 

During digestion by animals the plant proteins are hydrolyzed by 
enzymes in the body into amino acids which are absorbed by blood 
and reach various tissues. These amino acids recombine to synthesize 
proteins which are required by the organism. Hence, animal proteins 
are synthesized from amino acids. 

Proteins are polyamides and the monomers from which they are 
derived are «-amino acids. A single protein molecule may contain hun- 
dreds or even thousands of these amino acid units. Twenty amino acids 
are known which combine differently to give protein molecules. It is 
likely that tens of thousands of these proteins are required to make up 
and run an animal body and this set of proteins is not identical with 
the proteins required for another type of animal. 


Amino Acids 


The general formula of an amino acid is illustrated below, where 
—NH,; and —COOH are amino group and carboxyl group, respec- 
tively. G is a group which differs in different amino acids. 


o 
a l 
Ht lee Or 


G 
The general formula of «-amino acid 


The simplest amino acid is glycine where G = H. If G = CH, the 
amino acid is alanine, CH;CHNH,COOH. All «-amino acids, except 
glycine, contain an asymmetric carbon atom and, therefore, show 
optical activity. Since proteins are made up of amino acids, therefore, 
proteins are also optically active. 


s H 
| 
du ark aia 
NH, NH, 
glycine alanine 


Peptide Bond 


In proteins, the adjacent amino acids are joined in such a way that 
the amino group of one acid joined with the carboxyl group of its 
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IL | 
neighbour, forming an imide bond. The imide bond —C—N— in pro- 
teins is called the peptide bond. 

Depending on the number of amino acid residues per molecule, they 
are known as dipeptides, tripeptides, and so on, and finally polypep- 
tides. By convention, peptides of relative molecular mass up to 10,000 
are known as polypeptides and those with relative molecular mass 
higher than 10,000 are called proteins, 


R R 

| | 
H,N—C—COOH + H;N—C—COOH 

| | 


H H 

amino acid amino acid 
ROHR 

—H:O bos RN 
-> H;N—C IRAE COOH 

| 
H H 
dipeptide 


Primary Structure of Proteins 


It is clear from the structure of a polypeptide (shown below) that 
every third atom of the peptide chain is attached to side chain G, the 
structure of which depends upon the particular amino acid residue in- 
volved. This structure of the polypeptide is the primary structure of 
proteins. A line drawn connecting the G groups (as shown below) 
would resemble a helical or a spiral structure (Fig. 19.3). Thus pri- 
mary structure of a protein indicates the sequence of different amino 
acids present in a protein. 
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Fig. 19.3 Primary structure of polypeptide indicating 
a helical structure 


Proteins are divided into two broad classes; namely, fibrous proteins, 
and globular proteins. 


Secondary Structure of Proteins 


This structure shows the way in which the polypeptide chains are 
arranged in space to form coils, sheets or compact spheroids. Protein 
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molecules assume different shapes due to hydrogen bonds holding 
different chains or different parts of the same chain (Fig. 19.3). 

The >C=O and —NH— bonds form strong hydrogen bonds which 
link one part of the chain to another. Each chain is coiled to form a 
right-handed spiral called an «-helix. On an average there are 3.7 
amino acid residues per turn of the coil. 

Fibrous proteins are either thread-like, long, rod-shaped or have 
sheet-type structure. These are insoluble in water. Hair, hoofs, skin, 
nails, wool, silk, muscle proteins are the example of fibrous proteins. 

The spiral or helical structure is adopted by fibrous proteins such 
as wool (keratin) and hair (collagen). Such proteins are elastic (Fig. 
19.4). On stretching, weak hydrogen bonds are broken and the chain 
becomes longer (like stretching of a spring). On releasing the tension 
the Bises ond are formed again. Thus, the original shape is re- 
gained, 
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Fig. 19.4 Hydrogen bonding within the same 
chain of protein 


Another type of secondary structure of fibrous proteins is possible. 
It is known as beta-pleated sheet structure. Beta (8-) pleated structure 
is formed when hydrogen bonds are formed between different chains 
of polypeptide which are laid side-by-side. A number of such chains 
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are held together by hydrogen bonding to give a sheet-like structure 
to protein. These sheets are placed one over another to form a three- 
dimensional structure known as beta-pleated sheet (Fig. 19.5). Such 
sheet like structures do not stretch on pulling because this leads to 
pulling of strong covalent bonds. On the other hand, such structures 
can bend because sheets can bend easily (as sheets can slide over each 
other) Silk (fibroin) has a beta-pleated secondary structure (Fig. 
19.6). That is why silks do not stretch on. pulling. 


® ® 


Fig. 19.5 Sheet structure of fibrous protein due to hydrogen bonding 
in different chains of proteins 


Fig. 19.6 A -pleated sheet of silk protein 


Globular Proteins and Tertiary Structure of Proteins 


Molecules of some proteins have a more complex structure. For ex- 
ample, myoglobin (Fig. 19.7) in the muscles and haemoglobin present 
in blood. Such proteins have a more compact structure and often have 
a shape like a sphere. Such proteins are known as globular proteins. 
Globular proteins are soluble in water and aqueous solutions of acids, 
bases and salts. 

Globular proteins have a greater number of chains of polypeptides 
which are folded up in a complex manner to give a sphere-like com- 
pact structure. Folding up- of polypeptide chains to give a compact 
Shape is known as tertiary structure of proteins. 
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Globular proteins are of great importance since they act as catalysts 


(enzymes) for reactions occurring in a living system. They also perform 
many other functions. 


Denaturation 
— 


ol- helix 


Fig. 19.7 Molecule of myoglobin Fig. 19.8 Denaturation of a protein 
is unfolding of its tertiary structure 


Denaturation of Proteins 


Most of the proteins in solution, when heated, undergo coagulation. 
"This, phenomenon is known as denaturation, for as result of this, the 
tertiary structure of the protein is altered and they cannot be convert- 
ed back to the original form of proteins (Fig. 19.8). Coagulation of 
egg albumin (white of an egg) by heat is a familiar example of denatu- 
ration. Formation of cheese from milk is also denaturation of proteins. 

Concentrated acids, bases, strong electrolytes and heavy metal ions 
(Hg**, Ag", etc.) also cause coagulation and denaturing. 

Denatured proteins become useless for biological activity. Thus 
enzymes become ineffective when heated. 

In some cases denaturation is reversible. In reversible denaturation 
the protein unfolds in the presence of a denaturating agent like salt. 
But the proteins regains its original state on removal of the denatura- 
ting agent. Some proteins when denatured cannot be restored to their 
original form. This type of denaturation is irreversible in nature. 


Enzymes 


Enzymes are globular proteins and are able to catalyze the chemical 
reactions which occur in living systems. Thus enzymes are the biolo- 
gical catalysts. 

Most of the biological reactions in cells occur in dilute aqueous 
solutions (low concentration), around neutral pH (about 7), physio- 
logical temperature that is 310 K (or 37 °C) and normal atmospheric 
pressure. Under this narrow range of conditions reactions cannot 
occur without the help of catalysts like enzymes. Under these condi- 
tions chemical catalysts are unable to catalyze the reaction. 
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Enzyme are unusual in more than one respect. Enzyme are highly 
specific for the type of reaction which they catalyze. An enzyme which 
can catalyze hydrolysis of a carbohydrate will not be able to aid oxi- 
dation or any other chemical change. Moreover, enzymes are highly 
specific for the substances on which they act. An enzyme which can 
act on protein will not act on fats or carbohydrates. Thus enzymes 
are highly specific for substrate and action. They are also very sensi- 
tive to changes in pH, temperature and concentration of substrate or 
other impurities. 

In spite of all these limitations, enzymes are highly efficient. They 
can speed up a reaction even to 10?? times. For example, the enzyme 
carbonic anhydrase (present in red cells of blood) can catalyze the 
breakdown of carbonic acid to carbon dioxide and water. 


Carbonic anhydrase 
CO, — Ore ED 


Under ideal conditions one molecule of the enzyme carbonic anhy- 
hydrase is capable of catalysing breakdown of about 36 million mole- 
cules of carbonic acid in one minutes. This enzyme is able to maintain 
the level of carbon dioxide in blood and tissues. 

Success of a living system lies in its ability to synthesise a large 
number of enzymes. A typical cell contains about 3000 different kinds 
of enzymes which are able to catalyze particular reactions to match 
specific requirements. 

Deficiency of even one enzyme in the body can cause serious disease. 
For example, deficiency of the enzyme phenylalanine hydroxylase 
causes a disease known as phenyl ketone urea. Though, in some 
patients the disease can be controlled by proper regulation of diet. 


19.4 NUCLEIC ACIDS 


Nucleic aids are water-soluble high polymers formed in high concen- 
tration in the nucleus of a living cell. These are the substances which 
control heridity. These are the major constituents of nucleus of a cell. 

They have long chain-like proteins. In proteins, the long chains con- 
sist of polypeptides, whereas in nucleic acids, the chain is a polyester 
chain called polynucleotide chain. The nucleic acids are macromole- 
cules, Their monomer unit is a nucleotide. A nucleotide has a three 
molecules, namely phosphate group, a pentose sugar (ribose or deoxy- 
ribose) and a nitrogenous base. Adenine (A) and guanine (G) are the 
purine bases while thymine (T), cytocine (C) and uracil (U) are the 
pyrimidine bases (Fig. 19.9). 

The polyester chain in nucleic acid is derived from phosphoric acid 
(the acid portion) and sugar (the alcohol portion). The heterocyclic 
bases are also attached to the chain. The structure of a common nu- 
cleotide, adenosine monophosphate is shown in Fig. 19.10, 
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Fig. 19.9 The nitrogenous bases in nucleic acids 


Growth of living beings is by multiplication of cells. The cells multi- 
ply by self-duplication by cell division. A cell divides into two identi- 
cal cells. Thus, a cell must have record of order of the amino acids of 
all its enzymes and proteins in it. Because proteins are constantly re- 
quired for production of new cells and to repair the damaged cells. 
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Tiaa 
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Fig. 19.10 A nucleotide adenosine monophosphate (AMP) 


The difference in various species is due to the nature and amounts of 
different proteins in them. Thus, on cell division each cell must have 
information about their proteins. This information is stored in nucleic 
acids. 


Structure of Nucleic Acids 


Nucleic acids are of two types depending upon the nature of the sugar. 
The sugar is either D-ribose in the group of nucleic acids known as 
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RNA (ribonucleic acids) or D-2-deoxyribose (containing one less oxy- 
gen at the number 2 carbon than ribose) is known as DNA (deoxyri- 
bonucleic acids). These sugar are in the furanose form (Fig. 19.11). 
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Fig. 19.11 Deoxyribose and ribose are pentose sugars 


The RNA and DNA differ in nature of heterocyclic base, relative 
molecular mass, shape and in biological functions. The sugar units are 
joined to phosphate through the C-3 and C-5 hydroxyl groups 
(Fig. 19.12). Some heterocyclic bases are joined to C-1 of each sugar 
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“18. 19.12. The primary structure of a chain of DNA'and RNA 
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through a B-linkage. The most common bases found in nucleic acids 
are those belonging to purines (adenine and guanine) and pyrimidines 
(thymine, cytosine and-uracil). The proportions of these heterocyclic 
bases and the sequence in which they follow each other along the 
polynucleotide chain differ from one kind of nucleic acid to another. 


The Double-Helix Structure 


The secondary structure of DNA was given by Watson and Crick 
(1953) from chemical and X-ray data. Two polynucleotide chains, 
identical but heading in opposite directions, are wound or coiled about 
each other on a common axis to form a double helix, 18-20 A in dia- 
meter (Fig. 19.13). 
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Fig. 19.13 A double-helix structure Fig. 19.14 Specific pairing of bases 

of a DNA molecule in DNA 


The two strands are right-handed and have ten nucleotide residues 
per turn. They are held together at intervals :by extensive hydrogen 
bonding between bases which occupy positions at right angles to the 
axes of the strands. The hydrogen bonds are formed between adenine 
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and thymine and between guanine and cytosine, Such hydrogen bond- 
ing is highly specific, every base does not form hydrogen bonding with 
all the other bases. Thus, adenine(A) will get linked to thymine(T) by 
two hydrogen bonds. Guanine(G) is linked to cytocine(C) with three 
hydrogen bonds (Fig. 19.14). The other combinations are not possible 
because the hydrogen bonds do not fit properly (Fig. 19.14). When 
such a pairing of bases between two coils or strands of DNA takes 
place, the two strands are said to be complementary to each other. 
The specific pairing of hydrogen bonding makes it possible for either 
strand of nucleotide to serve as a master tape for duplication of DNA 
molecules of which they are parts. : 
When a cell divide, the A and B strands began to separate or unzip 
at one end as the hydrogen bonds are broken (Fig. 19.15). Molecules 
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Fig.19.15 Separation of strands A and B of DNA molecule to form 
two new molecules of DNA 
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of nucleotide units come and form new covalent bonds with the sepa- 
rated ends of each strand. The selection of nucleotide is governed by 
the pairing of the base which can form hydrogen bonding (Fig. 19.15). 
Thus, a DNA molecule will produce two identical molecules of DNA 
which are similar to the original onc. During cell division one mole- 
cule goes to one cell while the other goes to the second cell. Each of 
the new DNA molecules will then go to duplicate itself in the same 
manner when its cell is to divide into two cells (Fig. 19.15). 


Functions of Nucleic Acids 


The macromolecule DNA is called the master molecule since it plays 
the key role in life processes. It supplies the cell with information and 
instructions on how to prepare certain proteins and thus control the 
manufacture of proteins. 

Cellular DNA has the property of precise self-replication. DNA 
is a reproducing molecule. Thus, the self-replication property of DNA 
is at the root of reproduction processes and forms the basis for the 
reproduction of a complete plant and animal. 


DNA undergoes mutations, ie. becomes slightly or permanently 
altered in its nitrogenous base arrangement. This is carried out by the 
action of X-rays, y-rays, ultraviolet light and certain chemicals. Asa 
result of these changes, the structural and functional traits can change 
and these changes are shown in all cells of the plant or animal and its 
progeny. 

The content of a cell with respect to some other chemicals may 
change under different environment, but its DNA content remains 
constant. 

RNA differs from DNA in that the former contains the sugar 
ribose and the latter contains deoxyribose. The bases adenine, guanine, 
cytosine and uracil are present ia RNA while DNA has thymine and 
2-methyl cytosin2 in place of uracil. The molecular masses of the two 
and their biological functioning are also different. RNA is a single- 
strand molecule. DNA produces m-RNA to give out message for the 
synthesis of a particular protein, 

There are three types of RNA molecules, used for protein synthesis 
in a cell. These are: 


1. Messenger RNA (m-RNA), 
2. Ribosomal RNA (f-RNA) and 
3. Transfer RNA (t-RNA). 


The m-RNA is a complementary copy of a segment of one strand 
of DNA. It carries the message of DNA for specific protein synthesis 
as and when required. 

The r-RNA provides the necessary site for protein synthesis in the 
cytoplasm but does not carry any message of DNA. 

The t-RNA transfers amino acids to the site of the protein synthe- 
sis. There are at least twenty different t-RNA molecules known to 
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occur in the cell. Each of these molecules is specific for one amino 
acid. : 

A sequence of three bases (triplet) along a DNA chain carries a 
code for a particular amino acid. Thus, a particular set of triplets in a 
part of DNA corresponds to a particular sequence of amino acids in 
protein. Each segment of DNA molecule, which codes for a complete 
protein is known as gene. The DNA found in a human cell has about 
5-50 billion nucleotides bases which code for nearly one million genes. 
The chromosomes are thread-like structures present in the nucleus of 
a cell. On which genes are arranged in a specific sequence. The chro- 
mosomes per cell in a species are constant. For example, man has 46 
chromosomes while a potato has 40 chromosomes per cell. 


Viruses 


Viruses are the enemies of healthy cells in animals and plant. These 
are chemical parasites. It is improper to call virus a living being but 
these are able to reproduce in living systems, so these can be consider- 
€d to be on the border line between nonliving and living beings. 

These viruses are known to cause several diseases in animals and 
plants. Influenza, mumps, measles, poliomyeletis, small pox and com- 
mon cold are the some of the viral diseases of human. Tobacco mosaic 
virus (TMV) causes damage to. plants. 

Most viruses are no more than a protein coat wrapped around a 
nucleic acid core. The nucleic acid can be RNA or DNA. The RNA. 
type viruses are polio virus and tobacco mosaic virus (TMV). Some 
DNA type viruses are herpes virus, SV 40 and polyoma (cancer caus- 
ing (virus). 


Replication of Viruses 


When a virus attacks the host, its RNA portion invades the cell wall 
and once its RNA is inside the cell then its RNA directs the cell's 
metabolic machinery to carry on functions which are not the normal 
functions of the cell. For example, it will direct the cell to provide its 
RNA with a new coat of protective protein. Thus, virus gets multiplied 
in a cell. On cell division more virus will also get multiplied (Fig. 


19.16). 
Vj i PEN 
‘produced ; Protein sheath 
Multiplication pau DNA 


py A 
DNA 


Fig. 19.16 Reproduction of viruses 
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Viral Diseases and Defence Mechanism 


Many viruses have been isolated and even purified to get the crystal- 
line form. The challenge of modern medicine is to invent means of 
helping cells to resist the invasion of invaders. Since viruses cannot be 
killed as bacteria or other living organisms can, the cells must be pro- 
vided with some means of ignoring the instructions of the viral RNA. 
Antibodies which are generated by the cell in response to immunizing 
agents (or natural antibodies) are able to do this. Thus, viral diseases 
can be effectively controlled by inducing immunization in the body. 

Common cold is due to the effect of invasion of a wide variety of 
viruses. Therefore, it is difficult to find one immunizing agent which 
can be effective against so many viruses. 


AIDS 


Another disease, AIDS (acquired immunio-deficiency syndrome) is also 
caused by a virus. This virus has a sugar coat on it. The virus destroys 
the mechanism which instructs the cell to produce antibodies. Thus 
the AIDS virus continues to multiply. Moreover, other disease-causing 
organisms are also remain unnoticed by the defence mechanism of the 
body. Thus, immunity of the body to several diseases is lowered and 
the patient is unable to live for long. 


19.5 LIPIDS 


The term lipids is used to cover fats (fatty acid esters) and a variety of 
other compounds like waxes, phospholipids, steriods, etc. which occur 
in living organisms. 

Lipids may not have same functional groups and are not polymeriz- 
ed. Their relative molecular mass are relatively low and they have 
similarities to hydrocarbons. The common property of the class of 
lipids is that these occur in plants and animals and are soluble in 
organic solvents such as ether, chloroform and carbon tetrachloride 
but seldom in water. 


Oils and Fats 


The common fats and oils are the triglyceride esters of higher fatty 
acids. The esters on enzymatic digestion in the body (i.e. hydrolysis), 
give one molecule of glycerol and three molecules of fatty acid. 


H,C—O—CO—R H,C—O—H 
Hydrolysis | 
HC—O—CO—R + 3H;0 -> HC—O—H + 3RCOOH 
(enzymes) | Fatty acid 
H;C—0—CO—R H,C—O—H 
Fat or oil Glycerol 


(triglyceride ester of fatty acid) 
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The most common saturated fatty acids are stearic acid, 
CH;(CH,),;COOH and palmitic acid, CH,(CH,),,COOH. Unsaturated 
fatty acid, oleic acid, CH;(CH,),—CH =CH—(CH;),COOH occurs 
in animals and plants. Linoleic acid, CH3;(CH5), —H —CH—CH;— 
CH=CH—(CH,),COOH and linoleneic acid, CH;CH,—CH=CH— 
CH,—CH=CH—CH,CH=CH(CH,),COOH are the unsaturated fatty 
acids which occur in vegetable oils. 

In general, vegetable oils are unsaturated (low melting) and animal 
fats are saturated (high melting). This explains why vegetable oils are 
liquids and fats are solids at room temperature. Vegetable oils on 
hydrogenation get saturated and form solid fats (vanaspati ghee). 

Fats act as the primary reserve energy source for the living organ- 
isms and also protect them from physical shocks. Overeating results in 
excess fat storage and can cause health problems, 


Waxes 


Waxes are the esters of the long-chain fatty acids and long-chain ali- 
phatic alcohols. For example, beeswax is myricyl palmitate. 


CH;,—(CH;)i4—C—0-—(CH;)s CH; 
Il 


Waxes are low melting solids. They are used for making floor and 
car polishes. They protect plants from attack of microorganisms and 
loss of water. 


Phospholipids 


Phospholipids are found in egg yolk. Being present in more active tis- 
Sues of the body and in the blood, they play an important role in the 
Structure and functioning of nerve tissues. 

In phospholipids, only two of the glycerol —OH groups are esteri- 
fied by fatty acids and third one is esterified by a phosphoric acid deri- 
Mais The structure of an important phospholipid lecithin is shown 
below: 


H;C—0—CO-—(CH;)4CH; 
` HC—0—CO-—(CH;)iCH; 
(0) 
| Il Eb 
XOU SP eu ai ns 35 
ò- 
etin 
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Steroid Lipids 

Steroid lipids are completely different from fats and phospholipids. 
They have a characteristic cyclic structure with the basic nucleus (cal- 
Jed the steroid nucleus) shown below: 


Cholesterol, cortisone, estrone and. testosterone are some examples of 
steroids. They play different roles to affect physiological activity — 
some function as vitamins and hormones. 


EXERCISES 


1. What is a cell? What are its important parts? 
2. What are the elements whose compounds form major constituents of a 
cell? 
3. What are carbohydrates? How are these classified on the basis of their 
hydrolysis product? 
4. What are aldose and ketose sugars? 
5. What are disaccharides? Give three examples of disaccharides 
monomer units? 
6. Write a short note on 
(a) starch 
(b) cellulose 
(c) glycogen 
7. What is photosynthesis? 
8. What are amino acids? 
9, What are polypeptides and proteins? 
10. What do you understand by primary structure, secondary S 
tertiary structure of proteins? 
11. What are fibrous and globular proteins? 
12. What is denaturation of proteins? 
13. What are enzymes? What are the characterists of enzymes? s 
14. Why do enzymes become inactive at very high or low temperature? 
15. What are nucleic acids? How many types of nucleic acid are there? 
16. What are nucleotides? What nitrogenoas bases are present in them? 
17. What is the double-helix structure of DNA? 


and their 


| 
tructure and | 
| 
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18. Why do the bases in DNA get paired? 
19. How is DNA able to duplicate itself? 
20. What are the functions of DNA and RNA? 
21, What are viruses? Give names of some viral diseases? 
22. What is AIDS? What are its causes? Why is it considered to be a dread- 
ful disease? 
23. What are lipids? Explain the terms: 
(a) waxes 
(b) fats 
(c) oils 
(d) phospholipids. 
24, What are the difference between fats and oils? 
25, What are the main functions of the following: 


(a) fats 

(b) proteins 

(c) carbohydrates 
(d) phospholipids. 


Multiple-Choice Questions 


Tick (4/) the correct choice. 
1. The compounds of carbon, hydrogen and oxygen are 


(a) carbohydrates (b) proteins 
(c) enzymes (d) nucleic acids 
2. Which of the following is a monosaccharide? 
(a) maltose (b) starch 
(c) lactose (d) ribose 
3. The sweetest sugar is 
(a) sucrose (b) maltose 
(c) fructose (d) lactose 
4. Cane-sugar is a disaccharide which is made up of glucose and 
(a) maltose (b) fructose 
(c) glucose (d) lactose 
5. Which of the following is a polymer of glucose? 
(a) glycogen (b) starch 
(c) cellulose (d) all the above 
6. The compounds containing carbon, hydrogen, oxygen and nitrogen can 
be 
(a) fats (b) waxes 
(c) proteins (d) carbohydrates. 


7. The number of amino acids which form proteins in nature are about 


(a) 6 (b) 10 
© 15 s (d) 20 
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8. The linkages present between the amino acids in proteins aré known ag 


(a) ester linkages (b) imide linkages 
(c) hydrogen bondings (d) oxide linkages 
9. Silk is an example of 
(a) fibrous protein (b) globular protein 
(c) -pleated sheet (d) none of the above 
10. Which of the following is a globular protein? 
(a) haemoglobin (b) nail 
(c) hair (d) wool 
11. On denaturation of proteins the structure which gets destroyed is 
(a) primary (b) secondary 
(c) tertiary (d) all the above 
12. Enzymes are made up of 
(a) fats (b) carbohydrates 
(c) RNA (d) proteins 


13. A nucleotide contains 


(a) a polymer like RNA 

(b) a base, a sugar and phosphate unit 

(c) a nitrogenous base, ribose and phosphate unit 
(d) none of the above 


14. Nucleic acids are the polymer of 


(a) nucleus (b) RNA 
(c) DNA (d) nucleotide 
15. Double-helix structure of DNA was given by 
(a) Pauling (b) Hargobind Khurana 
(c) Watson and Crick (d) Alfred Nobel 
16. The different types of RNA molecules are 
(a) Messenger RNA (b) Ribosomal RNA 
(c) Transfer RNA (d) all the above 
17. Which of the following is a DNA virus 
(a) polio virus (b) polyoma virus 
(c) herpes virus (d) SV 40 
18. AIDS is caused by 
(a) pollution (b) bacteria 
(c) fungus (d) virus 


19. Oils and fats are the 
(a) triglycerides of higher fatty acids 
(b) esters of higher aliphatic alcohols 
(c) phospholipids 7 
(d) steroids d * * 


50. Waxes are the esters of higher fatty acids and 


(a) glycerol 

(b) ethyl alcohol 

(c) sterols 

(d) higher aliphatic alcohols. 


Answers (Multiple-Choice Questions) 


1. (a) 2. (b) 3. (c) 
6. (c) 7. (d) 8. (b) 
11. (c) 12. (d) 13. (c) 


16. (d) 17. (a) 18. (d) 
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4. (b) 
9. (c) 
14. (d) 
19. (a) 


5. (d) 
10. (a) 
15. (©) 
20. (d) 


Appendix I 


Relative Atomic Masses of Elements 


Element Symbol 
Actinium Ac 
Aluminium Al 
Americium Am 
Antimony Sb 
Argon Ar 
Arsenic As 
Astatine At 
Barium Ba 
Berkelium Bk 
Beryllium Be 
Bismuth Bi 
Boron B 
Bromine Br 
Cadmium Cd 
Caesium Cs 
Calcium Ca 
Californium cf 
Carbon c 
Cerium Ce 
Chlorine cl 
Chromium Cr 
Cobalt Co 
Copper Cu 
Curium Cm 
Dysprosium Dy 
Einsteinium Es 


Atomic 
Number 


Relative 
Atomic 
Mass* 


(227) 
27.0 
(243) 
121.8 
39.9 
74.9 
(210) 
137.3 
(245) 
9.01 
209.0 
10.8 
79.9 
112.4 
132.9 
40.1 
Q51) 
12.0 
140.1 
35.5 
52.0 
58.9 
63.5 
(245) 
162.5 
(254) 


(Contd.) 
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l Element Symbol Atomic Relative 
Number Atomic 
Mass* 
| Erbium Er 68 167.3 
Europium Eu 63 152.0 
Fermium Fm 100 (254) 
| Fluorine B 9 19.0 
| Francium Fr 87 (223) 
Gadolinium Gd 64 157.3 
| Gallium Ga 31 69.7 
| Germanium Ge 32 72.6 
Gold Au 79 197.0 
Hafnium Hf 72 178.5 
Helium He 2 4.00 
Holmium Ho 67 164.9 
Hydrogen H 1 1.008 
Indium In 49 114.8 
Mercury Hg 80 200.6 
Molybdenum Mo 42 95.9 
Neodymium Nd 60 144.2 
Neon Ne 10 20.2 
Neptunium Np 93 237.0 
Nickel Ni 28 58.7 
Niobium Nb 41 92.9 
| Nitrogen N 7 14.0 
Nobelium No 102 (254) 
Osmium Os 76 190.2 
Oxygen o 8 16.0 
Palladium Pd 46 106.4 
Phosphorus P 15 31.0 
Platinum Pt 78 195.1 
Plutonium Pu 94 (242) 
Polonium Po .84 (210) 
Potassium K 19 39.1 
Praseodymium Pr 59 140.9 
Promethium Pm 61 (145) 
Protactinium Pa 91 231.0 


(Contd) 
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Element Symbol Atomic Relattve 
Number Atomic 
Mass* 
Radium Ra 88 226.0 
Radon Rn 86 (222) 
Rhenium Re 75 186.2 
Rhodium Rh 45 102.9 
Rubidium Rb 37 85.5 
Ruthenium Ru 44 101.1 
Samarium Sm 62 150.4 
Scandium Sc 21 45.0 
Selenium Se 34 79.0 
Silicon Si 14 28.1 
Silver Ag 47 107.9 
Sodium Na 11 23.0 
Strontium Sr 38 87.6 | 
Sulphur S 16 32.1 | 
Tantalum Ta 73 180.9 
Technetium Tc 43 98.9 
Tellurium Te 52 127.6 
Terbium Tb 65 158.9 
Thallium Tl 81 204.4 
Thorium Th 90 232.0 
Todine i 53 126.9 
Iridium Ir 77 192.2 
Tron Fe 26 55.8 | 
Krypton Kr 38 83.8 
Lanthanum La 57 138.9 | 
Lawrencium Lr 103 (257) | 
Lead Pb 82 207.2 
Lithium Li 3 6.94 
Lutetium Lu 7 175.0 
Magnesium Mg 12 24.3 
Manganese Mn 25 54.9 | 
Mendelevium Md 101 (256) 
Thulium Tm 69 168.9 
Tin Sn 50 118.7 


| 
| 
(Contd.) " d 
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Element Symbol Atomic Relative 
Number Atomic 
Mass* 
Titanium Ti 22 41.9 
Tungsten w 74 183.8 
Uranium U 92 238.0 
Vanadium SN 23 50.9 
Xenon Xe 54 131.3 
Ytterbium Yb 70 173.0 
Yttrium Ns 39 88.9 
Zinc Zn 30 65.4 
Zirconium Zr 40 91.2 


*Number in parentheses give the mass number of the most stable isotope. 


Appendix Íl 


Values of Some Physico-Chemical Constants 


Constant 


CGS units 


SI units 


Acceleration due to 
gravity, g 


Atomic mass unit, mau 


Avogadro constant, NA 


Bohr magneton, up 


Bohr radius, a; 


Boltzmann constant, k 


Electronic charge, e 
Electronic rest mass, me 


Faraday constant, F 


Gas constant, R 


» 


.. Molar volume of ideal gas 


at 0 ^C and 1 atm, Vn 


980.665 cm s7? 


1.660 56 x 107 g 


6.02205 x 101: 
molecules mol-? 


9.2741 x 10-*! 
erg gauss + 


0.529 177 A 


1.380 66 x 10-!* 
erg K~! 


4.802 98 x 107! esu 
9.109 53 x 107 g 


96 487 coulomb equiv 


8.314 41 x 10° ergs 
K=! mol-? 


0.082 054 litre-atm 
K^ mol 


1.987 cal K* mol 


9.806 65 m s^? 


1.660 56 x 10—" kg 


6.022 05 x 10% 
mol * 

9.274 09 x 107** 
YT 

5.291 77 x 107 m 


1.380 66 x 1075 JK 


1.602 16 x 10-^ C 
9.109 53 x 107" kg 


9.648 46 x 10' C 
mol-* 

8.314 41 J K-! mol-* 

8.314 41 Pa m? K* 
mol 


8.314 41 kPa dm* K* 
mol 


8.314 41 MPa cm* K* 
mol 


0.08314 bar dm? K~* 
mol 


m=? 


(Contd.) 
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Constant 


CGS units 


SI units 


Planck's constant, h 
Proton rest mass, mp 
Vacuum speed of light, c 


Standard atmospheric 
pressure 


6.626 18 x 10-% erg s 
1.672 65 x 10-5 g 
2.997 925 x 10™ cm s? 


76 cmHg 
760 mmHg (or Torr) 
1.0132 x 10* dyn/cm* 


6.626 18 x 107?! J s 
1.672 65 x 107" kg 
2.997 925 x 10 m s™* 


101.325 kPa 
1.013 25 bar 
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